CHAPTER 1



INFRODUCTION

The majority of reactions that are of chemical or biological interest occur in solution.
it was previously believed that solvent merely provides an inert medium for chemical
reactions. The significance of solute—solvent interactions was realised only recently asa result

of extensive studies in aqueous, non-aqueous and mixed solvents'".

Water is the most abundant solvent in nature. in view of its extreme importance in
chemistry, biology, agriculture, geology etc. water has been extensively used in kinetic and
equiliorium studies. In spite of such extensive studies, our knowledge of molecular
interactions in water is extremely limited. Moreover the uniqueness of water as solvent has
been questioned '*!* in recent years and it has been realised that the studies in other solvent
media (non—aqueous and mixed solvents ) would be of great help in understanding ditferent
molecular interactions and a host of complicated phenomena 1>,

Extensive studies on the physical properties of different solvent systems have been
made but a lamentable gap still exists. Several classifications of organic solvents based on
their dielectric constant, organic group type, acid-base properties or assoctation through
hydrogen—bonding'®, donor—acceptor properties's, hard and soft acid—base principles'” etc.
have been made; the properties of different solvent systems show a wide divergence of
properties which would naturally be reflected on the thermodynamic and transport properties
of electrolytes and nonelectrolytes in these solvents. The determination of thermodynamic
and transport properties of different electrolytes in various solvents would thus provioe an
important step in this direction. Naturally, in the develpoment of theories dealing with
electrolyte solutions, much attention has been devoted to ion-solvent interactions which are
the “controlling forces™ in infinitely dilute solutions where ion—ion interactions are absent,
[on—solvent (or broadly speaking solute—solvent) interactions manifest themselves in all
thermodynamic and transport properties of electrolytes génerally obtained by extrapolation
to infinite dilution. By separating these functions into ionic contributions, it is possible to
determine the contributions due to cations and anions in the solute—solvent interactions. Thus
ion — solvent {or solute—solvent ) interactions play very important role in understanding the
physicochentical properties of solutions.



One of the reasons for the intricacies in solution chemistry is that the structure of the
solvent molecule is not known with certainty. The introduction of an ion or solute modifies
the solvent structure to an uncertain magnitude whereas the solute molecules are also
modified and the interplay of forces like solute~solute, solute—solvent and solvent-solvent
interactions becomes predomninant though the isolated picture of any of them is still not

known completely to the solution chemists.

The problem of ion-solvent interactions which is closely akin to 1onic¢ solvation can
be studied from different angles using almost all the available physico-chemical techniques.

lon-solvent interactions can be studied spectrbscopically where spectral solvent
shifts or the chemical shifts determine their qualitative and quantitative nature. But even
qualitative or quantitative apportioning of the ion-solvent interactions into the various
possible factors is still an uphill task.

The ion-solvent interactions can also be studied from the thermodynamic point of
view where the changes in free energy, enthalpy and entropy associated with a particular
reaction can be qualitatevely and quantitively evaluated (using various physicochemical
techniques) from which conclusions regarding the factors associated with the ion-solvent
interactions can be worked out. Sometimes, higher derivatives of these properties
(c.g., partial molar volume, compressibility etc.) have been interpreted more effectively in
terms of molecular interactions. |

Similarly, the ion-solvent interactions can be studied using solvational approaches
involving the studies of different properties e.g. , viscosity, conductance etc. of electrolytes
and hence to derive the various factors associated with ionic solvation.

We shall particularly dwell upon the different aspects of transport and thermodyvnamic
properties as the present dissertation is intimately related to the studies of viscosities,
conductances and apparent molar volumes of different tetraalkyl ammonium bromide salts in

acetontiirile, methanol as well as in their binarv mixtures.

Viscosity

Viscosity is one of the most important transport properties used for the determi-
nation of 1on-solvent interactions and it has been studied extensively 2!, Viscosity is not a



thermodynamic quantity, but viscisity of an electrolytic solution together with the thermody-
namic property, i}"z, the partial molar volume gives much information and insight regarding
ion-solvent interactions and the structures of the electrolytic solutions. The viscosity
relationships of electrolytic solutions are highly complicated. There are strong electrical forces
between the ions and solvent, and the separation of these torces is not really possible. But
from careful analysis, valid conclusion can be drawn as to the structure and the nature of

solvation.

Viscosity is 2 measure of the friction between adjacent, relatively moving, parallel
planes of the liquid. Anything that increses or decreases the interaction between the planes
will raise or lower the friction and therefore increase or decrease the viscosity.

The first systematic measurements of viscosities of a number of electrolyte solutions
over a wide concentration range was attempted by Gruneissn® in 1905. He noted
nonlinearity and negative curvature in the viscosity-concentration curves (irrespective of low
or high concentrations). In 1929, Jones and Dole” suggested an empirical equation (1),
quantitatively correlating the relative viscosities () of the electrolytes with molar
concentration, (c) :

M= 1+Ac*+Be ' (1)
The equation reduces to
(m,~1)/c*= A+ Bc* (2)

where A and B are constants specific 1o ion-ion and ion-solvent interactions Tespectivety.
The equation is applicabie equally to aqueous and non-aqueous solvent systems where there
is no ion association and has been used extensively. The term Ac*, originally ascribed
to Gruneisen effect, arose from the long range Coulombic forces between the ions. The
significance of the term had since then been realised due 10 the development of Debye-
Huckel theory* of interionic attractions {1923 ), Falkenhagen’s*? theoretical calculation of
the constant A, using the equilibrium theory and the theory of irreversible processes in
eletrolytes developed by onsager and Fuoss®. The A-coefficient depends on the ion-ion
interactions and can be calculated from the physical properties of the solvent and solution
using the Falkenhagen-Vernon* equation.
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where A", A%, and A° are the limiting conductances of the electrolyte, cation and anion
respectively at temperature T. £ and n are the dielectric constant and viscosity of the solvent

respectively.

For most solutions, both aqueous and non-aqueous, the equation is valid upto
0.1M'82 At higher concentrations, the extended Jones-Dole equation (4) involving an

additional constant D, originally used by Kaminsky®®, has been used by several workers®'-*;
N~ 1+Ac"+Bec+ D (4)

The constant D can not be evaluated properly and the significance of the constant is also not

always meaning{ul and, therefore, equation (1) is used by most of the workers.

The plots of (1_-1)/c”* against ¢* for the clectrolytes should give the value of A but
in general the values come out to be negative or considerable scatter or deviation from
linearity occur #****_ Thus , instead of dctermining the A-values from the plots or by least
squares mcthod, the A values are generally calculated using the Falkenhagen-Vernon
equation (3).

In some solvents with very low relative permittivities (& < 20) even at the low
concentrations at which B is determind, partial association takes place. Only the fraction o is
then in the form of “free™ ions; the rest, 1-o, being ion-paired. This can be taken into

account, by modifying equation (2) to
[n-1-A o) Jloe = B+ B,(1-0)/ & (4a)

where B; pertains to the free iong and Bp to the ton pairs. A plot of the left hand side of
the above equation against (1-c)/ou yiclds B, as the intercept.

11



The B-cocefficient may be either positive or negative and it 1s actually the ion-solvent
interaction parameter. It is conditioned by the ion-size and the solvent and cannot be
calculated a priort. The B-coefficients are obtained as slopes of the straight lines using the
least squares method and the intercepts being cqual to the A-values. The factors which

influence B — values are®-*.

(1) The eflect of ionic solvation and the action of the {ield of the ion in producting

long range order in solvent increase 1 or B-values.

(2) The destruction of the three dimensional structure of solvent maolecules

(i.e., structure breaking effect or depolymerisation effect) decreases n—values.

(3) High molal volume and low relative permittivity, which yield high B-values
for similar solvents.

(4) Reduced B-values are obtained when the primary solvation of lons is
sterically hindered in high molal volume solvents or if either ion of a binary

electrolyte cannot be specifically solvated.



