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section I 

In recent years there has been increasing interest in 

the study of the behaviour of electrolytes in mixed solvents. 

The effect of solvent structure and solute-solvent interactions 
•I 

on equilibrium constants and rate .constants of chemical reactions 

in mixed solvents is not well-understood. Addition of organic 

solvent in water brings about a radical change in the properties 

of the medium. Theories1of the structure of water, an extensively 

used and studied solvent, are inadequate and this is further 

complicated by the addition of organic components. It is now 

agreed that the thermodynamics of .solute-solvent interactions 

will help in throwing more light on the·nature of ionic solutes. 

Attempts are being made to identify the factors determining 

specific solvation of ions. Inadequate models for the structure 

of solvents and an incomplete understanding of the forces in 

the immediate vicinity of the surface of the ions make the 

theoretical treatment·2 ~3 of the problem of solvation difficult. 

Acid-base equilibria are particularly suited for such 

studies. The effect of solute-solvent interactions on chemical 

equilibria have been investigated both bY alteration of the 

solvent composition and by variation of solute-structure and 

charge type. 

The determination of dissociation constants of the ligands 



- 2-

in different mixed solvents and non-aqueous solvents provides an 

important step in this direction. such studies in mixed solvents 

, may throw light on the structure of the liquid molecules, the 

effect of the dietectric constant and the acid-base properties of 

the organic solvents on the dissociation constants of the ligands 

and ion-solvent, solvent-solvent interactions etc. 

The addition of an organic solvent to water makes the 

situation much more engrossing and anomalous than water. The 

mixed solvents sbm.v a 1vide range of dielectric constants. 

Extensive studies on the physical properties of different solvent 

systems have been made. A lamentable gap still exists. several 

classifications of organic solvent systems based on their 

dielectric constant, organic group type, acid-base properties or 

association through hydrogen-bonding4 , have been proposed as 

a result the properties of different mixed solvent systems 

would shmv a wide divergence of properties which· would naturally 

be reflected ~on the thermodynamic properties of ligands and their 

complexes. The determination of the thermodynamic properties of 

the ligands and their complexes in different solvent systems are 

very limited, though a considerable amount of work has been done 

in methanol-water, etbanol-water mixtures. This inspired us to 

undertake the studies of acid-base equilibria in mixed solvents. 
5- 10 The classical researches of Harned and co-workers , ·Bates, 

Robinsons ahd 
34 Shedlovsky , 

11-23 24 33 co-workers , Ligny and co-workers - , 
. 35-37 38-48 . Grunwold , Feakins and others , tahir~ 

and others49- 72 , strehlow73 , nas·, Kundu and co-workers 74- 85 , and 

others86- 127·led to further ~nvestigations in this direction. 
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A brief survey of the investigations in mixed ~olvent 

systems, and the problems associated with such studies is 

presented to highlight the importance of such studies. 

Dissociation constants of ligands 'in mixed solvents :-

stability constants of chelate compounds and the dissociation 

constants of chelating agents have often been measured in mixed 

solvents because of the insolubility of one or more of the reac­

tants in water. However, since these constants vary with the 

solvent compositions, the comparison and correlation of these 

constants are very difficult owing to the wide range of experimental 

conditions. In addition, the thermodynamic quantities for these 

reactions calculated from these data are limited to specific 

solvent systems. Consequently, studies have been made to 

determine the effect of the solvent on the dissociation constants. 

The quantitative approach correlating the dissociation 

constants of a series of acid with that for a reference acid and 

the dielectric constant was made by Wyruie - Jones!1 2, If we 

consider the equilibrium constant K of the reaction between two 

acid- base systems, viz., 

-HA+ Ao ~ A- + HA (1) -.:::-- ••• 
0 

we find 
a A- X aHAo Ka 

K = = • • • (2) 
a- X aHA Ko 

Ao 
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( Ka and Ko are the dissociation-constants of the acids HA and_ 

the corresponding reference acid HA0 in the same solvent. ) 

The standard free energy change of the process is given by 

0 0 0 
4G = -RT ln K = 4Gel + .6G non-el • • • (3) 

or, - log K = 
•2 

where a = Ne 

4 G non-el 
2.303 RT 

2 X 2.303 RT 

129 
( according to Born equation )~ · 

••• (4) 

~assuming the effective radii of the ions to remain approximately 

constant in a series of solvents _7. 

1 
The plots of - log K against ~ should thus be a straight 

line which have 

£ is > 30. 

been found to be true in several cases when 
1 

The intercept for~= o, i.e., for infinite 

dielectric constant, should give a measure of the dissociation 

constant free from electrostatic effetcts. The slope of the line, 

however, varies with the nature of the acid, so that an acid 

which is stronger than another in one solvent may be weaker in 

a second solvent130- 133• The comparison of the dissociation 

con_stants of a series of acids in a given solvent may consequently 

be misleading, since a different order of strengths would be 

contained in another solvent. It bas suggested, therefore, that 
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when co~paring ~be dissociation constants of acids, the values 

employed should be extrapolated to infinite dielectric _constant; 

in this way the electrostatic effect, at least, of the solvent 

should be eliminated. 

. 134 135 
and Kilpatrik and Harned find However, Elliot 

that the relationship 
. 1 

( - log .K vs ~ ) fails in dioxane-water. 

Other theoretical approaches using the dielectric 

constant as a parameter in describing any solvent system may 

be found in the Bj errum - Fuossl36',137 ion-pair model and 

Denison and Ramsey's 138 model. Though the variation of log K, 

with r bas theoretical }?earing, 139-145 some authors have 

favoured of the plot of log K against·mole- fraction of the 

organic solvents because the constants exhibit linearity with 

the latter over a wide range, even though it has no theoretical 

basis. 

The thermodynamic form~lation for the dissociation 

constant of the acid-base equilibrium A ~ B + H+ on the 

molal scale is.given by 

mH:+ X mB 
K= X 

mA 
••• (5) 

The numerical value is fixed by the choice of a standard 

state in which the activity co-efficients are assigned values of 
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unity. In aqueous solutions, the ·customary standard state is so 

chosen that T. approaches tmity as rri approaches zero. 
J. 

vtben the compositions of. the solvent media and the 

solute conceritr_ations change (and ionic strength), it is 

convenient to s·eperat e each activity co-efficient I i into factors 

T 14,23 , 146 T is measured relative to the i = mT i·" x sT i . i · 

standard state in pure water and becomes unity only in infinitely 

dilut_e aqueous solution. on the contrar:f, the activity co-efficient 

. '"f. in equation above becomes unity when 111 = o in the solvent s, 
_s 1 • . _ 

where my i ·has a value di;ff erent from unity whenever t be solvent 

differs from pure water • 

The 'salt effect' . -y ·. varies with the solute concentration. 
s J. 

To determine the thermodynamic dissociation constant in mixed 

solvents, T. is to be determined. Simple Debye-Ht1chel equation 
s J. . 

with appropriate. al;J_m.rance_ for the effect of altering the-dielectric 

constant of the medium s, can be used to estimate -v-. when ionic 
- siJ. 

··species are involved. -The thermodynamic dissociation constant can 

also.-be determined in very dilute solution when T· ~ o and 
s J. . . 

this is ·the best method for the determination of the thermodynaiTJ.ic 

dissociation constabt as it involves no error in estimating 

The 'medium effect' T is a function of the free m j__ 

energy of the species 'it -in the two standard state_s, 
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In spite of the limitations of Born's equation due to the 

complexity of medium effect, considering only the electrostatic 

contribution to the free energy using Born's equation, we have 

2 2 

m r i 
N ·z. e ( 1 1 

ln = 1 
-~w ) 

Ts 
. . .. 

2 RT'P 

The mass law equation for equilibrium yields 

K = 
s 

mY A 
K X ------------

'" mrA.mTB 
' 

where K and K are the dissociation constants referred to the 
w s 

(6) 

(7) 

standard states in water and in solvent respectively. Combining 

equations above, we obtain 

= Ne
2 

( 1 
4.6052 RT Ts 

1 zB2 - zA2 1 
- rw ' < - - - + - ' ••• (8) l"B ·y.aA "t"H-t-

( . charges on ~A etc omitted ) • 

with the dissociation equilibrium of the charge-typ'e A0 E-( for 

example, 

equation 

A0 = uncharged acetic acid, B- = acetate anion, zA = 0 ) 

Predicts that p ( K) will be greater than p ( K) i:f tpe - s w 
dielectric constant £ is lmo1er than that of water ( as it is in 

s 
methanol - water and ethanol - water solvents and in pure methanol 

and ethanol ). Actually the pK for acids of this charge type has 

been found to vary from 3 to 5 units higher in methanol and 

ethanol than in water2·9,34 , 147• The observations are also true in 

other alcohols and dioxane. 
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If the equilibrium is· of the:}<"·; charge type A+Bo 

( for example, A+ = anilinium cation, B0 = uncharged aniline, 

z = 0 ) and 
B 

~H+ is about equal to ~A, however, the 

electrostatic treatment alone would lead one to expect pK to 

be almost unaffected by changes in the dielectric constant of 

the solvent. It is unlikely ~A will often be less than· ~H+ 

and therefore, an increase in pK would be more easily explained 

on electrostatic grounds than a decrease would be. 

Selective solvation and Ion-solvent Interaction: 

The question of specific solvation is of great importance 

in solution chemistry106 , 148- 159• The solvation and preferential 
' or selective solvation of ions in different solvents vrere used 

in interpreting data on conductivity, transference, solubility, 

u.v. visible spectra and other results106 ,l49-159,., 

The importance of anion solvation in determining the 
160-162 relative strengths have been st~essed by Grunwald and Price 

· . · M3 
and Parker and co-workers • 

·The relative strengths of picric, acetic and trichloro­

acetic acids in different solvent environments have been 

ascribed to strong London-dispersion interactions of the solute 

molecules with the surrounding medium. 

. 163 The results of the investigations of clare et.al. 
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( on the relative strengths of a series of acids HA and HB in 

dimethylformamide. and methanol ) confirm the belief that acid-

base equilibria and medium effects are very sensitive to a change 

from a dipolar aprotic solvent to a p'olar protic solvent presumably 

because of hydrogen bonding interactions between anions and the 

molecules of the protic solvent. 

For each of the species participating in reaction, the 

free-energy change on the·transfer from dimethylfonnamide to methanol 

is given by ( according to Parker and co-workers ) 

4G~ = RT (ln 10) log m T. 
1 

= RT (ln 10) log ·T: f.* l. 
. H . 

The co-efficient T embodies the changes in chemical potential of 
i 

i due to hydrogen-bonding by rnethanoi on transfer from dimethyl-

fo~a~ide, Whereas other changes in the transfer energy are included 

in r . . 
l. 