Viscosities at higher concentrations
It had been found that the viscosity values at high concentrations (1M to saturation)

can be represented by the empirical formula suggested by andrade®.
n=Aexpb/T : {3)

Several alternative formulations have been proposed for representing the results of - viscosity
measurements in the high concentration range™* and the equation suggested by angell***
based on an extension of the free volume theory of transport phenomena in liquids and fused

salts to ionic solutions is particularly noteworthy. The equation is

1M =A[KIN - N . (6)

where N represents the concentration of the salt in eqv. Litre!, A and K’ are constants
supposed to be independent of the salt composition-and N, is the hypothetical concentration
at wgich the system becomes glass. The equation was recast by Majumdar er. al,, ¢
introducing the limiting condition that as N - 0,m -, the viscosity of the pure solvent.
Thus we have '

K' N
ng/my) g TN N (7)

Equation (7) predicts a straight linc passing through the origin for the plot of Inm_ vs.
N/(N,-N),if a suitable choice for N, is made. This equation has been tested by Majumdar
ct al using the data {rom the literature and front their own experimental results. The best
choice for N and K’ was sclected by a trial and error method. The set of K’ and N which
produces minimum deviation between N, (expt) and 7, (thco} was accepted. In dilute
solutions,r N <N, and we have

N, = exp (K'N/NZ )= T +K'IN/NJ? - (8)
which is nothing but the Jones-Dole equation with the ion-ion interaction term represented as

B = K’/ N The agrecment between B values determined in this way and those obtained

using the Jones-Dole equation has been found to be good for several electrolytes.



Further, equation (7) written in the form

NN N
l[l Tlrel K’ K’

closely resembles Vand’s equation 41 for fluidity ( reciprocal of viscosity )

25¢ l :
- - (10
33 log 1 v Qe )

rel

Where c is the molar concentration of the solute and V is the effective rigid molar volume of
the salt and Q is the interaction constant.

Division of B coefficient into ionic values

The viscosity B coefficients have been determined by a large number of workers in
aqueous, mixed and non-agueous solvents®-***%". However, the B-coefficients as determined
expertmentally using Jones-Dole equation, do not give any impression regarding ion-solvent
interactions unless there is some way to identify the separate contributions of cations
and anions in the total solute-solvent interactions. The division of B-values into ionic
components is qu_ité arbitrarily based on some approximation or assumptions, the validity of
which may be questioned. '

The following methods have been used for the division of B-values into lonic
components ;

(1) Cox and Wolfenden® carried out the division on the assumption that B,
values of Li* and 10, in LilO, are proportional to the ionic volumes which are again propotional
to the third power of the ionic mobilities. The method of Gurney® and also of Kaminsky™ is
based on

K~ Cl

B =B.- (inwater) (1)
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The argument in favour of this assignment is based on the fact that the B-coefficient for KClI
is very small and that the mobilities of K* and Cl- are very similar over the temperature range
15-45°C. The assignment is supported from other thermodynamic properties'®. Nightingale'®,

however, preferred RbC] or CsCl rather than KC! from mobility considerations.

(2) The method suggested by Desnoyers and Perron® is based on the assumption

that the ion Et,N” in water is probably closest to being neither structure breaker nor a

~ structure maker. Thus they suggest that it is possibleto apply, with a high degree of accuracy.
Einstein’s equation’®!.

‘ B =0.0025v?° (12)

and by having an accurate value of the partial molal volume of the ion Vv °, it is possible to
calculate a value of 0.359 for B(Et, N+) in water at 298.15 K.

On the other hand, Sacco ef.al,” proposed the widely used “reference
electrolyte” method. Thus for tetraphenylphosphonium tetraphenylborate in water, we have

B®PhB) = B(Ph4P+) =B(Ph,PBPhL, )/ 2 (13)
B (Ph,PBph,) (since PhPBPh, is scarcely soluble in water) has been obtained from

B(NaBPh,) + B (Ph,PBr) - B (NaBr) = B (Ph PBPh,) (14)

The ionic B-values obtained by this rhethods are in good agreement with those obtained by-

other methods..

‘The criteria adopted for the separation of B-coefficients in non-aqueous solvents
differ from those generally used in water. However, the methods are based on the equality of
equivaient conductances of counter ions at infinite dilution. Thus

(a) Criss and Mastroianni® assumed B(K ) = B(CI') in methanol ( based on equal
mobilities of ions'®?). They also adopted B(Me N*) =0.25 at 298.15 K as the initial value
for acetonitrile solutions. '

( b) For acetonitrile solutions, Tuan and Fuoss'®* proposed the equality



B (BuN) = B(Ph,B) (15)
since they thought that these ions have similar mobilities. However, according to Springer

et. al,", A" (BuN") =614 and A°(PhB")=>58.3 at298.15 K in acetonitrile.

(¢) Gopal and Rastogi*® resolved the B—coefficients in N—-methylpropionamide

solutions assuming that
B (Et,N") =B (I) ' (16)

at all temperatures. In dimethyvlsulphoxide, the divisions of B—coefticients were carried out

by Yao and Bennion® assuming
B [(i-Pe}, BuN" ] =B [Ph,B-]= 0.5 B[ (i-Pe), BuNPh,B] (17)

at all temperatures. Wide use of this method has been made by other authors for
dimethylsulphoxide®, sulpholane®, hexamethy1phosphotriamide® and ethylene carbonate'®
solutions.

The methods, however, have been strongly criticised by Krumgalz'%. According to
him, any method of resolution based on the equality of limiting equivalent conductance for
certain ion suffers from the drawback that it is impossible to select any two ions for which

A%, = A" in all solvents at proper temperatures. Thus, though A% ( K™} = A°(CI) at 298, iI5K

in methanol, but not in ethanol and in other solvents. In addition, if the mobilities of some
ions are even equal at infinite dilution, it is not nécessarily true at moderate concentrations
for which the B-coefficient values are calculated. Farther, according to him, equality of
dimensions of (i-Pe ), BuN* or (i—Am' ), BuN*and Ph,B- does not necessarily imply equality
of B-coefficients of these ions and they are likely to be solvent and ion—structure dependent.

Krumgalz'*®" Jater on proposed a method for the resolution of B-coefficients. The
method is based on the fact that-the large tetraalkylammonium ions are not solvated'®*'® in
organic solvenis (in the normal sense involving significant electrostatic interaction). Thus,
the 1onic B-values for large R N* ions ( where R 2 Bu ) in organic solvents are proportional
to their ionic dimensions. Thus we have
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BRNX) =a - b[r (RN")] | (18)

where a=B (X ) and b 1s a constant dependent on temperature and solvent nature.

The extrapolation of the plot of B (R NX) (R> Pror Bu) against{r(R,N"}] to zero
cation dimension gives directly B (X)) in the proper solvent from which other ionic B-values

can be calculated.
The ionic B-values can also be calculated from the equations
B(RN")-B(R'N)=B({RNX) B(®R NX) (19)
and

B(RN)/B (RN} = [r(R,N) ]3 / [r (R",N") ]3 (20)

The radii of the tetraalkylammonium ions have been calculated from the accurate
conductometric data''®.

Gill and Sharma’™ used Bu,NBPh, as a reference electrolyte. The method of
resolution of B is based on the assumption. like Krumgalz, that BuN" and Ph,B- ions with
large R-groups are not solvated in non-aqueous solvents and their dimensions in such
solvents are constant. The ionic radii of Bu,N* (5:00 A) aﬂd of Ph 3~ (5.35 A) have been, in
fact, found to remain constant in different non~aqﬁeous and mixed non-aqueous solvents by

Gill and co-workers. They proposed the equation
- - ERC R 3
B(Ph,B)/BBuN") = [r(Ph,B)] / [r(Bu,N)] - (5.3575.00)° (21)

and

B (BuNBPh) = B (BuN*) + B (PhB) (22)



The method requires only the B-values of B(Bu,NBPh,) and is equally applicable to
mixed non-aqueous solvents. The lonic B-values obtained by this method agree well with

those reported by Sacco ef. al.” in different organic solvents using the assumption :
B (i-Am_:I%uN*) =B (Ph,B) - 0.5 B (i-Am,BuNBPh,) (23)

Lawrence and Sacco™7® and Sacco al. al” employed Bu,NBBu, (tctrabutyl-
ammonium tetrabutylborate) and Ph PBPh, (tetraphenylphosphonium triraphenylborate) as
reference electrolytes because the cation and anion in each case are symmetrically shaped

and have almost cqual van der waals volumes. Thus, we have,

B(BuNY V,_ (BuN"
B (BuB)  V_ (ByB)

(24)

oF V_ (Bu,B)

)= N : +
B (Bu,N")=B (BuNBBu, )/ [1 V_(BuN)

(25)

A similar division can be made for the Ph,PBPh, system.

Lawrence et. al.” reported the viscosity measurements of tetraalkylammonium
bromides in DMSO and HMPT. The B-coefticients were plotted as functions of the van der
Waals volumes, Stokes’ radil and formula weights of the cations, and the linear portions of|
the grdphs were extrapolated to the zero value of each property. The intercepts thus obtained
were compared with the ionic B (Br) values obtained using Bu,NBu, B and Ph, PBPh, as
reference salts: They concluded that the ‘reference sait” method is the best available method
for the separation of viscosity B-cocfficients into ionic contributions. Their analysis 1s in

agreement with the conclusions made by Thomson et. al ¥4,

Jenkins and Pritcheit'!! supgested a least square analytical technique to examine
additivity relationship for combined ion thermodynamics data, to etfect apportioning into
single—ion components for alkali halides by employing Fajans’ competition principale''? and
‘voleano plots’ of Morris'. The principle was extended to derive absolute single ion
B-values for alkali metals and halides in water. They also observed that B (Ca") = B (I)
suggested by Krumgalz'® to be more reliable than B (K*) = B (CI) in aqueous solutions.
However, we require more data to test the validity of this method.



It is apparent that most of these methods are based on certain approximations -and

anomalous results may arise unless proper mathematical theory is developed to calculate the

B-values.

Temaperature dependence of B,  — values

A regularity in the behaviour of B: and dBx/ dT has been observed both in aqueous
and ndn—aqueous solvents'® and useful generalisations have been made by Kaminsky*. He

observed that
( i) within a group of the periodic table, the B, -values decrease as the crystal tonic

radii increase.

( ii ) within a group of periodic system, the temperature coefficient of B, values
increases as the ionic radius increases. The results can be summarized as follows :

(i) AanddA/MdT>0 (26)

(i) BiDn<OanddBion/@T>0 (27)
are characteristic of structure breaking ions, and

(iit) B_>0anddB _/dT <0 (28)
are characteristic of structure making ions.

When an ion is surrounded by a solvation sheath, the properties of the solvent
molecules within this sheath may be different from those present in the bulk structure. This

is well reflected in the “‘cosphere’ model of Gurney', A, B, C zone of Frank and Wen!!® and
hydrated radius of Nightingale.

Siokes and Mill'® gave an analysis of viscosity incorporating the basic ideas
presented before. The viscosity of a dilute electroivte solution has been equated to the
viscostty of the solvent (1)) plus the viscosity changes resulting from competition between
various effects occurring in the tonic neighbourhood. Thus,



n =, # 0t EnE s o= n e, (A Ve +Be) (29
( Jones—Dole equation ) -

™, is the positive increment in viscosity caused by Coulombic interaction. Thus,

nE+ 1yt +1P =, Be (30)

B-coeflicient can thus be interpreted in terms of competitive viscosity effects.

Following stokes and Mills'® and Krumgalz'%, we can write B, as

,va:B%ﬁ“ + B ot 4 P str 4 P Reinf (31)

i ion ion ion

whereas according to Lawrence and Sacco”’,

B'On = Bw + Bso[v + Bshape + Bord + BDl'sord ( 32 )

BE"™ s the positive increment arising from the obstruction to the viscous flow of the
solvent caused by the shape and sise of the ions (the term corresponds to & or B >
B g the positive increment arising from the alignment or structuremaking action-of the
~ electric field of the ion on the dipoles of the solvent molecules (the term corresponds to
ntorB,,). B WS the negative increment rel'qt_c'dfta,fhe destruction of the solvent structure
in the regton of ibnié‘g:osphere arising from the oﬁpb'sing tendencies of the ion"t_o»orientatc the
solvent molecules ai‘ou_nd itself centrosymmetrically and solvent to keep its owﬁ structure
(this corresponds to 1]‘5 orBy,_ ). B=¥ is the positive increment conditioned by the effect of
-*reinforcement of the water structure’ by lz'ir_gé"-t-'etraalkylammonium ions due to
" hydrophobic hydration. The phenomenon is inherent’in the intrinsic water structure and
absent in organic solvents. B_and B_ account for viscosity increases attributed to the
‘van der Waals volume and the volume of the solvated ions.

Thus, small and highly charged cations like Li* and Mg*? from a firmly attached
primary solvation sheath around these ions ( BE™ or nE positive ).
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At ordinary temperatures, alignment of the solvent molecules around the inner
layer also causes increase in B (), B%.(n ) is small for the ions. Thus B, will be larger
and positive as BE + Byien > B However, B and B 2 would be small for ions
of largest crystal radii (within a group ) like Cs* or I due to small surface charge densities
resulting in weak orienting and structure forming effect. B, would be large due to structural
disorder in the immediate neighbourhood of the ion due to competition between the ionic
field and the bulk structure. Thus BiEnst + B et < B#* and B, 1s negative.

Ions of intermediate size (e.g.. K~ and CI') have a close balances of viscous forces in
their vicinity, i.e., BErt + Bodent =B g0 that B is close to zero.

1060

Large molecular ions like tetraalkylammonium ions have large B=* because of large

lan
size but B and B, would be small i.,e. Bs® + B » B¢ and B would be positive and

large. The values would be further reinforced in water arising from B due to hydrophobic
hydrations.

The increase in temperature will have no effect on BE™ but the orientation of solvent
molecules in the seondary layer will be decreased due to increasing thermal motion leading to
decrease in B, Bo™ will decrease slowly with the increase in témperature as there will be
less competition between the ionic field and the reduced solvent structure. The positive or
negative temperature coefficient will thus depend on the change of the relative magnitudes of
B ot and B s

It is-€lear that in case of stfucturé-makiné ions, the ions are firmly surrounded by a
solvation sheath and the secondary solvation zone will be considerably ordered leading to an
increase in B, and concomitant decrease in entropy of solvation and the mobility of ions.
Structure—breaking ions, on the other h_and; are not solvated to a great extent and the
secondary solvation zone will be disordered leading to a decrease in B, values and increase
in entropy of solvation and the mobility of ions. Moreover, the temperature-induced change
in viscosity of ions (or entropy of solvation or mobility of ions) would be more pronounced in
case of smaller ions than in case of larger ions. So there is a clear correlation between the
viscosity, entropy of solvation and the mobility of ions. Thus the ionic B-coefficients and
entropy of solvation of tons have rightly been used as probes of ion-solvent interactions and
as a direct indication of structure-making and structure-breaking characters of ions.

ot



The linear plot of ionic B-coefficients against the ratios of mobility-viscosity
products at two temperatures (a more sensitive variable than ionic mobility) by Gurney*-'*

clearly demonstrates a close relation between ionic B-coefficients and ionic mobilities.

(Gurney also demonstrated a clear correlation between the molar entropy of solution
values with B-coefficients of salts. The ionic B-values show a linear relationship with the
partial molar ionic entropies of hydration @h

J .. D

S 8, - 8, (33)
where g’;q ST’; s ASFU:SU; 1s the calculated sum of the rotational and translational entropies
of the gaseous ions. Gurney obtained a single linear plot between ionic cntropics and ionic

‘B-coefficients for all monatomic ions by equating the entropy of the hydrogen ion (8°, )

to — 5.5 cal moie™ deg’. Asmus'® used the entropy of hydration to correlate ionic B-values

and Nightingale'™ showed that a single lincar relationship can be obtained with it for both

monatomic and polyatomic jons.

- The correlation was utilised by Abraham et. al."'"to assign single-ion B-coefficients:

so that a plot of AS® 1'% the electrostatic entropy of solvation or AS” 1841 the entropic

contributions of the first and second solvation layers of ions against B points (taken from the

works of Nightingale) for both cations and anions lie on the same curve or line. There are

excellent linear correlations between AS® and AS®, and the single—ion B-coefficients. Both

cntropy criteria (AS® and AS®, )andB values indicate that in water the ions L.i*, Na", Agh

and F- are net structure-makers, the 1ons Rb*, Ca*, Cl', Br, T and ClO, are structure breakers
and K" is a border line casc [in non- aqucous solvents e.g., formamide, methanol,
N-methylformamide, dimethylformamide, dimethy1sulfoxide, acetonitrile, all the above ions
are structure-makers with the exception of weakly structure-breaking ion C10 , 1o formamide

and the border line cases of C1O-, in methanol and I in formamide].
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Themodynamics of viscous flow

Assuming viscous flow as a rate process, the viscosity can be represented by using the
Eyring approach® '
AH* AS*

n = Aexp (Be/ RT) = (bN/V) exp (& G/ RT) = (N / V) exp (o -—

) (34)

where E 18 the experimental energy of activation which is determined from the plot of
log 1y agdmst VT, A G*, A H* and A S* are the free energy, enthalpy and entropy of

activation respectively.
The problem was dealt in a different way by Nightingale and Benck!?! who studied

the thermodynamics of viscous flow of salts and ions in aqueous solution. E,_value can be

determined using the Jones-Dole equation neglecting the term Ac” .Thus,

dinm dInm, R d (1+ Be)

Ream ~Rqam " T8¢ d (/D (35)
AE::.EO(SO![I) - &E:ﬂ(selv) + Al‘:*v (36)

+ . . : - o . . . .
AE  can be interpreted as the increase or decrease in the activation energies for viscous flow
for the pure %nlvents due to the presence of ions i.c., cffective influence of the fons upon the

viscous flow of the solvent molecules.