·The ratio of the rate constant for the reaction 

in methanol to that in dimethylforrnamide bas been taken to be a 
H 

measure of TA- . The excellent correlation between the hydrogen-

bonding coefficient and to changes of the equilibrium constant of 

reaction on transfer from·dirnethylforrnarnide to methanol emphasizes 

the importance of solvent anion- interaction. 

In view of the solvation properties, the free-energies 

of transfer in different solvents can be written as 



o· 
LlGt( el) + 

10 

. 0 
.dG 

t( solv) 

0 
~G includes the contribution of solvation and other 

t(solv) 
specific ion-solvent interactio~s164 • 

Solvai!2E~nd free-~rgy of transfer o~_§ingle ions : 

The applications and implications of the studies of reactions 

in non-aqueous and mixed solvents165 and ion-solvent interactions 

have been described in details1- 4 ' 23 ' 45 , 73 ,99 , 166- 171• But the 

most important but elusi~e aspect of the solution cherriistry in 

the determination of 'single ion' thermodynamics or more precisely 
. 

the 'medium effects• of ions in mixed or non-aqueous solvents. 

The experimental methods, however, yield the transfer 

thermodynamic changes of neutral combinations but offer no means 

of separating them into single-ion characteristics. According 

to st rehlow 73 
n single ion thermodynamics is a legitimate branch 

of physical chemistry. This division of thermodynamic functions 

of electrolytes into single ion values may reveal correlation 

between measurable but from a thermodynamic point of view 

unrelated quantitiestt. 

172-177 
various theoretical and semiemperical extra 

thermodynamic attempts have been made to obtain single ion 

thermodynamics with moderate success.. Rm•Tever, the free-energy 

of transfer or 'medium effect' of ion in different solvents is 

yet to be determined in an unambiguous way. This aspect is a 
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matter of continuous review 73 ' 99 ' 166 ' 178- 181, t be most recent 

being the extensive review made by Labiri and Aditya
182

• 

The free-energy changes associated with the transfer of 

a chemical entity (EX) from solvent ( 1,. say water) to solvent 

(2, sayS) is known as 11 total medium effectn183 ( 4G0
) "t<Thicb . t 

is splitted into primary medium effect or medium effect and 

secondary medium effect or salt effect as exemplified from the 

consideration of the cell of the type 

(pt) 1121 HX(m) solvent { AgX - Ag 

The measurement of e.m.f. of cells of the type in two 

different solvents namely water(W) and solvent(S) gives the 

total medium effect of any electroneutral combination HX 

ln 

= 
m 

+ 2RT 1n I 
± 

s vJ = - ~ ( E0 
- E0

) is the primary med~um effect and 

measures ion-solvent interactions whereas the logarithmic term 

is known as secondary medium effect denoting ion-ion interactions 

and solvation. 

The 'medium effect' log ffil i of an ion is the reversible 

work of t ran sf er of 1 mole of ion i from t be standard state in 

solvent 1 (water) to t be standard state in solvent 2( s) by the 
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expression 

log m r i s}lo- Y~ 
= ---1-------=---

RT 
• • • ( 11) 

obviously, the primary medium effect is independent of molality 

but the exact value of •medium effect• could only be determined 

in absence of appreciable concentrations of electrolytes which 

changes not only the structure of the solvent molecules but ars·o 

the solvent concentration due to solvation of ions. The 

secondary medium effect (salt effect) is a function of solute­

concentration and can be determined with the help of theoretical 

equations like·Debye-Huckel or Davies equations with appropriate 

values of A and B arising from the changed values of dielectric 

constants of the solvents. The equations fail at higher 

concentrations. Thus, it is desirable to work in dilute solutions 
s ' 

so that r + ~ 0 and t be measurements account for the 

'Primary medium effect 1 only •. 

Real free-energy_Q[_solvatiog 

The •medium effect' of an ion in actually related to the 

real free- energy of solvation170. 

The real free-energy of solvation o( 184- 187 is defined 
1 

as the change in ion-energy upon transfer from the gas phase 

into the solution. It is expressed by the relationship 
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F = )j_ i + RT lna_i. :+ Zj.FX. 

-- J 0 . 0'\ 
1 

+ RT lnaf 

\ 

where ol. is the standard real free~energy of solvation of ion. 
~ 

J./ (0r )l 0 
) represents the free-energy of ion-solvent 

/v~ i i 

interaction or chemical solvation. X represents ·the surface 

potential of solvent and t be term Zi-f'X is the electrostatic 

work owing to the passage of the ion through the surface potential 

at the vacuum solve1;1t interface. The surface potential cannot. be 

measured directly or calculated. 

The real free-energy of transfer of an ion from water to a 

second solvent have been determined from the v_olta potential 

measura~ents as done bY case and parsons18?, 186 • 

s 
A .J : o( 

"-' 17'.. • -t 
.~ ..... 

w 
o( 

i 

184 
From Llo(

1 
and Randle's values of ' d.:, o(~ can be determined. 

The medium effect of an ion H+ and the real free-energy of 

transfer can be correlated 'from the consideration of Born- Haber 

Cycle as follows 

+ ' 
M ( g'as) 

~¥ 
x -?)A -

M+(in water)-------- ~.r+(in solv S) 

' ) 
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+ 
L1 ~CH )vJ 

solv 

= 
+ 

46.(1vJ: )S + ZF X -
+ 

Ll G01 )W 

solv s solv 

A G(~) y 'V 
~ +'ZF'(,A.. -.A..) 

t s w = 

- .ZB' X 
w 

••• 

If both the solvents have the same ionic coric entrations, 

then the "total medium effect" 4 g(_ can be represented as 
. t 

4 o( = L1 o( 0 
+ RT ln ( Y' s'/ rw ) 

t t :!:. ± 

( 13) 

r s/rw 
+ + 

) •••. ( 14) 
- -

~o(: is the primary medium· effect and log t~~m represents the 

nsecondary medium effectn having a negligible contributions 

( ,... 0.1 K.Cal or less ) under ordinary conditions and is neglected 

compared to 4 o<..;. c X~_ X~ .. ) values are ge~erally of the 

order of .- O.lV so that F ( :t s - Jc·r) r-- 2. K.Cal/mole wb'icb 
.5 u 

. ("+0 
is of the same order of magnitude as 4~t( ion) values. 

0 
LlGt values cannot be experimentally determined but 

4o(~ (ions) are experimentally measurable inspite of limitations. 

However, it is to be noted tbat for electroneutral combinations 

4-1:+ + 'Z._r = 0 so that 4 o(~ (MX) = 4Q.~ (MX). 

Determinafion of the medium effect 

Thermodynamic properties of single ions in aqueous and 
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non-aqueous solvents and thermodynamics of transfer have been 

presented by a number of workers188- 201 • It is apparent that 

the 'medium effect' of individual ions can only be obtained 

from the measured ttmedium effect" of electroneutral combinations 

using various extrathermodynamic assumptions. 

· The determination of nmedium effect" of H+ ions (log m T~) 

evoked considerable interest as it determines directly the 

relative basicities of tvro solvents and can be obtained from thei · 

direct measurement of the cell 

~(Pt) ail = 1 aH+ = 1 ~(Pt) 

where E = _RT ln T + 
F m H ELJ 

In view of limitations of having liquid-junction potential 

of uncertain magnitude, the ttmedium effectn of proton was first 
. ' 2 2 

determined by Bjerrum and Larsson ° from e.m.f. measurement 

of Cells composed of hydrogen electrode in a non-aqueous medium 

and aqueous calomel reference electrode connected with a bridge 

of aqueous 3.5 N KCl on the assumption of negligible liquid 

junction potential. 
' 

The values are of academic int·erest. The systematic 

efforts to determine the ttmedium effect" are given as what 
-;;""~~~~No-·~ ·~--

follows. ~~~·":"~~~,~--

8 ') ,;)) rJ n '@,~~ 1~:; \ ' 
~ G i -.1 ·• 4 o.~ r 1983 ~..... '\ 

Models based on modification of Born Equation :- ~~\.. ririf':~.r:- )~1; 
~:.~~ Jc.~& / ' . - ·= " .I ttc>: " 

•. ' J\,\.\J.. .• 

- "-~.;;.>" 
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The medium effect of an ion can be obtained from the simple 

Born equation 

log m T i 
2 2 = N .... 'Zi=--....,e~ 

2 RT 
( 

1 

~ 
1 

rw ) ••• ( 15) 
i 

It is to be noted that solvent molecules become inhomogeneous due to 

strong influence of solute molecules near the solvent molecules. Two 

extreme cases- are dielectr:i;c saturation in the vicfnity of ions
203 

and formation of-a Clathorate204 bY wat~r molecule in the vicinity 

of a non-polar solute due to hydrophobic bonding effects. 

The equat~on consists of two disposable p~rameters like 

radius and dielectric constant.Refinements are based·on 

a) Increase in cryst,allographic radii due to solvation205-210. 

The model is due to Voet and successfully applied by Latimer et.al. 

Strehlow and co-workers and Coetzee et.al. in non-aqueous solvents 

where ionic radii are adjusted to account for the differences between 

the free-energies of transfer of pairs of alkali metal ions. 

4G
0 = ( SGt wGt ) 
t 

2 e2 r: 1 
1 -

1 7 NZ I 2:- ~s """E:"w I (16) = ••• 2 L r+ + R+(S) r + R (W) 1 
+ + -

However, the equation lacks theoretical significance and is 

restricted to differences between very similar cations and similar 

solvents. 

b) Dielectr:j..c solvation in the vicinity of· the ion reducing the 
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d . i t t of the solvent211- 217• Noyes203 
effective J.electr c cons ·an· 

found that for cations havin~ the electronic structure of an inert 

. gas, the effective dielectric constant is given bY 

£eff = 1.000 + 1.376 ·( ~- 0.054 ) 

and the local dielectric constant is given by 

£ loc r > 0 

= 78.30 for 2.86 A 

1 
r .( 2.86 

0 

= for A 
0.6009 + 0.1163/r 

Graham's relations
210 

for differential dielectric (Ed = ~;) 
. r 2 £ o.- n2 

constant J.S c. - n + where E is the·.field s, trengtb at 
d- l+bEf 

a distance r, n is the refractive index and b is a parameter 

independent of£ • It bas been found that £d becomes equal to 

£ 
0

, above a certain initial value of r and £ sat below a 

certain critical value of r = r • The radii for dielectric 
0 

saturation of water and a number of alcohols are known. 

1 213. ed r f f Eep er express ~·as a unction o r and took Hasted 
214 0 c 0 

et .. al.' s ~ value . £ sat- = 5 for r .<(1.5 A, c.
0 

= 78.30 for r ) 4.0 A 

and expressed £ = ( £0 - £ sat/2 •5 ) ( r - 1.5 ) + £sat in the 
0 0 

range of 1.5 A .( r (.. 4.0 A. 

The free-energy change due to hydration of an ion is given by 

4 

+ f 
1.5 

dr 
+ 

(Xr - Y)r2 

••• ( 17) 
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£o- £sat , 
----·------- and Y = 1.5 X 2.5 

215 -
The corresponding stoke's equation is 

2 2 
)tel = N'Z e I I . 2nrw 

aq 2 I r ( r + 2nr ) f"" 
- e e '" "'C.. eff 

+ 1 7/ 
-----~---- ••• ( 18) 
£ (re + 2nrw) _/ 

where 2nrw is the thickness of n layers of water molecules around 

the ion, r is the crystal radius, ~ = bulk dielectric consta·nt 
e 

(' -1(1 1) 
L.. eff - ""2 5 + 78 • 

It is likely that partial or complete solvation of ions by other 

non-aqueous solvents may occur leading to changed values of r, ('1' 
C. sat 

0 
or £err and 4.G • The equation should, therefore, be restricted 

t 
to water-rich solvents. The eq~ations were utilized bY Bat~~s and 

co-workers 14715 , 18 ~217 to calculate 4G0

1 
values and the basicities . e 

of different methanol + water mixtures. 

All the treatments consider the interactions of' the ions 1.-1ith 

solvents to be predominantly electrostatic and neglects specific 

solute-solvent interactions and non-specific nneutraln component 

of the solvation energies of ions. Complete understanding require 

the knowledge of ion-dipole, ion (induced) dipole, ion-quadrupole, 

dipole-dipole and London dispersion forces 'l.vhicb are functions of 
-2 --4 -3 -3 -6 . . r , r ·. , r , r and r ~n that order· where r is the corresponding 

interaction distance which contain the ionic radius t-erm but not 

always equal to it
218

• An actual calculation of solvation energies 

thus requires knm-rledge of radii of ions and solvents. The various 

interaction distances, the polarizabilities and multipole moments of 

the solvent molecules and the ions, the co-ordination numbers for the 
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primary solvation shell and various geometric factors. The reliable 

quantitative calculation of hydrational and salvational energies 

are thus very difficult. 

The other methods of calculation of hydrational energies 
c 203 

but not AGt(in most cases) are due to Noyes , Goldman and 

.Bat es219 , Padova220 ' 221 , Beveridge and Schnull·e
222 

'
223

• A number 

of mathe~atically complex molecular orbital and statistical 

mechanical methods224- 234 have also been suggested but they are 

relatively little used due to complexity of the models. 

Me~bo~s bas~d o~~rement gf_oxidation-reduction potential an~ 

the E.M.F. of different cells :-

The search a suitable reference electrode baving the same e.m.f. 
234 value in all solvents thus appears imperative& Pleskov proposed 

that the potential of Rb/Rb+ couple, because of low polarizability 

and large radius of Rl/ ion, should· be equal in all solvents. 

Ho-vrever, both electrostatic considerations and experimental free­

energy transfer values of halides (having larger radii), Rb+ and 

cs+ in different solvent point the inherent limitations of the 

assumption. Strehlow and co-1...rorkers 73 ,206 ' 235 made appropriate 

allowances for the changed dielectric constants in di-fferent 

solvents and for t be residual electrostatic free- energy terms 

and developed a modified Rb- scale which was utilized by Coetzee 

et .al· •. 236 for· measurements of polarographic half-wave potentials 

of a series of cations present as perchlorat es in seven solvents. 
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. 73,208,235 
Koepp; ~fendt and Strehlow (also studied by Kuwana 

et • .al.237) selected the redox- systems of large symmetrical 

complexes Ferriciniuml Ferrocene.and Cobalticinium f Gobalt~cene, 

having very little residual charges on the ~urface, so that the 

standard e.m .. f. of t~.e. Fie ( Foe or Cic { .Coc /-i.e. dG~(Foc·) -
0 ' 

. A G t(Fic) _7 can be regarded to be solvent - independent. Thus 

the measurement of standard oxidation potentials in water and solvents 
A 0 0 · 0 

gives the value of ~ G + 4G + AG 
t(H.) ·t(Fic)' t(Foc) 

·According to streblm-1, 

0 
4 Gt(Foc). = 

I 

2 2 
NZ . e 

2 

1 1 - .!... /·1-- E. 7 
I ( ~~ ) - __ g) I 

L r + a1 ~+a2_/ 

••• (19) 

"YThere a 1 and a
2 

are constants, specific for t be solvents in question 

Strehlow used a
1 

= 0.85 ; 0.72 £:. a2 ~ 0.90 based on data of 

alkali ions. In addition to the inherent limitations due to 

liquid-junction potentials, the contributions due to surface 

potentials in measuring the real free-energies of transfer have 
238' 

been neglected • 

Inspite of the limitations, the method seems to be one of 

the most useful method for the determination of the •medium effect' 

of ~ing]-E:J~ ions ~?· ~videly used by de Ligny and co-'t·mrkers28- 32 ,238- 240 . 

They used the cells of the type 

Pt(H )·f ' 2 HCl0 4(m1 ) in water or 

~olvent s ,respectively 

KCl(satd.) ·in FI2o /l',g2Cl2 -Rg 

( c )• 
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Ferrocene(m
2

) ,Ferricinium KCl(Satd. )in H20 P..g Cl - Hg 2 2 

percblorate(m3 ) in H
2
o and 

8, respectively 

(D) 

7 
4G0 . I 

t(Foc)_; 

However, due to low solubility of ferrocene and instability 

of ferricinium in vrater, the determination of E. is generally 

supplemented by the polaragraphic half-wave potentials, Foe~ Fi6 + e 

have been proved to be diffusion controlled and the ratio of 

diffusion constants of ferrocene and the ferricinium ion appeared to 

be independent of solvent composition. The method has been us~d to 
+ 

determine the A G0 of H and the other ions in different solvents. "-\ t 
241 

The method has· been recently used by Kalidas et.al. to measure 

4 G~(H+) in different methanol- water, propylene glycol-. water 

and methanol - propylene glycol mixtures. 

Hm-rever, the presence of considerable amount of indifferent 
0 electrolyte should change the solvent structure, E - values and 

thus the medium effects. The diffusion constant of ferrocene and 

ferricinium ions may be unequal. It has been shown by Alfenaar 
240 

et.al. that the contribution of the solvent molecules to the 

diffusion potential cannot be neglected and is a function of 

solvent composition and the nature of electrolyte. The primary 

medium effect is the most important contribution to the diffusion 

potential. The .diffusion potential of electrolyte solutions in 

methanol - water mixtures cannot be suppressed by salt - bridge. 
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Ferroc ene may have residual electrostatic component of the ion167 

and tbe specific interactions of the redox couple with water and 

other solvents are also known210 • There may be uncertainties in 
238 . 0 32 0 

the crystal radii of ferrocene (3.8 A) and' ferricinium (3.3 A) 

ions. 

Other redox couples studied are ferrocene /ferricinium 

picrate; ferroin/ ferriin couple243 , ( 4, 7-dimet hylferroin/( 4, 7-
244 245 

dimethyl) f erriin couple , bisdiphenyl chromium ( 0, l) couple · ' 

246 with relative little success. 

Parker and co-workers168 , 1887191 feel that the ferrocene 

assumption is not valid 1vhen water is one of the solvents. Parker 

& Alexander recommended the cells of the type 

Ag(s) 

or 

AgN0 3 
(0.01 M) 

h• 
CH

3
0H 

AgClo4 

sat d. 

NEt4 Pic 

AgN0
3

(0.0lM) 

in solvents 

0.11'4 NE t Pic . . 4 

Ag( E) 

Ag(s) (O.Ol M)Solvent,s in solvent,s or 0 

AgCl04 

( 0.0111) 

solventp 

to determine medium effects. The bridge efectrolyte contains 

Ag(F) 

tetraethyl ammonium picrate hav~ng large and comparable anion and 

and cation size with no specific interactions with the solvents 

as apparent from roughly equal molar conductances in all solvents 

studied. Thus there is a negligible liquid-jlinction potential Ej. 

168 '169 1 d t h t . . 1 Parker and co-workers a so measure · e po ent~a 
..L.-

of fie/foe couple against the Ag '/ Ag electrode in fifteen solvents 
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using the cell . 

O.Ol M AgCl0
4 

NEt4 Cl0
4 

0.002 H Fie/Foe 

Ag NEt4 ClO 
4 

Solvents 

0.1 M 

Solvent 

0.02 1'1 NEt 
4 

ClO 
4 

in Solvent , S 

.Pt( G) 

Thus the values based on the ferrocene assumption can be 

readily converted to the negligible Ej assumption. 

However, the suppression of E. by means of a salt- bridge is 
J 

impossible as the liquid-junction potential E. at an interface of 
J 

tw~· different media is itself primarily a function of the medium 
242 

effects for the single ions transported across it • 

Extrapolation Method : The ext~apolation method has its 

origin in the works of Izmaylov104,246 , 247 who assumed G0 of an 

infinitely large ion to be zero and all significant components 
1 

of the solvation energy G0 of an ion are functions of - ( r = 
rn 

crystallographic radii, n = 1- 4 or 6). He plotted thermodyna-
. 0 0 . 1 0 0 

mically allm~ed combinations like ( GM - GH) vs ~M and -( GH + GX ) 

vs ~ ( M = alkalimetal ions, X = halide ions) and used extrapo-
X 0 1 o G~-G~ 

lations to get -GH at ( -=ti ) = 0. The plot of £: -GH + ( 
2 

) 

vs .:_ = l .1.( 2:-_ + ~ \ 7 improve the value of G
0

• I zmaylovl04,247 
"T&av 2 ,,. ""@M ~'x.J- H 

also consid·ered solvation of ions as complex formation bet-.;·reen 

solvent molecules (donors) and ions with vacant orbitals as 

acceptors. 

He determined the solvation energies of anions and catio.l!lls 

0 0 1 0 0 1 
from the plots of (GM + GX ) vs .;:;2' (GM - GH ) vs ~ and 
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0 0 
o GM GX 1 r -G. + ----- VS -- ~ ~~ 

2 + 
isoelectronic pairs like (Na 

( n = 3,4,5 etc.j]for different 

F- ) , ( K+ C 1- ) , ( R b + Br-) and (a::[) ,, 

where n is the principal quantum numbers of the-lowest vacant 

orbital of the ion. He considered the second method to be more 
0 . 

reliable. However, I z_rnaylov' s assumption that 4 G(neut) account 

for. 1 - 2% of the total solvation energy was found to ·be erroneous 
0 

from the estimates of Ll G( · ) via inert gas assumption or 
neut 

0 
experimental determination of LlG t)• Moreover, the calculations 

·. · tneu 
of I zmaylov104 , 246 ' 247 were dependent on the large errors involved 

in the determination of the dissociation energies of molecular 

hydrogen, the sublimation energies of the metal and of atomic 

hydrogen in the gas phase and crystal lattice energies of silver 

halides. The extrapolations are non-linear and generally based on 

three points. Therefore, large errors in the determination of 
0 

6.Gt or •medium effect' are but expected. 