Feakins ef al'?? have suggested an alternative formulation based on the transition state
treatment of the relative viscosity of the clectrolytic solutions. They suggested the following

expression

v/ v/ — B B
an_ VO?. A A, - AN

2

1000 * 1000 RT




where \7"1 and \7"2 are the partial molar volumes of the solvent and solute respectively;
Auﬂf is the free energy of activation for viscous flow per mole of the solvent which is given
by 120 :

AL, =AG"™ = RTIn.(n V /hN) (38)
1 - 11
and Au;}; is the contribution per mole of solute to the free energy of activation for viscous
flow of soluion.
The entropy (AS) and enthalpy {(AH) of activation of viscous flow for the solvents and
solutions (subscripts | and 2 respectively) can be calculated using the following equations
A = -d(au, )/dT and AST =-d(ay, )/dT (39)

AR =ap” + TaS, and aH = Ap” + TaS” (40)

The scparation of the thermodynamic parameters are based on the equality of eftects for K*
. . . : B
~and Ct or BPh, and (i-Pe), BuN" ions. in"aqueous solution, both TA S, and AH:; are
positive for Li* i.c., the formation of the transition state is associated with bond-breaking and
. L ) e - B . . ’ L. .
a decrease in order whereas for Cs™, AH, and TAS,  are ncgative 1.e., the transition state is

associated with bond-making and an increase in order.
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Effects of shape and size _

This aspect has been dealt extensively by Stokes and Mills'®. The ions in solution can
be regarded as rigid spheres suspended in continuum. The hydrodynamic treatment presented
by Einstein™ leads to the equation

n/n,=1+25¢ (41)

in case of small volume fractions of spherical particles where & is the volume fraction

occupied by the particles.

Modifications of the equation have been proposed by (i) Sinha'** on the basis of
departures from spherical shape and (ii) Vand*' on the basis of the dependence of the flow
patterns around the neighbouring particles at higher concentrations. However, considering
the different aspects of the problem, spherical shapes have been assumed for electrolytes
having hydrated ions of large effective size (particularly polyvalent monatomic cations). Thus,
we have from (1) and (41) o

25¢ =AVc+Be N (42)

since the term A v ¢ can be neglected in comparison with Be and ¢ = cvl. wherc VI. is the partial
molar volume of the solute, we get

25V.-B (43)

in the ideal case, the B-coefficient is a linear function of the solute partial molar volume
(V) with slope equal to 2.5,

B- can be equated to
B:=25V. = 2.5 x @/3) 1 (RS N/ 1000) (44)
assuming that the ions behave like rigid spheres with an effective radii R. moving in a
continuum. R calculated using equation (44) should be close to crystallographic radii or

corrected Stokes’ radi; if the 1ons are scarcely solvated and behave as spherical entities. But

R: values of the ions. which are higher than the crystallographic radii indicate solvation,



The number (n) of solvent molecules bound to the ion in the primary solvation shell
can be calculated by comparing the Jones—Dole equation with that of Einstein'?
2.5

B = —foo— Vit V) (45)

where Vs the bare 1ion molar volume, V_ the molar volume of the solvent.

The above equation has been used by a number of workers to study the nature of
solvation. A literature survey reveals that although viscosity measurements in pure
nonaqueous solvents as well as in their aqueous mixtures have been frequently reported,
such studies in mixed nonaqueous solvents are relatively scarce. But the viscosity
measurements in mixed solvents may well throw much light on the nature of solvation and
ion-solvent interactions. In fact, in case of binary mixtures when one of the components has
H-bonded network, such study can provide useful inrormation on the effects induced by the
cosolvent on its structure.

Conductance

Electrolytic conductivity is a very useful classical experimental technique to
determine transport as well as equilibrium properties of dilute electrolyte solution "
Because of its relative simplicity and versatility, the measurement of the conductivity of

electrolyte solutions, which can be carried out to a very high pracisian, remains an importtant

“toal to obtain imformation about electrolytes in different solvents. Conductivity of aqubus

systems has recently provided valuable information about the influence of the solvent’s
number- den51ty in the low fluid-density regime and its effect on the ion pairing
equilibrium #1 Acourate theories of electrolytic conductance are available to explain the
results even upto a concentration limit of Kd (K = Debye-Hiickel length, d = distance of

closest approach of free ions). Conductance measurements together with transference

number determinations provide an unequivocal method of obtaining single-ion values. The
chief limitation, however, is the colligative like nature of the information obtained.

Since the conductometric method primarily depends on the mobility of ions, it can be -

suitably utilised to determine the dissociation constants of weak acids and association
constants of elecrolytes in aqueous, mixed and non-aqueous solvents. This method in
conjunction with the viscosity measurements gives us much information regarding the
ion-ion and ion-solvent interactions.
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However, the choice and application of theoretical equations as well as equipments
and experimental techniques are of great importance for obtaining an accurate information
from such studies. These aspects have been described in detatls in a number of authoritative
books and reviews! b 125.126.130-143

The studies on electrical conductances were persued extensively both theoretically
and experimentally during the last fifty years and a number of important theoretical equations
have been derived. We shall dwell briefly on some of these aspects and our discussion will be
limited to the studies in noﬁ-aqueous and mixed solvents.

The studies on the conductances of ionophores (completely dissociated in solutions)
and ionogens (consisting of neutral molocules that yield ious by reacting with suitable
solvents'***) as a function of concentration give the equivalent conductances at infinite
dilution, the dissociation constants of tonogens, the association constants of ionophores and
information about the structure of solutions in the vicinity of the ion'®,

The successful application of the Debye-Hiickel theory of interionic attractions was
made by Onsager'* in deriving the Kohlrausch’s equation '

A=N-SVc (46)
where |
S=aA®+p - | )
* T3+ V2) e RO 82406 X 10 g ol “1% (48)
and B = % = 82.487 ?@%}3 /Sem mol- 15 (49)
1 -

7 = vISCOosity i poise.

"The equation took no account for the short range interactions and shape or size of the

ions in solution. The tons were regarded as rigid charged spheres in an electrostatic and
hydrodynamic continuim i.e., the solvent'®, [n the subsequent vears, Pitts (1953)'% and Fuoss
and Onsager (1957)1%.17 independently worked out the solution of the problem of
electrolytic conductance accounting for both long-range and short-range interactions.

TR



However, the A° values obtained for the equivalent conductances at infinite dilution
using Fuoss-onsager theory differed considerably' from those obtained using Pitts theory
and the derivation of the Fuoss-Onsager equation was questioned'?***!%_ The observation
was confirmed by Fuoss-Hsia'*. The original Fuoss-Onsager equation was modified by Fuoss
and Hsia'*® who recalculated the relaxation field, retaining the terms which had previously
been neglected. The equation usually employed is of the form!'?

A= Al-

OA e B i oka T (s0)
(1+Ka)(l +Ka/V2) 1 +Ka

where G (Ka) is a complicated function of the variable. The simplified form
A=A-SVec+Eche+Jc-J c3? (51)
~ is generally employed in the analysis of experimental results. -

However, it has been found that these equations have certain limitations and in some
cases fail to fit the experimental data. Some of these results have been discussed elaborately
by Fernandez Prini'?**1152, Further correction of equation (51) was made by Fuoss and
Accascina'®. They took into consideration the change in the viscosity of the solutions and
assumed the validity of Walden’s rule. The new equation is

A =A-$VC+Eelne+ Fo-J,c¥2-BA )

In most cases, however, J, is made zero, but this leads to a systematic deviation of the
experimental data from the theoretical equations.

It has been observed that Pitts equation gives better fit to the experimental data in
aqueous solutions’**, '

8
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Ion-association |

The equation (52) given above successﬁllly represents the behaviour of completely
dissociated electrolytes. The piot of A against NC (limiting Onsager equation) is used to
assign the dissociation or association of electrolytes. Thus, if A° (experimental) is greater
than A° (theoretical) i.e., if positive deviations occur (ascribed to short range hard-core
repulsive interaction between ions), the electrolyte may be regarded as completely
dissociated but if negative deviations (A <A )OF positive deviations from the Onsager
limiting tangent, the electroiytes may be regarded to be associated. Here the electrostatic
interactions are large so as to cause association between cations and anions. The difference in
A°,, and A’ would be considerable with increasing association'™.

Conductance measurements help us to determine the values of the ion-pair
association constant K, for the process

4+

Z 7 ‘
M+ A= MA . (53)
where K.,=(1-0)/(c?cy?) (54)
i B
and ' o= 1-o’cky?
+

(55)

H

For strongly associated electrolytes, K, and A° have been determined using Fuoss Kraus
equation’*® or Shedlovsky’s equatlon‘s'S '

T(Z) 1 K oY ’A

AT AT T Ty (Z) (36)
where T(Z)=F(Z) ( Fuoss — Kraus )
and 1/T(Z)=S8(Z) { Shedlovsky )
F(Z)=1-Z(1-Z(1-Z(1-......... YRy (57)

and S(ZY=1+Z+Z2/ 2423/ 8+ oo, (58)



The plot of T(Z)/ A against ¢y 2A/ T (Z) should be a straight line having an intercept

of 1/A° and a slope of K,/ ( A°¥ whierl K, is large, there will be considerable uncertainty

in the determined values of A”and K, from equation (56). The Fuoss-Hsia conductance
equation for associated electrolytes is given by

A=A-SYac + E(oc)In(oc)+ J (0c) - T, (o) RK AP (ac)  (59)

. . . 157 . .
This equation was modified by Justice . The conductance of symmetrical electrolytes 1n
dilute solutions can be represented by the equations ’

A=A -SVoc+E(oe)n (o) +) (R)ac-J (R)(ac)®]  (60)
(1-0)/(02c¥) =K, (61)
ln“{+=—Kq”=/(1+KR'\I—d_c) (62)

The conductance parameters are obtained from a least square treatment after setting

R=q=¢/Q2ekT) (63)
(B errum_’s critical distance )

According to Justice, the method of fixing the J coefficient by setting R = q clearly
permits a bétte;_—deﬁned value of K, to be obtained. Since the equation (60) is a series
expansion truncated at the ¢*”? term, it would be preferable that the resulting errors be
absorbed as much as possible by J, rather than byK ,» whose theoretical importance is greater

as it contains the information conceming short-range cation-anion interaction.
From the experimental values of the association constant K,, one can use two
methods in order to determine the distance of closest approach a° of two free ions to from an

ion-pair. The following equation has been proposed by Fuoss's8

K,= (4n Na’/3000) exp (¢?/ae RT) | (64}
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In some cases, the magnitude of K, was too small to permit a calculation of a°. The distance

parameter was finally detcrmined from the more general equation duc to Bjerrum '

il

r=q
K,=(4n N/1000) [ 2 exp (2e/re kT)dr (65)
r a

The cquation neglects specific short-range interactions except for solvation in which the
solvated ion can be approximated by a hard sphere model. The method has been successtully
utilised by Bouheret'.

Ion-size parameter and ionic association

The equation (52) can be wriiten as

A=A+Svc -Lehne = A+{(J-BA)c=A+1)¢ (66}

( with J, term omitted )

Thus, a plot of A’ vs. ¢ gives a straight line with A®as intercept and I’ or (J - BA®) as slope.

Assuming BA" to be negligible, a° values can be calculated from J’. The a° values obtained by

this method in dimethylsulfoxide were much smaller’ than would be expected from the - _

sums of the crystallographic radii of the 'ions.. One? of the reasons attributed to it is ion-solvent
interactions @bich arc not included in the continuum theory on .\‘;’h_i_cl.‘l the conductance
equations are based. The inclusion of dielectric saturation results in an increase in a° values
(much in conformity with the crystallographic radii) of alkali metal salts (having ions of high
surface charge density) in sulpholane. The viscosity correction (which should be BAc rather
than BAc) leads to a larger value of a°'*!, still the agreement is poor. However, little of real
physical Signiﬁéance may be attached to the distance of closest approach derived from J'%2,

1% in 1975 proposed a new conductance equation. He'®* subsequently put

Fuoss
forward another conductance equation in 1978 which replaced the old one. He classificd the

ions of electrolytic solutions in one of the three categorics:



(1) those which find an ion of opposite charge in the first shell of nearest neighbours
(contact pairs) with r, < a The nearest neighbours to a contact-pair are the
solvent molecules which form a cage around the pairs.

(2) thosc with overlapping Gurey co-spheres (solvent separated pairs). For these
I, =atns, where n is generally one but may be 2, 3 etc., * s’ is the diameter of
a sphere corresponding to the average volume (actual plus free) per solvent
molecule, and contact pairs form by a sequence of ion-solvent site interchanges
inside the R-spheres, until two 1ons of opposite charges become nearest neighbours.

(3) those which find no other unpaired 1on in a surrounding sphere of radius R, where
R is the diameter of the co-sphere (unpaired tons).

Thermal motion and interionic forces establish a stcady state, represented by
the eqilibna:

AT+B = (A" .......... B) « A* B = AB (67)
{solvent — separatated pair)  contact pair neutral molecule
Contact pairs of tonogens may rearrange to neutral molecules A* B~ = AB e.g., H.O" and
CH, COO . Let v be the fraction of solute present as unpaired (r > R) ions. The concentra-
tion of unpaired ion is cv. If o be the fraction of paired ions (r € R) ,the concentration of
solvent-separated pair is ¢(1 - v) (1 - o) and that of contact pairis a c (1 - o).

- -The equilibrium constants for (6’?) are
Ko= (I-a)(-7/ (v (68)
Ki=o/(1-a)=cxp (-E / k)= ¢e ' (69)
where K describes the formation and separtion of solvent-separated pairs by diffusion in
and out of spheres of diameter R around cations, and can be calculated by continuum theory,
K, is the constant describing the specific short-range ion-solvent and ion-ion interactions by

which contact pairs form and dissociate, E_is the difference in energy between a pair in the
states (r = R)and (r = a),is € is E _measured in units of kT. From (69).



l-a0 = 1/(1+Ks) ' O (T10)
Substitution in equation (68) gives the conductometric pairing constant

K,=(1-9cPf=K,/(1-o)=K, (1+K) (71)

which determines the concentration ¢y of active ions, ‘active’ in the sense that they produce

the long-range interionic effects. The contact pairs behave like electrical dipoies 1o an

external field X, contributing only to charging current. Both contact pairs and solvent-

separated pairs are left as virtual dipoles by unpaired ions, their interaction with unpaired
ions is therefore neglected in calculating long-range effects (DX / X <0, the relaxation. field
and DA_ <0, the elcctrophoretic countercurrent). The various patterns can be reproduced by
theoretical functions of the form |

A=pINI+AXIX)+AA] (72)
=p{AP(1+R)+E ] (73)

where R, and E, are relaxation and hydrodynamic terms respectively. The quantity p is the
fraction of solutc which contributes to conductance current and is given by

P=1-a(l-7) (74)

In case of ionogens or for ionophores in solvents of low relative permittivity o is very near

to unity (-E / kT > 1) and the equation becomes
A=Y[A"(1+R)+E, ] (75)
The cquilibrium constant for the effective reaction

AT+ B = AB
is then
K. =(1l-9/cy =K K (76)
because K > 1.

The parameters and the variables are related by the sct of equations
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r=1-K, cy _ (77)
Inf=Bk/2(1+kR), B =e/ckT (78)
ce=In[a/(l-a)] ' (79)

The details of the calculations are presented in the 1978 paper'®’. The shortcomings of
the previous equations have been rectified in the present set of equations which are more
general than the previous equations and can be used in the higher concentration regions
(0.1N in aqueous solutions).