Feakins and Watson and their associat es39- 46 ' 248 
'
249 

used the e.m.f. methods to determine the 4G~(free-energies of 

transfer from '\-tater to different solvents) val1.1es of HCl, H.Br and 

HI on one band and LiCl, NaCl and KCl on the other and utilized the 

extrapolations 

0 0 + -1 
LlGt ( BX) = LlGt(H ) + aoax (21) 

L\G~(MCl) .b. G~( el-) 
-1 

and = +b~ 
M 

(22) 

1 0 1 
L1G0

( H) to get at 
.7x = 0 and 6Gt(cl) at- =o 

t ~M 
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cations are found to be in lower free-energy states in 

the mixed solvents compared to water, while the anions sbmv the 

reverse trend. Hc?wev'er, linearity is poor in most cases due to 
"\ . . 

incomplete compensation of ,d Bt and T L1 St terms which are 

complex functio~s of radius and estimations based on the dependence 

of .!.. appear to be oversimplification. The major contributions to· 
~ 

free-energy of solvation arises- from ion dipole interaction term 

·ze A.. I~ 2 in addition to Born charging energy beyond the solvation 

she1125 • In consistent values of [lG~ of indiviqual ions result 
0 . 1 0 1 

from the\ plots of L}.Gt(M Cl) vs ""63M and ,6.Gt(HX) vs ~X· Other 

inconsistencies are also noted238 • However, it has been now 

recognized that the solvation energy of an ion is composed of an 

electrostatic part 
. 0 

.6 Gel and neutral part 

0 0 
6 Gn eut + .6G el 

The assumption was originally put forward by Bjerrum and 

Larson20~ and applied by Haugen and Friedman251 and most of the 
; 

vmrkers now a days. The neutral component was equated to the 

'medium effect' of the uncharged species of similar size and structure 

as the ion (knmvn as inert gas assumption). For benzoate. ion, 

benzoic acid is the neutral analogue \vbile for ions like Li+ ,Na+, 

K+ + + h . 1 h ,Rb ,cs t e ~soe ectric inert gases are t e corresponding 
- 167 

neutral analogues • 

The method has been elegantly put forward by A~fenaar 

d d . 31,238 d l K. 252 199 an_ e L~gny an_ more recent y by ~m. , Abraham and Liszi • 

In view of the difficulty of calculation ~G~eut' it has 
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been determined experimentally. .A.lfenaar and de Ligny31 ,238 tool\: 

_6. G~eut of very large ions to be equa~ to 6.G~eut of the 

corresponding uncharged particle of equal radius but for small 

ions, a difference ar:i:ses from the changed solvent structure 

around t·he ions of the solvent molecules. 

The free-energy of transfer of ions between two solvents 

including ion-ion, ion-dipole, ion-quadrupole interactions etc. 

are given by 

6_Gi(ion) = o a b c 
L\ Gneut + -;-:- + -:;;:'2-+ ::;-:. + · · · · · ••• ( 24) 

The free-energy of transfer of electroneutral combinations 

of ions have been divided by Alfenaar and de· Ligny into the 

contributions of the individual ions N: and A as follows : 
I 

c 
-·~-. ••• (25) 

o o a d 
6 Gneut' M = 6.GH - i'M + "'fM2 

e 
+ "iiM3+ • • • ( 26) 

The values of the left hand sides can be determined experimentally. 

aBorn is calculated -q.sing t be Born equation from the slop·e at 
1 0 
~, = 0 '. and 6 Gt( H), b,- c etc can be estimated bY the met bod of 

least square. It-Then the left hand side of the tvm equations (25) 

and (26) are plotted against ~ , t\vO curves will have a common 

intercept 
0 

~GH' the larger the ions, the greater the accuracy of 

the results. 
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The extrapolations, however, are non-linear. The contri-

butions of ~G~(neut) appear to be considerable and the 
0 

reliability of the-determination of £:3G ( via 'inert gas 
t neut) 

assumption' have not been proved. 

de Ligny and co-\vorkers28- 32 , 238- 240 later slightly 

moqified the method by incorporating ideas of Buckingham
253

, 
254 . 255 

Hallhrell and Nyburg , Muirhead-Gould and Laidler e 

salomon180 , 196 , 257 determined the individual free-energies 

of solvation from plot of differences in conventional free-energies 
1 

vs ~' where ~i. is the gas-phase radius of Gouray and Adrion. 
0 :+-

~Gsolv~ H ) is obtained from 

;- 0 '+ 0 - 7 constant 
- 6-Gconv\ ~-.? - 6Gconv<x-? - --- - 2 

O"i 

r o n~t> 0 + 0 + 
- Ll Gconv = .6Gsolv(M ) Ll Gsolv< H ) 

. 0 + 
6 Gsolv< H ) _7 

-+ 
M and X are ions of equal charge and radius. 

0 .+ 
~Gsolv~H-) 

••• (29) 

It is known that the enthalpy and entropy terms are complex 

functions of r, _but due to compensation of the enthalpy and entropy 

so~vation, the free-energy term is relatively independent of terms 

higher than 
-1 0. + 

r A G · ( H ) is found to be -235.0 K cal/mole. 
• L.\ solv 
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Since 
0 

A G is dependent of ionic radius, the choice 
.(_j neut 

of. crystal radii as determined by different workers are noted. 

Criss and salomon
180 

considered it desirable to take differences 
0 

in L}.Gt (ion) which automatically cancells 
"conv 

0 
A G for 

L..l t ,neut, 
anions and cations of equal charge and radius. The choice of 

crystal radius thus becomes less important. 

Abraham and Liszi199 determined the free-energy (and other 

thermodynamic properties) of solvation of gaseous univalent ions 

using a one-layer and two lay~continum model for ~G~ el utili fing ' ... 
0 0 0 

the equation !:1 Gt .=/. LlGt el + 6.Gt(neut) 
' . ' 

· ~G~(neut) is the 

free-energy of solvation of a non-polar gaseous solute of the 

same size as the ions in question. 

Wells257 calculated the free-energies of transfer of H+ ions 
i 

from water to 'vat er + co - s·olvent mixtures ( like MeOH, Pr OR, 

t - BUOH, ethylene- glycol, glycerol, acetone, di6xane, dmso) 
0 + 

assuming that f:.Gt(H) consists of two parts 

0 + or 
L\Gt(H )e is the free-energy change"the transfer of a sphere 

+ containing the tetrahedral structure B
3

0 ( H
2
0) (having 0" = 3 1"' H

2
0) 

·<from·,· c;:_ · to·.·· ·£. ·· (- diel:e~tric .~ol1_stant of the mixture ) using 
w s 

Born equation 

o ( +) . e2 ( 1 1 ) 
L\ Gt H = -6 .,- - C . 

e yoH20 ~ s w 

0 + 
~G (ROH) 2 covers all subsequent structural changes induced by 
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' 

t be presence of t be tetrahedral n
3
o+ ( ~0) 

4 
in the mixed solvent. 

Jro;,rever, t b.e met hod is applicable only in water-rich 

· media. The limitations of the method are· discussed elsewhere. 
I 

Method based on. 1 Refe!.§!!ce Electrolyte' 

The most widely advocated and promising approach to the 

estimation of 1 medium effects' for single ions ( and also for the 

estimation of partial molar volume, the solvation entbalpies and 

other thermodynamic properties of sing·le ions ) are those based 

on· 'reference electrolytes'. The reference electrolyte167 ,258- 262 

should be composed of large symmetrical counter ions of equal size 

and solvation properties,. so that the 'medium effect' should be 

equally divided between the cations and the anions. The central 

atom and the charge of such counter ions should be shielded by 

large organic residues to minimize both the charge density and 

specific interactions 1.rith the solvent. 

Tet raphenyl phosphonium t etrapbenyl borate ( Ph
4 

P B Ph4 ) 

was first used by Grunwald and co-workers
151 

to estimate t be 
dGO I 

lmedium effects) of single i.ons. If t for the reference 
0 ' d'Zj_ 

electrolyte is denoted Gt' the equation separating t'he transfer 

ene~gy into the individual contributions of positive and negative 

ions becomes 

0 

.6Gt(neut) 
d ln t. 
d~ 

••• (32) 
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The Ph4c was chosen as neutral analogue. 

The experimental values chosen from the 'reference 

electrolyte' method agreed 1.vell with the values predicted bY 

the equation. Slight positive G~ values for alkali metal cations 

and negative G~ values for inorganic anions indicate preferential 

solvation of ions. Popovych259 proposed tri-isoanyl-n-butylammonium 

tetraphenyl borate (TABB Ph4) as 'reference ·electrolyte' based on 

the equality of the Stoke's radii of ions in water, methanol+ 

acetonitrile, Tetraphepyl arsonium tetraphenyl borate (Ph4As B Ph4) 

has been proposed·by Parker and co-workers188 ,191• 

· Because of their low solubility in different solvents, the 

reference electrolytes are suitable for determining free-energies 

of solvation without uncertain activity corrections. 

1) 

2) 

The limitations of the method can be summarized as follows 

The results are based on solubility data and errors may arise 

from the possible167 , 181 

a) formation of crystal solvents 

b) micelle formation 

c) formation of complex ions 

d) ion-pair formation 

Insufficient evidence or no direct experimental evidence for 

the equality of radii of counter ions. 
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3) · Approximate equality of stoke's radii or calculated radii 

4) 

from models, are not real indices of ion-sizes or imply a direct 
261-

correlation between transport or thermodynamic properties 

264 
• Dielectric relaxation, size of secondary solvation 

effects must be taken into account to determine free 

f 1 t
. 180 

en·erg;i.es o so va 1on • 

The method should not be applied to dipolar aprotic 

solvent, 1.vhich differentiates strongly between the 

relative solvation of anions and· cations
210

• 

Inspite of the defects, the results obtained l.vith TABBPh4 

of Popovych and co-vmrkers and \vith Ph4AsB Ph4 assumption 

of Alexander and Parker are in good agreement, 

Discripancies between two methods arise from Parker's 

use of formal solubility product rather than thermodynamic 
166 

ion activity product used by Popovych • 

Berne and Popovych265 studied the medium effects of 

tetraphenyl germane .(Ph
4

Ge), tetraphenyl methane (Ph4c) 

and tetraphenyl silane (Ph4 Si) which are excellent neutral 

analogues of tetraphenyl borate (B Ph- ) , tetraphenyl 
4 

arsonium (Ph
4 

As+) and t etraphenyl phosphonium ions (Ph
4 

P+), 

the 'reference ions' widely used in the estimation of 

'medium effects' of single ions and whose ion-sizes roughly 
0 

fall in the range of 4.,0 - 5.5 A. Thus, for ions 1vi th 
0 

:r:adii 4 - 5 A 
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( experiment ai ) 

the interactions expressed by higher order terms in r- 1 appear 

t 0 be unimportant • 

Medium effects of Ph
4 

·G~, Ph
4

C and Ph
4
si referred to standard 

states in ethanol were calculated_ from solub:llities in .acetonitrile 

~-methanol, ethanol-water solvents containing 60 - 100 wt% ethanol, 

when the 'medium ·effects'· of tetraphenyl compounds are added to the 

cor~esponding estimatep of logm1( (Born) for an ion with r 
0 = 4-5 -A, 

the results are in fair agreement with the observed values of ~ 

log mY for the Ph
4

As B Ph
4

,- Ph
4

P B Ph
4 

and TABB Ph
4 

in ethanol­

water solvents, methanol but not in acetonitrile • 

tl . 252 aft . t. 1 d t . t d t 1 Recen· y, Klm era crl·lca an ex·enslve s·u y s·rong y 

recommends Ph
4 

As B Ph
4 

as 1 ref~rence electrolyte' to calculate 

single ion thermodynamics. The electrostatic free epergy of 

t·ransfer r f1G+ 

0 
{1 Gt(neut) are 

and LJ.G~(Ph4c). 

(Born) 7. are calculated bY the Buckingham theory, - . 

replaced bY the experimenta~. values of 4G~(Ph4Ge) 
' ' 

Ph Ge and Ph C have proved to be by their size 
4 ''. 4 

and structure r as determined from the determination of molar 

volume V ,. packing density(d~ and volume co~efficients 

and f= 

\ 

iT (Ph4As +) 

V (Ph4B-) 
_7 ·the ideal 
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neutral analogues of Ph4As and Ph4B-:- respeC:tively. Good agreement 
0 0 . 0 

have been reported bet1-1een · 4 Gt (= d Gel + LiGneut) value~· 

calculated and· experimental valu~~ of_ ~G~ (Ph
4 

As B Ph
4

) in various 

Ol .. ganic solvents.-

The partition of ·the values for the reference cation and 

anion has shovm slight ·and marginal difference in standard free 

energies of transfer, in most -cas,es. slightly greater for the 

cations than for the anion. 

Misaellaneous M~hods 

A number of methods of minor importance have been 

suggested ~o obtain 'medium effect' of which the method based on­

linear free· energy relationships suggested by Grunwald and 

co-worker is of importance. 

For the ionization of acids HA (aliphatic acids, benzoic 
+ acids) and BH (anilinium ion, toluidinium ions etc.) in alcohol+ 

water mixtures and water, we have; 

·YA-
( pk8 - pk

1
_,) HA = log YHrt- + log y,- = log yH+ + mAY ••• ( 33. 

HA. 
and (pks - pkw)BH+ = ]_og Yw + .log mB yo, rnA and ~B are 

substituent constants independent of the nature of the solvent; 

Y -. and y 
0 

are the solvent parameters dependent on the solvent 

only where 
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y_ = ( 1 - w2 ) ., . . (34) 

and "{o = -( 1 w )2 • • • (35) 

w = weight fr~ction of water in the solvent. 

(pk - pk ) + . s w BH = 
rnA and mB were determined by multiple-regression method which 

enables one to.'calculate log Y H+ • 

••• (36) 

The method, however, is of little value due to the inherent 

limitations regarding the assumptions of m , Y as pointed out by 
266 166 260 A 

Wyne-Jones · and Popovych ' and more recently by Maity and 

Lahiri267-269. 

Ba~icity_ of the mixed so~vents : 

The co~plexity of ion-solvent interactions is well-illustrated 

by the conflicting evidence concerning the relative ubasicitiesn 

of water and alcohols in the mixed solvents ,about .. which there is 

no general agreement. The investigation of transfer of free 

energies by Feakins and co-workers38- 45 , 248 brings one to the 

conclusion that the anions are in a higher free-energy state in 

methanol-water mixtures than in water, whereas cations are in a 

lower free energy state indicating methanol to be more basic than 

water. Considering the charge distribution in the solvent molecules, 

Feakins suggests that due to the indO.ctive effect of the methyl 

group, methanol is more basic than water and methanol will confer 
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"greater basicityn on water to which it is hydrogen bonded. This 

idea is in line with the views of Frank and Wen268 • Similar 

·conclusions have been drawn bY Welis269 from the behaviour of p-

nitroaniline in solutions of strong acids in methanol and in 

isopropanol. The medium effect for the proton, log m \ H estimated 

by Popovycn and co-workers166 ,258- 261 ,265 is negative in ethanol­

water mixtures containing from 10 to 98 wt% ethanol and passes through 

Negative values of log T betvreen 10 and 
m H 

98 wt% ethanol indicat~ that ethanol-i.vater mixtures in that range 

are more basic than either of the pure liquids, with maximum 

6 % d . 1.,70 d i basicity occuring at 0 wt t:Ja Brau e and stern···~· observe a sim lar 

variation in solvent basicity from th~ behaviour of the ~cidity 

function, Ho in mixtures of ethanol, dioxane and acetone v.rith 

water. In all three cases,-Ho passes through a minimum (maximum 

solvent basicity) at approximately equimolar solvent composition 

and then rises sharply in the region of the pure organic solvents. 

Calculations by paabo, Bates and Robinson15 point to the existence 
. . 

of a basicity maximum also in methanol - water mixtures, as do the 

estimates of log m T H by Alfenaar and deligny
238 

•· The conclusion 
2 . 

of Braude and stern 70 was that water is more basic in mixtures 

"IITith other solvents than in the pure liquid state, whereas its 

proton affinity is lowered bY strong intermolecular hydrogen bonding. 

Addition of organic: s.olvent to water is believed to bring about 

a gradual destruction of the water structure, thus liberating 

polymerised, condensed system having a considerable degree of struc­

ture, 2) the thermodynamic ~ignificance of K.is doubtful148• 

These apparently conflicting vievrs bave led Frank and Ives148 to 

suggest that in a hydrogen bonded liquid system, it is not possible 
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or even meaningful to assign relative instrinsic basic or acidic 

strengths to molecular species which exist so strongly under each 

others influence. 

According to Feakins45 , dioxane molecule is more basic than 

water and also enhances the basicity of water molecules to which 

it is bonded. 

· Feakins45 also suggests that~ pK possibly measures basicity 

but only over part of the solvent-composition range and the 

basicity of the solvent may well change ~epending on their 

environm~nt and therefore, change over the range of methanol-water 

concentration. Thus, it is apparent that pK can give some idea 

regarding basicity provided the full nature of the environment is 

known. 

Huirhead, Gould and L~idler2 have given the different 

types of forces which are present in solutions~ In addition to 

an increasing number of basic sites on the water molecules for 

bonding with the protons. The effective proton affinity of the 
~ . 

solvent reaches its maximum 't•Then the highe:r;- aqueous solvent H (H20)n 

+ are replaced by H3o ions. This condition corresponds to the 

minima in the plots of -Ho or log 1 vs solvent composition. 
m H 

+ Beyond the minima, the H
3
o ions a~e gradually replaced by the 

+ organic oxonium ions, vlhich the case of c2 H50H2 are more acidic 

than H30+ (po.sitive log 1" ). -The conductance of BC1271 in m H 

alcohol-water mixtures however appears to indicate that .protons 
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are bound more tightly to water molecule than to methanol. calculation 

of the equilibrium constants for the simple pJ?pt:on transfer reaction 

ROH; + H
2

0 = ROH + H
3

o+ bave given result~ ( e.g. JC ..._ 100 for MeOH,_ 

r- 250 for EtOH ) . supported by indicator~?2 , e.m.f. 273 and catalytic 

studies274 -taken to m¢~~- tbat water is a much stronger base than 
' 

alcohols. BUt 1) k-calcu+ated for the hypothetical proton-transfer 

reaction is a gross oversimplification of something more complex 

happening in the ion-ion forces, ion-dipole forces, ion-induced 

dipole fore es, ion-quadrupole fore es (may be 'termed ion-solvent 

interactions in a broader sence), dipole-dipole forces, dispersion· 

forces, and charge-transfer forces exist in solution. parker178 

also suggested that there are 'four kinds of strong solute-solvent 

interaction : ion-dipole, dipole-dipole, 7\ -complex forming and 

hydrogen bonding. Full and proper knm..rledge of these factors 

are necessary b.efore we can say definitely about the basicity of the 

solvents. 

In view of the complexities of the problem, Pal and Labiri
53 

determined the dissociation constants of salicyclic andsulphosali­

cyclic acids in a 'nlli1lber of equidielectric miXtures of different 

solvent compositions to get the relative magnitude of tbe basicities 

of the different· solvent mixtures. 

In view of the uncertainties of the radii values of anions 

(specially in case of unsymmetrical electrolytes) and lack of exact 

knmrledg e of solvation 53 ' the basicity of ~he solvent mixtures could 

not be ascertained but only the relative idea regarding the non­

electrostatic contributions could be made. Since nnon- electrostatic 
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t ermsn (termed 1 basicity' by Paabo et. al.) is predominantly nega­

tive for methanol-water mixtures, Pal and Labiri53 observed 

~G~1 term ( - ve) is in the order dioxane> i?opropanol) ethanol) 

methanol. But equidielectric mixtures invariably make the mole­

fraction of different solvents to differ considerably. Though 

there is constancy in .6.G0el parts (assuming r to be same in 

equidielectric mixtures), only tb e difference. in .6G~onel 

parts of different percentages of mixed solvents could be obtained. 

But t6G~onel changes with solvent-composition as tbe free-energy 

of mixing and solvent basicity change vritb solvent composition. 

Thus, tbe idea of even the relative basicity of the solvents 

could not be made from these measurements. They stressed the 

importance of determining t be ion- solvent interactions to determine 

the basicity of. mixed solvents. 

Inspite of the progres$ that bas been made in u~derstanding 

ion-solvent interactions and their role in medium effects, there 

is yet no means of evaluating in a reliable way the proton 

affinity of one medium with respect to that ·or another. For 

this reason, a single pH-scale applicable more than one medipm 

can not yet be considered a.practical possibility. 