From 1992 to 1995, Blum, Turg, and co-workers " have developed a rmean
spherical approximation (MSA) version of conductivity equations. Their theory starts
from the some continuity and hydrodynamic cquations used in the more classical treatments,
however, an important difference consists in the use of the MSA expressions for the
equilibrium and structural properties of the electrolyte solutions. Although the differences in
the derivation of the classical and MSA conductivity theories seem relatively small, it has
been claimed that the performance of the MSA equation is good over a much wider concen-
tration range than that covered by the classical equations. However, no thorough study of the

- performance of the new equations at the lavel of the éxpcriniental uncertainty of conductivity

measurement 1s yet available in the hiterature, w1th the exception of a very recent study by
Bianchi et. al.”" who compared the results obtained. using the old and new equatlons in order
to evaluate their capacity in describing the conductivity of different electrolyte solution. Their

investi gation is too limitted only to three aqueous salt solutions and the picture is consistent
showing a better performance for the classical equations as far as system. electrolytes are
concerned.
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‘Limiting ionic equivalent conductances )

The limiting equivalent conductance of an electrolyte can be easily determined from
the theoretical equations and experimental observations. At infinite dilution, the motion of
an ion is limited solely by the interactions with surrounding solvent molecules as the ions are

infinitely apart. Under these conditions, the validity of Kohlrausch’s law of independent
migration of ions is almost axiomatic. Thus

Ao - Kn++;5'o_ (80)

At present, the limiting equivalent conductance is the only function which can
be divided into ionic components using experimentally determined transport number of
ions, i.e., T
AL=t, A" and A=t A (81)

Thus from the accurate-values of A° of ions, it is possible to separate the contributions due
to cations and anions in the solute-solvent interactions'®®. However, accurate transference
number determinations are limited to few solvents only. Spiro'*® and more recently
Krumgalz!™ have made extensive reviews on the subject.

In the absence of experimentally measured transference numbers, it would be useful to
develop indirect methods to obtain the limiting ionic equivalent conductances in organic

- solvents for which experimental transference numbers are not yet available.

The methods have bée’rjl_.summarized by Krt-imgalz”"’a and some important poi'ﬁ_is are
mentioned below :

B ¢} Walden equation'”

A’ m,(acetone ) = A° .M, (waterj’- B (82)
+ + ..
at 298.15K
(ii) A (Pic)n, = 0.267

171,172

A0 (Et, N7, = 0.296 based on A°(Et,NPic) = 0.563 (83)

Walden considered the products to be independent of temperature and solvent. However, the
A’ (Et,NPic) values used by Walden were found to differ considerably from the data of

subsequent more precise studies and the values of (i1) are considerably different for different
solvents.



' - .. 3-6 .-'.

(i) A0, (Bu,N‘) = A%, (Ph,B)7 | (84)

(this equality holds good in nitrobenzene and its mixtures with CCL, but is not realised in

methanol, acetonitrile and nitromethane).
(v) A%, (BuN") =2Ai° (BuB)'™ (85)

The method appears to be sound as the negative charge on boron in Bu B ion is
completely shielded by four inert buty! groups as in the Bu,N"* ion while this phenomenon
was not observed in case of Ph,B". But the method could not be checked due to lack of
accurate transfercnce data.

(V) 2, (RN =ZF/ [6mNn, {r,— (0.0103 & +1 )}]"™ (86)

where Zand r, arc the charge and crystallographic radius of the relevant ion; 7, and € are the
viscosity and relative permittivity of the medium; T, 1s an adjustable parameter taken to be
equal to 0.85 for dipolar non-associated solvents and 1.13 for hydrogen-bonded and other
associated solvents. '

However, large discrepancies were observed betwecen the experimental and
calculated values'™:, In a later paper’™ Krumgalz examined Gill’s approach more critically
using conductance values in a number of solvents and found the method to be reliable in three

solvents e.g., 1-butanol, acetonitrile az_ld hit?‘omet'h_ane.
(vi) 2%, (i-Am, BuN*) = A°_ (PhB)"™ - (87)

Tt has been found from transference measurements that the Ao, (i-Arﬁ}BuN") and

A%, (Ph,B") values differ from each another by 1%.
ti) A0, (PhB) = 10120, (i-Am,B)7 (88)

The equality is found to be truc for various organic solvents. Krumgalz'" suggested
a method for determining the limiting ion conductlances in organic solvents or mixtures of
organic solvents. The method is based on the fact that the large tetraatkyl (aryl)

oniuni ions are not solvated in organic solvents in the kinetic sense due to the extremely weak



electrostatic interactions between the solvent molecules and the large tons. with low surface
charge density. The phenomenon of non-solvation is confirmed by N.M.R. measurements
and is utilised as a suitable model for apportioning A° values into ionic components for
non-aqueous electrolytic solutions.

Considering the motion of a solvated ion in an electrostatic field as a whole, it is
possible to calculate the radius of the moving particle by the Stokes equation

=1ZIF? AtNn, A", (89)

where A is a coefficient varying from 6 (in the case of perfect sticking) to 4 (in the
- case of perfect slipping).

Since the r_ values, the real dimension of the non-solvated tetraalkyl (aryl)
onium ions, must be constant, we have

0 = .
A’ M, = constant (90)
This relation has been verified using A’  values determined with precise transference

numbers. The product becomes constant and independent of the chemical nature of
the organic solvents for the i-Am,B-, Ph,As" and Ph B ions and for tetraalkylammonium

cations stat_ting frqm Et,N*. The relationship can be well utilised to determine ?Li’_ values of

ions in other organic solvents from-the determined A° values.

We have used Bu,NBPh, as the ‘reference electrolyte’, but instead of equal division,
we divided the' A% values using the method similar to that proposed by Krumgalz‘“(’ for
division of v1scosny B-values ‘

. A°(BuN* r(Ph,B) . E
A°(Ph,B") r(Bu,N") 5.00

The r-values have been taken from the works Gill er. al '"3'7,
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Though nothing can be said definitely regarding the accuracy of the method, some
indirect evidences regarding the reliability of the values may be provided. The values of the
ratio A°(BPh,) / A° (Bu,N*) becomes 1.06 if we choose r (Bu,N*) = 3.85 A and
1 (BPh,) = 4.08 A as suggested by Krumgalz161%. |

Fuoss et. al.'**'% assumed, from extensive measurements A° values of R ,NBPh,

salts in various mixed organic solvents, that the limiting transference number of Bu,N" in '

Bu,NBPh, is 0.519 independent of the solvent (this is claimed to be valid within +1%).
This gives 1.079 for A° (Bu4N*) / A% (Ph,B") which is close to 1.07.

D’ Aprano and Fuoss'™ used Bu NBPh, to calculate single-ion conductance in mixed
organic solvents applying the relations A° (BuN*} = 0.213 / 1y, and A° (Ph,B) = 0.201 / 0
which means A°(Bu,N*) / A%(Ph,B) = 1.06.

Moreover, since the charge is equal to the number of ions, the equivalent
conductances of these ions depend on their mobilities, the divisions may be in terms of the
reciprocal of their vander Waal’s volume i.e.,

A (Bu,N) / APh,B?) == 186.8/179.1 =1.04 (92)

The van der Waals” volumes have been iaken from the works of Lawrence and Sacco”.
However, the ratio comes out to be slightly lower than the usual 1.06-1.08.

In absence of accurate transfererice d4ia m binary mixtures of or_génié solvents, it is
difficult to compare the single-ion values and to _‘test the validity of equation (91), but the
values calculated by this method appear to be correct in different organic or mixed organic
solvents. However, in édheous binary mixtures the solvation pattern may be different and the
validity of this method may be questioned. In absence of a suitable method, nothing can be
said conclusively.

Recently, Gill er. al.'® proposed the following equation
A (BuN")/A%(Ph,B) = [5.35-(0.0103 g, +r}] / [5.00 - (0.0103 g +r )] (93)

and the ratio is close to 1.07 as used by us.



Solvation number "¢
if the limiting conductance of the ion i of charge 7, is known, the effcctive radius of
the solvated ion can easily be determined from the Stokes’ law. The volume of the sotvation

shell V_can be written as
Vei=(@/3)r(r’ —r?) (94)

where r_ is the crystallographic radius of the ion. The solvation number, n_, would then be
obtained from )

n=V /V (95)

Assuming Stokes’ relation to hold, the ionic solvated volume should be obtained, because of

packing effects'®, from
Vo =4357, - (96)

when V°_is expressed in mol/mole and r_in angstroms. However, this method of determina-
tion of solvation numbers is not applicable to ions of medium size though a number of
emperical?’*213* and theoretical corrections'®”’* have been suggested in order to apply it to

most of the ions.