A .,pat isfactory treatment of t be theoretical basis of complex 

formation in various. solvents and mixed. solvent does not yet seen 

possible. Complex formation occurs in a ,.,ay analogous to corres­

ponding re~ct ions in· wat.er.. A consideration .of ,electrostatic 

effects involved will cmhpli9at e. the treatment appreciably •. ·No 

systematic investigations have been done as to the effect of 

dielectric constant and change in acid-base character of the 
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solvents on the complexes. Hmvever, change in the stability 

constants of the complexes with solvent compositions are noted 

but the values are not simple functions of the dielectric 

t 
,53-55,67,141,275 

cons ants ~ 

Dioxane-"torater mixtures have been widely used for the 

det ermin:ation of stability_ constant of complexes slightly· sol~ble 
276 

in water. Irving and Rossetti · compared log KHL and log K.ML 

in mistures water+ dioxane & in some other solvents. The thermo-

dynamic significance of the difference between these constants 

was di~cussed. In aqueous dioxane and aqueous alcohols, the 

stability constant of the complexes containing an O-M linkage in­

creases with increasing organic solvents whereas the stabilities 

of complexes containing N .- M linkage decrease. But Irving and 

Rossetti found no simple relationship between stability and 

solvent composition for complexes of ammonia, ethylenediamine and 

pyridine, although the silver ethylenediamine complex is more 

stable in pure ethanol and isopropanol than water. 

Complex formation in non-aqueous or mixed solvents and 

their systematic correlations offer possibilities for future 

research. 
. of' 

The free energies of transfer/\nietal complexes and 

ligands may ·be of great help to determine the free-energies of 

transfer of metal ions and metal complexes. 

In recent years, free ... energies of transfer of metal 

complexes ( particularly alkaline metal 

ligands like cryptands and crown ethers 

complexes) of macrocyclic 
277 . 

have been made • A 
81 '1 82 positive value of the transfer activity co-efficients 

LM+ 
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L- L + = cryptands or crovrn ether, M = alkali metal ion _7 denotes 

that /-LM+_7 is·more strongly solvated in s 1 than in s
2

• 

However, attempts for qualitative and quantitative 

correlations are still very few. 

From the. disscussions, it is apparent that ins pi te of the 

ext~nsive studies, the role of solvents on the dissociation 

constants of the ligands, the exact nature of ion-solvent, 

solvent-solve.Ylt :inte~actions, and solvent basicities are yet 

provoed to be elusive as a result nothing specific a~ be said 

a bout the 1 medium effects 1 a quantity of fundamental inter est. 

,Systematic and extensive·studies are needed for the proper 

understandLYlg of the solution chemistry in aqueous and mixed 

solvents·. studies on the dissociation constants of ligands and 

their complexes in mixed solvents may give us some idea regarding 
l 

ion-solvent interactions, solvent-basicity and medium effects., -

I.Vith the above objects in vie1..r, we have determined the 

dissociation 9onstants of 2,2'-bipyridine, 1,10-phenarithroline in 

dmso + water, dmf + water and formamide + water mixtures and 

ferrous-tr·is-2,2 1-bipyridine complex in dmso + water and 

formamide + water· mixtures. 
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Section·- II 

studies on the dissociation constants of ligands 

in different non-aqueous and the binary mixtures give us 

insight regarding the role of solvents on t be dissociation 

equilibria and ion-solvent interactions. 

Most of the studies are in prot ic solvents like 

methanol, ethanol, t-butanol etc. and their aqueous binary 

mixtures.· studies in dipolar-aprotic solvents and their 

binary mixtures may be of some help to understand the nature 

of the soiute-solvent interactions and other solvent properties. 

·The peculiar properties and the various uses of 

dipolar-aprotic solvent dmso have led us to study the acid-base 

properties of ligands in dmso + I-120 mixtures. \>Je report in this 

section the results of our study· on the dissociation equilibria 

for the nisoelectricu reactions of the type 

+ 
AH ( 1) 

where A is either 2 ,2' -bipyridine ( bipy) or 1,10-

pheminthroline (Phen) in dmso '+ H
2

0 mixtures pH-metrically 

and spectrophotometrieally. The evaluation of free-energies o:r 
+ transfer. of H ion in mixed-solvents have been attempted • 

. 2,2'-bipyridine and 1,10-phenanthro1ine (G.R.E. }ierck) 
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vrere used without further treatment. Dimethylsulphoxide (Backer 

Analyzed Reagent) v1as dried over freshly .ignited quicklime for 

several hours and then distilled under reduced pressure. The 

distilled solvent was used '"ithin 24 bourse HClo
4

, caustic 

soda and other chemicals used. were of analar grade. Doubly 

distilled water was used to prepare the solutions. 

The ligands are known to absorb strongly in the 

u.v. region. The absorption maxima >11ere slightly changed 
-

indicr;lting little solute-solvent interactions. 

The pK-values of the ligands were determined P.!t~~a.h~<hlly a1td 

spectrophotometrically in the same way as described bY Labiri, 

Ad .. d k 1-4 
~tya an co-wor ers • Since the ligands absorbs strongly 

in the u· .. v. regions, their optical density measurements were 

taken at 300 and 305 nms (for 2,2•-b~pyridine) and 310 and 

315 nms for 1,10-phenanthroline. 

' The weight percentages of the organic solvent at 298K 

were calculated from t be knoHn amounts of the ttvo solvents by 

volume and the densities of the solvents. 

The dielectric constant and density values of dmso + H20 
mixtures were interpolated from the data· compiled by Covington 

and Dickinson
5

• 

Determination of H+ ion in dmso + H2D mixtures 
-----------------------------
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The _g~lass electrode has been reported to function 

satisfaqtorily in demethylsulphoxide up to a pH of 28. 

Ritchie6 c~tibrat ed the glass electrode with solutions of 
7 . 

p-toluene-sulphonic acid. Kolthoff et. al. used buffer 

mixtures of 4-Chloro - 2-, 6-dinitrophenol and 2 ,6-dinitro­

phenol (PK values determined conductometrically and spectre­

photometrically) and their tetraethylammonium salts. But 

such studies in dmso + rr
2

o mixtures are not known. Since 

glass- electrodes work satisfactorily in dmso, t berefore, 

the method suggested by van Uitert et.al.
8 

could be well 

utilised. The method has been extensively studied by 

Lahiri, Aditya and co-workers9- 10 • The instrument was 

first standarized with potassium-hydrogen-phthalate 

0.05 mol dm-3 buffer and then with 10-4 mol dm-3 HClo4 

acid solution. The glass electrode was then kept immersed 

in the appropriate solvent medium for equilibration and 

the meter readings of lo-4 mol dm-3 HClo4 in the particular 

solvent medium was taken. The method gives reproducible 

results. The correction factors log UH in the particular 

medium were calculated bY the relationship 

- log f_-H+ J ~ B + log. L-UH-/ were /-H+ _7 is the stoichio­

metric hydrogen ion concentration assuming 100% dissociation 

of the acid in the a.queous and in mixed solveni5s. 

The correct-ion factors log UR in different percen­

ta·ges of dmso + H20 mixtures are presented in Table ( 1). 

The O.R.t:.icd.Ldensity readings were recorded with a 
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{3a_ckm.an DU2 'spectropho,tometer_ ma~ntg.ined at 298K. The pH-meter 

'· ;~a;J~hgs .were -'no-ted with a ECIL dig-ital pH-meter having an 

accuracy of + 0.01. 
- j 1 

., 
Results 

The thermodynamic disso.qiation constants for the reaction(l) 

is represented by 

. ! ' 

(in very dilute solutions) 

" '· + 
'J.'hus ',p~ 

CAH 
:: pH+ log--

CA 

:: B + log UH + log 

:: B+ log Uif': log 

( B = meter readings of the solutions) 

(2) 

(3) 

( 4) 

. (5) 

where d~1' di~and d are···.·the ~ptieal d~nsities of either 2,2'­

'bipyridine or 1,10-phenanthroline at· pHs corresponding to _molecular, 

ionic and mixtures of molecular_ and ionic ~orms· respectively. 

Further rH+ 7,T t. al :: /-H+ 7· f. + /-AH+ 7 
- -, o - - ree - -

' /-A_/T = /-A_7 + L-AR+_7 

Thus, from the known concentrations of /-A_7T, /-H+_7T 
._._ . . 

and /_.H._]free /~determ:i,ned experimentally_? values, P'K.r can be 

calculated using ( 4), vrhereas equation (5) has to be utilized 

(6) 

(7) 
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-+7 where~~' di' d and L H _ ion concentrations are available. 

Tables 2 - 4 give the result of dissociation constants in mixed 

solvents. The average pK-Yalues of 2 ,2• bipyrid ine or 1,10-

phenanthroline at different dmso + H2o mixtures are given :Ln tbe 

Table 5o 

In vie1,1 of ion-pairing and hom·oconjngation of acids, it 

is desirable to vrork wit b very low concentrations in dmso. BUt 

1.o1e alv.rays prefer to determine the dissociation constants of acids 

at Yery 10'1.-ir ionic strengths and in absence of neutral electrolytes 

so that the thermodynamic dissociation constants could be determined •. 

In mixed solYents, the actiYity co-efficients of the 

ith species can be written as 

rt
1
• :::=:= r~. rl· If -Jj ?ilfl • S/l 

Hmvever, in very dilute solutions · s1i~ 1 so that only the 

t~rnedium eff ectsn which could be properly assessed so t bat ,..,e 

get the role of solvai1ts and the nature of the solute-solvent 

interact ions. 

The results in tbe table (5) show that the pK-values of 

2,2'_-bipyridine and 1,10-phenanthroline decrease as the percen-· 

tage of organic solvents increase but the change is quite 

appreciable particularly, at the begining. The change is quite 

large when '1.-J'e compare _ 6PK--ebange in comparable methanol-water 
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mixtures2 ' 3 where the dielectric constants are considerably lower. 

The greater solubility of the ligands in organic solvents is one of 

the factors for change in pK-values. The pK of 1,10-phenanthroline 

decreases, reaches a minimum at about 80 wt% of organic solvent 

ar,1d then increases ~N"hereas no such minimum is observed in case of 

2,2'-.bipyridine. 

The pK-values show linear ·relationsh_ip when plotted against 

weight percentage (Fig - 1). But the plots of pK vs 1/D or mole-. 
fractions are linear at best up to 60 wt% beyond vThich considerable 

deviations arise (Fig 2,3)_. It is apparent that specific solute­

solvent interactions ar·e important t() account for the variation of 

pK-values. 

In order to have some unaerstanding regarding the contri­

butions of non-electrostatic parts, it is desirable to calculate 

LlG~ (non-el). ,6G~(el) has been.calculated using the simple 

Born12 equation inspite of its limitations and uncertainty regarding 

the radii of ions. 

0 1 
AGt(el) = 166 X 4.184 ( D 

1 1 
- 0.0127)' (- ~H+ - l'AH+ ) 

0 13,14 
"('H+ has been taken equal to 0.86 A , -yaphen H+ or "fbipy H+ 

. 0 
has been calculated to be 3.70 A· The change in pK-values in going 

from water. to dmso + H20 mixtures have been usually ascribed to 

solute-solvent interactions. The effects due to dielectric constants 

in case of 1 isoelectronic reactions' being negligible. However, 
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in view of the differences of radii of H+ and AH+ ions, the 

effects of the dielectric constants are quite app,reciable. 

In view of the limitations of Born equations, we have 

also utilised the 'one layer' solvation model as suggested by 

Abraham and Lisze15 

0 
~Gt( el) = 

NZ2 I 1 
--·( 1) ( --

2 "(,"- a 

a = radius of the ion. · 

1 ) + !E2 ( _!_ - 1) ( 1 ) 
b 2 £o b · 

b = a + )1; ( "fs = radius of the solvent molecule) 

£1= 2 and t'.c,= bulk-dielectric constant. 

l'dmso and 'rH20 have been taken from the literature15• 

r H2o has been assumed to vary with solvent compositions. dmso + 

J\ 0 
As expected, the differences between L.lGt(el) values 

calculated using Born /equation and Abraham' s15 equation are quite 

large. The use of Born equation or other modified equations, 

which are appreciable to ions having spherical radii, in case of 
. + + 

flat molecular ions like phenH or bipyH is lik~ly to introduce 

some error. · Hmvever, the limitations of the Born equation or 

other equations with adjusted radii or dielectric constant 

values are -vrell-knmvn16• However, there are also uncertainties 

in the radii values of simple spherical ions. The ion-dipole 

interactions may also be quite appreciable. 
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BUt whatever niay be the method of calculating the 

. ..6G~( el) values, 6G~(non el) have been found to increasingly 

negative (Table 6) indicating th'e inceased basicity of the 

solvent mixtures compared to H o. It is known that dmso is basic 
' 2 

in nature and the dmso + n
2
o mixtures are likely to be more basic 

than H o. But the correction factor ( - log UH) increases as the 
2 

percentage of organic solvent increases reaches a maximum at about 

80 wt% of dmso and then decreases again. This means that the 

basicity is maximum at about 80 'tift% of dmso. 

0 
Since the .D.Gt(H+) of transfer oji 'mediwn effect• 

from v.rater to dmso + H 0 mixtures \-Vould enable us to have better 
2 

'insight regard:Ing the solvent basicity and ion-solvent interactions, 
0 

attempts have been made to determine the LiGt(H+) values 

utili zing the free- energies of transfer for the reaction ( 1). 

Since the vrork bas been carried out in very dilute solutions, 

the solutions may be regarded to be their standard states. 

Thus, 

Ll LiG~( 1 ) = iJ. G~( 1 ) ... ~ G~( 1 ) 

= ~Go + AG
0 

+ Ll G0 

t(A) t( H ) t(AH+) 

0 . 0 
= 6Gt(H+) L1 Gt( el) (AH+) 

-' 0 0 0 _7 L as 6Gt(AH+) = ~ Gt(.A) + .6 Gt( el).(AH) + 

Thus, 
0 0 ~ 

~ Gt(H+) = LL1Gt(l) + 
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0 
· .AGt(H+) values from_H

2
0 to dmso + F"20 mixtures have been pre-

csented in table 6 using t'he di·ssociation constant values of 2,2'­

, 0 
bipyridine and 1,10-phenanthrolene and ~Gt(el)(AH+) values 

calculated from BOrn equation and on~,layer solvation model as 
- . ' 1: -

described before. The limitations of'-' determining the free- energies 
/r: 

of transfer of ions are well known16• We .have particularly chosen 
0 

bipyridine and phenanthro7ine for the measurement of 6Gt(H+) 

as tqe···solute-solvent interactions of the ligands are known. to be 

11 f t 1 '. . t 17 ver:y sma rom spec ra measuremen s • 

Ihspite of the limitations of calculating 

(we prefer Born equation tbi:m the one layer solvation model), 
0 

b.. Gt( H+) values calculated using bipy or pben are 'in good agreement 

qualitatively and almost quantitatively if one considers the 

limitations of such measurements •. Assuming an error of + 0.02 

(at lovr percentages of organic solvent) - + 0.04 (at high per­

centages) in pK-val~es,. an error to the extent of± (0.20 to 0.40)KJ 

are expectecl. In view of lack of data, it is difficult to compare 
0 

our . 6 G. ( :+ values with those in the literature. However, the 
· t H ) 

values can be compared with the values reported by \N'ells18 • The 

values are quali(!-t'4\:.1\t~lyin ·agreement but not quantitatively. For 
0 ' - . 

better comparison, the l>Gt(H+)(molar) values have been converted 

into mole-fraction· scale and t be values come closer. still ·the 
/ 

differences are appre·ciable about -1.0 KJ at 16.89 wt% ·.:.- 4.67 KJ 

at 42 vrt% and about -3.8 KJ at about .72. wt~;; (Table 7). No values 
-

are av-ailable .at: higher percentages.c The results thus can be 

.;• 
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regarded to be in good agreement. 

In vie1,1 of the inherent, limitations of the various. 

extra thermodynamic models of calculating 1 medium effects r of 

ions arising from simplified generalisation_, ±he method 
0 

sugge-~d by us is simple and reliable. The ~Gt( tf .. ) values 
, _J 18 

calculatld by vJells in dmso + H
2

0 mixtures involve the use 

where has been calculated by· the application of Born 

equation to the transfer of a sphere containing the tetrahedral 

structure, 

rH 0 is the radius of 1vater ions. The reactions as suggested 
2 

by 'VJells implies a change in radius values in mixed solvents. The 

generalisatio~s and the use of data obtained at high ionic 

. strengths are hardly justifiable for the determination of 'medium 

effects'. The 6G~(H+) values are increasingly negative 

indicating the spontaneity for the. transfer of H+ ions in mixed 

solvents. Thus the mixed solvents appear to be more· basic 
0 

compared to water. However, t::, Gt(H+) increases above 80 wt% of 

dmso indicating that 'the basicity' decreases beyond::this regionc.onich i<> 

in good accord with the observed 'Correction factor' values • 

. Though it is hardly possible to throvrlight on the 
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solvent structures from the limited data, but attempts ca.n.. be made. 

It is expected that dmso would first enhance the three-

dimensional polymeric structure of water but unlike the alcohol + 

tvater mixtures, tbe maximum structure formation has been reported 

t b · t h · f v~ ,...._ 0 35 h · ' 19 ' 20 
m h b o e J.n · e reg~ on o 11.dmso.-- • or . 1gner · • _~_ e c ang es 

·of other physico-chemical properties are also in the region Xdms~ 

0.35 to o.5o19- 22 • 

It is likely that after initial structure formation 

breakdown of water-structure and dissociation of dmso and dis-
'. 

ruption of water structure take place with concommittant formation 

of hydrogen- bonded dms o + H20 syst em upt o a bout 80 \vt% of dms o. 

Beyond this reg ion, disrupt ion of dmso + H 0 occurs. That is why 
2 

the changes in physico-chemical properties occur in this region. 

Tqe 0 + 
!1 Gt( H ) or ·'correct ion factor' ( - log UH) is also maximum 

indicating the maximum solvent basicity· in this region. 



- 81-

Correction factor of dmso + H
2

0 mixtures 

~~----------------·------------

Wt% of Hale-fraction 
Correction factors 

dmso 

-----
1 2 3 4 

---
10.87 0.027 1.28 - 0.02 

21.53 0.060 1.30 - 0.07 

32.02 0.098 1.31 - 0.14 

42.28 0 .. 144 1.32 0.28 

52.35 0.202 1.35 - 0.46 

62.24 0.280 1.39 - 0.66 

71.94 0.371 1.45 - 0.89 

. 81.46 0.503 1.55 - 1.14·. 

90.81 0.692 1.?2 - 1.03 

---- ---
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Table - 2 

Dissociation Constants of 2,2'-bipyridine at 32.62% by wt% of dmso 

( PH-metric ) 

Concentration of 2,2'-bipyridine soln. = 5 X lo-3 mol dm-3 

( T emp = 298 K ) 

' ---------------------------·--------·-------
Fraction of the· 

ligand neutral­

ised (lo-3mol dm-3 ) 

Meter·· pH-after 

readings correction 

Average 
pK 

pK 

-------------- ---------------------------------------------------
1 2 

--------·--
1 •. 5 

2.0 

2.5 

3.0 

3.5 

4o35 

4.17 

3.99 

3.82 

3.63 

3 4 5 

----------------------------------

4.21 

4.03 

3.85 

3.68 

3o49 

3.84 
\ 

3a85 

3.85 

3.86 

3.86 

3.85 

-------~------------------



-·-i .• ' 

---~_· 

'· 

~ 

- 83 -

Table - 3 

·Dissociation constants of 2,2 1-bipyridine at 32.02% by wt of dmso 
' 

( Spectrophotometric ) 

Temp= 298 K Cell length = 1 em. 

Analytical wave length = 300 nm 

Optical density of the molecular form (dM) = 0.062 

Optical density of the ionic -form (d1 ) = 0.418 

Meter pH after 

reading correction 

1 2 

4.21 4e07 

4.03 3.89 

3.91 3.77 

3.80 3.66 

3.75 3.61 

3.66 3.52 

---

Observed 
_<L._ 

3 

0.191 

0.234' 

0.255 

0.275 

0.287 

0.300 

---------------------------------

d - dM 

-------------------------------------
4 5 

---
0.129 0.227 

0.172 0.184 

0.187 0.163 

0.213 0.143 

0.225 0.131 

0.238 0.118 

6 

- 0.24 

- 0.03 

:·o.o6 

0.17 

0.25 

0.30 

7 

3.83 

3.86 

3.83 

3.83 

3.85 

3.82 

--

Ave.rage pK = 3.83 + 0.01 

Average pK value from O.O.'s at 300 nm = 3.83 + 0.01 •. 
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Table - 4 

DiS§2£!ation constants of 1~0-phenanthrolin~at 32.02% b~i__Qf dmso 

( spectrophotometrically ) 

Temp ;;; 298 K 

Analytical ~rrave length = 310 nm 

Optical density of the molecular form (dM) = 0.235 

Optical density of the ionic form (di) = 1.17 

Meter 

reading 

'1 

4.49 

4o38 

4.25 

4.16 

4.11 

4.06 

pH after 0 bserved 

correction d 

2 

4.35' 

4.24 

4.11 

4.02 

·3.97 

3.92 

3 

0.730 

0.780 

0.832 

0.885 

0~900 

0.940 

4 

0.495 

0.545 

0.597 

0.650 

0.665 

0.705 

5 

0.440 

0.390 

0.338 

0.285 

0.270 

0.230 

d - dM 
log pK 

dr- d 

6 

0.05 

0.14 

0.25 

0.36 

0.39 

0.49 

7 

4.40 

4.38 

4.36 

4.38 

4.36 

4.41 

Average pK = ~38 + 0.01 

Average pK value ·from 0 .d. 1 s at 315 nm = ~· 39 ± o·o1 
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Table - 5 

Dissociation constants of 2,2 L~. bipyridin e and ·1, 10~phenant hro1in e 

in dms·9 + wat.er mixtures 

----------·---------------------· 

k
,, \' 

I 

" ' <' 

2 ,2 1- bi!)yrid ~ne · ~,10-phenanthroline 

--------------------------------------·--------------------

Wt% pK( pH..;; met ric-) 

16.87 4.17. 