Stokes’ law and Walden’s rule
The limiting conductance X°, of a sphericat ion of radius R, moving in a solvent of

dielectric continuum can bg'writtcn, according to Stokes’ hydrodynamics, as
b
AY,=0819 | Z |/ M, R (97)
where A, the macroscopic viscosity of the solvent, is expressed in poise and R, in
angstroms. If the radius R; is assumed to be the same in every organic solvent, as would be the

casc of bulky organic ions, we get

A m, = 0819 Z /R, =constant (98)



This is known as Walden rule'®!. The effective radii obtained using this equation can be used
to estimate the solvation numbers. The failure of the Stokes’ radii to give the effective size of
the solvated ions for small ions is often attributed to the inapplicability of Stokes” law to
molecular motion.

Robinson and Stokes'*, Nightingale'® and others'**'** have suggested a method of

correcting the radii. The tetraalkylammonium ions were assumed to be not solvated and by |

plotting the Stokes’ radii against the crystal radii of these large ions, a calibration curve was
obtained for each solvent. This approch, however, suffers from one serius flaw. The basic
assumption on which this approach rests is that the Walden product is invariant with
temperature. Experimental results'® indicate that his assumption is incorrect and that the
resulting solvation numbers obtained from this type of correction to Stokes’ law are
meaningless. The idea of microscopic viscosity'®® was invoked without much success!® 197
but it has been found that

A°MP = constant (99)
where p is usually 0.7 for alkali metal or halide ions and p=1 for the large ions'**1.
Attempts to explain the change in the Stokes’ radius R, have been made. The apparent increse
in the real radius r has been attributed to ion-dipole polarisation and the effect of dielectric
saturation on R . Fuoss noticed* the dependence of the Walden product, A’ 1, on the
relative permittivity and-considered the effect of electrostatic forces on thie hydrodynamics

of the system. He proposed that the dielectric reléx'ation in the solvent caused by ion motion
leads to excess frictional resistance. He proposed the relation :

A =FelZ] 61R (I-A/eR*) O (100)
from which the classical Stokes” radius, may be derived as
R. =R +A/e ' (101)

where R is the hydrodynamic radius of the ion-in a hypothetical medium of relative permittinty
where all electrostatic forces vanish and A is an emperical constant.
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In 1961, Boyd™® gave the expression
2 =Fe|Z|/ 6mmr [1+2/27.1/an,. Z2 et /1t €,] (102)

considering the effect of dielectric relaxation on ionic motion ; t is the Debye relaxation time
for the solvent dipoles.

Zwanzig'® treated the ion as a rigid sphere of radius r moving with asteady velocity -

v, through a viscous incompressible dielectric continuum. The conductance equation
suggested by Zwanzig is

ZeF
A = d {103)
Amnr+A [Z%e?(e’-ea)1/e’ (Zer + Dr}

where €’ ea,_ are the static and the limiting high frequency (optical) dielectric constants

respectively, A, =6 and A =3/8 forperfectstickingand A =4 and A = 3/4 for

perfect slipping. The above equation can be written as

!

The theory predictszm that passes through a maximum of 27/ 4B atr, = (3B). The phenom-

enon of maximum conductance is well known. The relationship holds good fo a reasonable .

* . extent for cations in aprotic solvents but fails in case of anions. The conductance, however,

_ fails off rather more rapidly than predicted with'in-crea.sing radius.

R ) B T
For comparison of the results:in different solvents, equation (103) can be rearranged as

7} eF A ZPel(e’ -
L ATt + o i (0 LEDT (105)
Am, Moe (2e° + 1),

L= A%+ (AZ /1P (106)

A = Ar’/(rf+B) (104)
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in order to Zwanzig’s theory, the equation (106) was applied to methanol, ethanol,
acetonitrile, butanol and pentancl solutions where accurate conductance and transference
206 ' . .

. All the plots were found to be linear. But the radii calculated from the

intercepts and slopes are far apart from equal except in some cases where moderate success

. 201
data are available

is noted. It 1s noted that the relaxation effect is not the predominant factor in affecting ionic
mobilities and that these mobility differences could be explained qualitatively if - the
microscopic propertics of thesolviation from Stokes® law'®.

It is noted that the Zwanzig theory is successful for large ‘organjc cations in aprotic
media where solvation is likely to be minima and where viscous friction predominates over
that caused by dielectric relaxation. Thetheory bréaks down whencver the diclectric
relaxation term becomes large ie., for solvents of high P* and for ions of small r, Like any
continuum theory Zwanzig theory has the inherent weakness of its ability to account for the
structural featares”™ e.g.,

(1)  Ttdoes not allow for any correlation in the reorientation of the solvent mole-
cules as the ion passes by and this may be the reason why the equattion does
not apply to hydrogen bonded solvents?®,

{2) The theory does not distinguish between positively and negatively charged
ions and therefore can not explain why certain anions in dipolar aprotic me
dia posses considerably higher molar conductances than the fastest cations™.

~ The Walden product in case of mixed -s’b_lvents does not show any constancy but it
posses through a maximum in case of DMF - H:0Q , DMA - H: O, mixtures®*2'2 and other
aqueous binary mixtures?*2% To derive expressions for the variation of -the Walden
products with the composition of mixed polar solvents, various attempts' have been
made!88.18929 with different models for ion-solvent interactions but no satisfactory
expression has been derived taking into account all types of ion-solvent intcractions

because:

(D it is-difficult to include all types of interactions between ions as well as sol

vents in a single mathematical expression, and



(2) it is not possible to account for some specific properties of different kinds of
1ons an solvent molecules™. Ions moving in a dielectric medium cxperience a
frictional forcedue to diclecttic loss arising from ion-solvent interactions with
the hydrody namic force. Zwanig’s expression though accounts fora change
in Walden product with solvent composition does not account for the maxima.

Hemmes??®

suggested that the major deviations in the Walden product are due
to the variation of the c¢lectrochemical cquilib rium between ions and
solvent molecules with the composition of mixed polar solvents. In cases
where more than one lyp‘e of solvated complexes are formed, there should
be a maximum and / or 2 minimum in the Walden product. Thisis supported
by experimental observations. Hubbard and Onsager®® have deveioped the
kinetic theory of ion-solvent interaction within the frame work of continuam
mechanics where the concept of kinetic polarisation deficiency has been

introduced.

However, quantitative expression is still awaited. Further improvements??2.223
naturally must be in terms of (1) sophisticated treatment of dielectric saturation, and (2)

specific structural effects involving ion-solvent interactions.

Apparent and Partial Molar Volumes

One of the well recognised approaches to the study of molecular interactions in fluids
 is the use of thermodynamic methods. Thermodynamic properties are generally convenient
parameters for interpreting solute-solvent and soiute-éoluﬁe interactions in the solution phase.
Fundamental properties such as enthalpy, enlro-py and Gibbs energy represent the
macroscopic state of the syatem as an average of numcrous microscopic states at a given
temperature and pressurc. An interpretation of these.macroscopic properties in terms of
molecular phenomend is generally difficult. Sometimes, higher derivatives of thesc
properties can be interpreted more effectively in terms of molecular interactions.
For example, the partial molar volume, the pressure derivative of partial molar Gibbs cnergy,

is 2 useful parameter for interpreting solute-solvent interactions. Various concepts regarding
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molecular processes in solutions, electrostriction'®, hydrophobic hydration'®, micellization'
and cosphere overlap during solute-solute interactions™'*, to a large extent have been

derived and interpreted from the partial molar volume data of many compounds.

The apparent molar volumes, ¢_of the solutes can be calculated by using the
following relation

6, = M/p,—1000 (p-p,)/ ¢ p, (107)

where M is the molecular weight of the solute, p,and p are the densities of solvent and
solution respectively and ¢ is the molarity of the solution.

The partial molar volumes, V, can be obtained from the equation

_ 1000 - c0, d
V,= ¢, + - en

2000+ (d oV d V) dve

(108)

The extrapolation of the apparent molar volume of clectrolytes to infinite dilution and
the expression of the concentration dependence of the apparent molar volume have been
made by four major equations over the period of years-the Masson equation®*, the Redlich-
Meyer equation®, the Owen-Brinkley equation® and the Pitzer equation®’, Masson?? found
that the apparent molar volumes of electrolytes, ¢ vary w1th the square root of the molar
" (or molal) concentration by the linear equation -

6,= 40 +8, Ve | o (109)

"where ¢, is the apparent molar volume at infinite dilution (éi:lual to the partial molar volume
at infinite dilution,V ) and S * is the experimental slope. The majority of ¢, data in water 2
and nearly all ¢_ data in non-aqueous solvents?™>*" have been extrapolated to infinite ditution
| through the use of equation (109). However, Redlich and Meyer’® have shown that an
equation of the form of equation (1 09).can not be any more than a limiting law, where for a
given solvent and temperature the slope, S* , should depend only upon the valence type.
'fhey suggest representing ¢, by

o, =0°+S Ve + be (110)



where

S = Kw (111)

is the theoretical slope, based on molar concentration, including the valence factor
w=05 2y 7 " (112)

and
K = N2e3(811:/1000e3RT)°-5[(Slnei'ﬁp)_T -B/3] (113)

where § is the compressibility of the solvent. Although, the variation of the relative permitivity
of water with pressure is known accurately enoughm to calculate accurate values of the
theoretical limiting slope, in organic solvents as well as in their binary mixtures accurate data
of this type are almost totally lacking. _

The Redlich-Meyer* extrapolation equation adequately represents the concentration
dependence of many 1 : 1 and 2 : 1 electrolytes in dilute solutions; however, studies?*2*!
onsome2:1,3:1and4:1 electrolytés show deviations from this equation. Thus, for
polyvalent electrolytes, the more complete Owen-Brinkley equation®® can be used to aid
in the extrapolation to infinite dilution and to adequately represent the concentration

dependency of ¢,.

The Oﬁran-}?;rinkley equation?, derifé:_d.- by including the ion-size ‘parameter,
a (in cm), is given by

Ky é-,:p;'ﬁ'-fsvr(m)\!c +05WO(ka)c+05K c . - (114)

where the symbols have their usual si gnificance. However, equation (114) has not been widely

employed for the treatiment of results for non-aqueous solutions.

Recently, the Pitzer formalism has been used by Pogue and Atkinson?* to fit the

apparent molar volume data. The Pitzer equation for the apparent molar volume of a single
salt Mv,, Xv, is



0, =02+ VIZ,Z |A,/2bln(t+bVI) +
2V, vV RT[mByy, + m? (v, v, CY ] (115)

where the symbols have their usual significance.

Thorough tests of equations (109), (110), (114) and (115), however, will require more
accurate data on densities and also on the pressure dependence of the relative permitivity of
pure solvent. '

Tonic Limiting Partial Molal Volumes

The calculation of the ionic limiting partial molar volumes in organic solvents is a
very difficult task. At present, however, most of the existing ionic limiting partial molar
volumes in organic solvents were obtained by the application of methods developed for
aqueous solutions?* to non-aqueous electrolyte solutions. In the last few years, the method
suggested by Conway ef. al **. has been used more frequently. These authors used the
method to determine the limiting partial molar volumes of the anion for a series of homolo-
gous tetraalkylammonium chlorides, bromides and iodides in aqueous solution. They plotted
the limiting partial molar volume, V° (R,NX) for a series of these salts with a halide ion in
common as a function of the formula weight of the cation, M}& y+and obtained straight line
graphs for each series. They suggested, therefore, that their results fitted the equation

'\Iﬂa{,ﬁx) = ‘\}ﬂ(x‘)} bM (R,N" (116)

and that extrapolation to zero cationic formula weight gave the limiting partial molar

volumes of the halide ions, V°(X°) . Uosaki ef. al.* have used this method for the separation
of some' litérature values and of their own V° (R, NX) values into ionic contributions in
organic electrolyte solutions. Krumgalz?*® and recently Das et. A applied the same
method to a large number of partial molar volume data for nori+aqueous electrolyie solutions
in a wide temperature range. From this discussion it is apparent that the problem of ion-
solvent interactions is infrigning as well as interesting. It is desirable to attack this problem
using different experimental techniques to provide on unequivocal picture of these aspects.
We have, therefore employed three impartant methods viz., viscometry, conductometry and
volumetry to study the problem of ion-solvent interactions of some tetralkylmmonium salts
In acetonitrile, methanol and their binary mixtures.
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Apparent molar isentropie compressibility

Although for a long time attention has been paid to the apparent molar isentropic
compressibility for electrolytes and other compounds in agueous, nonagucous and mixed
aqueous-nonagueous solution®'"** measurements in mixed nonaqueous solvents arc still
scarce 2827277 Tt has been emphasized by many authors that the apparent molal adiabatic
compressibility data can be used as a useful paraﬁl_eter in elucidating the solute-solvent and

solute-solute interactions.

The values of the isentropic compressibility (K ) were calculated by using the Laplace

equation

K =1/(?p) (117)

where p is the solution density and u is the sound velocity in solution. The apparent molar
isentropic compressibility (K ¢) of liquid solution was calculated from the relation :
1000 M

K =———— K K -Ks
4 mpp ( s) s pO

(118)

where m 1S the molality of the solution ; K“ and K_ arc the compressibility coefficients of

the solvent and solution respectlvcly

P]ottmg of apparent molal adlabatlc compressibility (K ). agamst the square root of

the molal concentration of the solutes and extrapolation to zero molal concentration gives -

the limiting apparent motal adiabatic compressibility (K ,) according to cquation®*%% ;
K,= K-AVm (119)
where A is.the.experimental slope.

The limiting apparent molal adiabatic compressibility (K,)and the experimental stope
(A,) can’be interpreted in terms of solute-solvent and solute-solute interactions,
respectively. It s well cstablished that the solutes causing clectrostriction Icad to decrease

the compressibility of the solution**’. This is reflected by the negative values of I<; of



electrolyte solutions. Hydrophobic soluies often show negative compressibilities due to the
ordering that is induced by them in the water structure®$**. The compressibility of
hydrogen bonded structure, however, varies depending on the nature of H-bonds involved®*.
On the other hand, the poor fit of the solute molecules®*** as well as the possibility of
flexible H-bond formation appear to be responsible for causing a more compressible
en\{irdnment (and hence a positive K‘; value) in the aqueous medium. The positive K:values
have been reported in aqueous non electrolyte®® and non electrolyte-non electrolyte?!
solutions.

Solvent

Methanol was one of the earliest organic solvents used in physico-chemical studies.
It has probably been examined more extansively as a solvent medium for electrolytes than
any solvents other than water. Its relative permittivity is sufficiently high (e = 32.62
at’ 298.15 K) so that many simple electrolytes are soluble, although there is considerable
evidence that some electrolytes show significant ion—béli_r_iﬂg in the resulting solutions®®.
Methanol is a dipolar protic solvent and is known to be extensively self-associated through
hydrogen bonding in the pure state®™.

The _S(_)lvenf acetonitrile is interesting in many respects. It isa _dipolér aprotic solvent
with a relative permittivity of 35.95 at 298.15 K like methanol. In case of acetonitrile,
however, there is a lack of strong speciﬁé intermolecular forces, while dipole—dipole forces
predominate. However, both poles of solvents are well accessible to the.anion and to the
cation, at least as accassible as with methanol. In acetonitrile, the posiﬁVé pole is the nitrile
carbon atom and the negative pole is essentially constitued by the nitrile nitrogen atom?$02,
as can be seen from the charge distribution on various atoms in this molecule™ :

+32H
+32H ¢ C. = N

+87
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Its physical properties including its large electrochemical window, make it most attractive.
Because of its ability to dissolve substantial quantities of salts to yield conducting solutions
coupled with favourable dielectric and optical properties, acetonitrile is well suited as a
nonaqueous solvent system for electrochemical studies. It also finds a wide range of

tcchnological applications, namely in battery system and plating techniques®*283-284,

‘Recently it has been established”®>?* that when methanol is added to acetonitrile,
there is a break drown of hydrogen bonds in methanol and formation of specific complexes
between the unlike molecule through hydrogen bonds. In view of the complex nature of
methanol+acetonitrile mixtures, it is of interest to investigate the ionic association and the
solvation behaviour of electrolytes using different experimental techniques e.g.
conductometry, volumetry, viscometry and ultrasonic interferometry in these mixed solvents.
Though some reports on studies involving methanol+acetonitrile systems are available in the
literature, no attention has, so far, been paid to investigate the effect of temperature on the
behaviour of ions in this media. Moreover, some of the reported electrolytic conductance
data in these mixed solvents are not accurate enough to analyse them by a complete
conductance equation which demands an accuracy much better than + 0.1%. These

considcrations led us to undertake a comprehensive program to study the behaviour of some

selected tetraalkylammonium salts in methanol+acetonitrile mixtures using different
experimental techniques e.g., conductomeiry volumetry, viscometry and ultrasonic
/interferometry properties of those electrolytes in the pure constituting solvences neamely
methanol and af:_e,tonitﬁle have allso been investigated to estract useful information from the

studies in methanol+acetonitrile mixtures.
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