21.53 :· 4 .. 00 

. :?2'.02: .. ~ -~ 

. 42 • 2,8 . 3 • 70' . 

. 52.35 '·3 .44 
'• 

62.2'4 3 •. 17 

'71~94 . 2·.72 

81.46 .2.30 

90.81 2.23 

pK( SP ect ro:... 
photomet~ic) 

---
4.21· 

4 .. '02'. '· 

3 .e3· -

3 .• 72 

3.40 

3.11. 

2.66 

2.24 

2 •. 15 

Averag.e . pK( pH-metric)· 
. . . 

--- --
--- . 

4.19' 4.69 

4 .. 01 4 •. 55 - ~ '. 

3.84 4.42 . . ~ -

3.71 4.28 

3.42 3.99 , 

3~14 3.73 

2.69 3.46 

2.27. 3.14 

2.19 3.35 

·-------·--------~---~-----------------------

pK(sp·ect ro- · 
photo met ric}. 

Average 

-- - ---· 
4;.68 ' ·4.69 

. ,. '4, 53 
. . . ' 4.64 .. 

_4.38 '. 4.40 

4.20. 4.24' 

3.93 ., . 3.96 

3~68 3.71 

3.42 3.44 

3.18 3.16 

3.41 3 •. 38 

--~-------------------------------------------------- ---
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Table - S 

Free-energy of transfer of Protons and related properties in dmso +.H
2
0 mixtures. 

Temp = 298K. 

--- - ---
Wt% of 

0 . . . 0 . 0 
.6 Gt(K Joules) LJ.,Gt( el) (KJoules) ~Gt(H+) (KJoules) 

dmso Bipy Pben .. , :·A B A ___ ..:..___lL 
F.'£=· J 

---
r = r = r =· 

0.86 3 .. 70 0.86 3.?0 Bipy Pben Average Bipy Ph en Averag.e 

--- -- -- --- - - --
' 10.87 - 1.60 -2.05 . o·QBr~.: o.02 5;39 1.17 - 1.58.-2.03 - 1.81. -o.43 -0.88 -0.66 
: ~ . ',1, 

21.53 - 2.62 -2.91 Q.24 () .06 10.09 2.29 -2.56·-2.85 - 2.?1 - o.33 -0.62 -0.48 

32.02 - 3.59 -3e71 0·32 o··o8 14.50 3.30 -.?3.51 -3.63 - 3.55 -0.29 -0,41 -0 .. 35 

42.28 - 4.34 -4.62 Q.40 0 .o9 18.62 4.2? - 4 .. 25 -4.53 - 4.39 -o.o7 -0.35 -0.21 

52.35 - 5.99 -6.22 Q.65 0 .1s 23.29 5.19' - 5 .. 84 -6.07 - 5.96 ;..Q.80 -1.03 -0.92 

62.24 - 7.59 -7.65 o.97 o .. 23 26.35 6.40 - 7.36 -7.42 - 7.39 -1.19 -1.25 "-1.22 

71.94 -10.15 -9.19 1.45 o.34 ·29.74 7.24 - 9.81 -8.85 - 9.33 -2.91 -1.95 ·-2.43 

81.16 -12.55 -10.78 2.26 o.53 32.94 8.07 -12 • 02 - 10. 25 -11.14 -4.48 -2.71 -3.60 

90 .8.1 -13.00 - 9.53 3.63 b.84 36.28 9.28 - 12.16 -8.69 -10-.43 -3.52 -o.2s -1.89 

----- --- --- -- --------------------

l\. = Calculated using BOrn Equation 

' B = Calculated using one layer continum model. 
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Table - 7 

0 
L1 Gt( H+) (KJoules) (mol-fraction scale) 

-----
i"Jt% of 

~~Jells 
dmso 

------------·----------------
10.89 

21.53 

32.02 

42.28 

52.35 

62.24 

71.94 

81 •. 46 

f)0.81 

3.01 

5.60 

7.90 

9.90 

11.70 

13.70 

14.90 

-------
our work 

2.00 

3.09 

4.14 

5.23 

7.06 

8.80 

11.10 

13.35 

13.17 



-·· 

~ 
' .......... J 

1. 

References 

s.c. Lahiri and s. Aditya, z~ ·Physik. Chern. (N.F) ~' 173, 1964. 

D.K. Hazra and s.c. Lahiri, Anal. Chem. Acta, 79, 335, 1975. 

G. Biswas, s. Aditya, A. Bhattacharyya and s.c. Lahiri, 

J. Ind. Chem. Soc., ~' 1137, 1977. 

4. D.K. Ram, A.K. Mandal and S.C. Lahiri, J. Prakt. Cbem., £1~, 

719, 1977. 

5. A.K. Covington and T. Dickinson, in physical chemist·ry of 

organic solvent ·system, Ed. A.K. Covington and T. Dickinson, 

Plenum Press, London and New York, 1973, P. 19. 

6. C.D. Ritchie and R.E. Uschold, J. Amer. Chern. soc.,~' 2752, 

1967. 

7. . I.M. Kalthoff and T.B. Reddy,. Inorg. Chem., I, 189, 1962. 

/ 

8., L.G. van Uitert and c.c. Haas, J. Amer. Chem. soc., 1§,451,1953. 

9. u.c. Bhattacbaryya and s.c. Lahiri, z. Physik. Chem.(N.F.), §Q, 

131, 1966. 

10. s.c. Labiri and s. Aditya, J. Ind. Chem. Soc., §1, 319, 1974. 



I 

-· 
~ 

··. ;'!".,. 

·-~--

-~ 
·-...I. 

11. 

.. 89:... 

R.G. Bates, Determination of pH, -secg:~d· Edition, ~viley Inter­

Science, New York and London, 1973, P. 21lh 

12. · M. Born, ·z. Physik •. , ]:, 45, 1920. 

13. E.E. sager, R.A. Robinson and R~G. Bates, J. Res. Nat. BUr. 

stand., A6§, 305, 1964. 

14. G.H• Parsons and C.H. Rochester, J. Chern. Soc., Faraday I, 71, 

1058, 1975. 

15. M.H. Abraham and J. Liszi, J. Chern. soc., Faraday I, 76, 1219,1980. 

16. S.C. Labiri.and s.:·: Aditya, J. Ind. Chern. Soc.,§.§, 1112, 1979 

and references cited 'therein~ 

17. c.c. Deb, D.Ke-Hazra and s.c. Lahiri, Ind. J. Chern., 21A,26,1982. 

18. C.F. Wells, J. Chern. soc., Faraday I, 77, 1515, 1981. 

I 
19. J. Kenttamaa and J.,J. Lindberg, soumen. Kemistil, B, 33, 104,1960. 

20. J.M.G. ·cowie and P.M. Jop~rouski, Ca:v:i~.J. Chern.; 39, 2240, 1961. 

21. K. H • .Tung and J ·B· ytrrie, cali·ad. J. Chern., 40, 2423, 1970. 

22. H. B. ·silver, J. Inorg. Nucl. Cbem., 39, 2284, 1977. 

/ 



~-,( 

~ 
:t. 
;:, 

\=l.<l I ~ -+ ~;r .· s 
J: ~ 

·-~o Q,) 

+- ~ 

~ & 
~ €J ::t .a... -C ..... + co ~ 

_.:~ 

tl 
0 0 

H C/;l 
s 

~. + 1J 
:e ::r: . 

~ 0 ~ 
.. 

~ ,J;J_ a.: 0 ..... ...c (JJ 
cO 0.. .· ~. 

~ 

.. 0 
0") 

01 co·· 

~· ~ 
0 

0 ~ 
tJ) 

0 
0(/} 

. K. 1=·· 
""0 
a... 

00 

\D~ ... ~ .-·-
' 

.JJ 

..c 
0') o .... 

lO \J 
~ 

0 
~ 

0 .. f..C) 9 t.n <::,;; lCl 0 ·~ 

.L.D ~· 

~. 
.. 

~ 
. 

~ ....:;t. {'If) <"i·. ~ 

~ 
.~ 

:>:d 



\ 

4.·5 

4·0·-

~~ 3•5 

. 9·0 
~ 

. .a.;_ 

2•5 

2·0 

1"5 

~ -~ f~ . '" -
~ ~ . - -

10 Bipy-H: ---< ~ -g;py+ H-t-

-n 8-PhenH+ ~Ph en+ H+ 

Solvent:· dmso + WQ-\:er rnh:lu~e 

~ '<].... . .L\ - -- -- -.... _ ~ ---
-~-- ..:.-.-- -

_, 
..... ..... 

....... ........ . 

'() . 0 ...... -- ----- .-., -- - - -

# 

-n 
r...:o·-

~ 

1·3o 1·s~ 1·4'o 1·4? 1·?0.-:~fi:·s~- 1·€6- 1·7o 1·15" 

_j_X102 -:;:;.-
1> 

i '\ . 
-·. ' 



~-

~ 

-~ 

+ + :r :I: . ~ 

+ ,-

-~ ~ 
Q; ·- ~-

00 !L 

1L 1t 
+ + :r.: ::c 

>-..· c 
.-a. Q) ·- ..0 .CD P-
0 ~ 

.H·f=:l 

~ 
\ 

' I 

' I 
. , 
'f! 
I 

I 
I 

I 

"" . 
0 

. 
0 

'Ln 
·, 
0 

~ .. 
0· 

M 
. ' 

0 

1~ 
\ 
1 

J~ 

-···-~ ... , ~-~--~----~·. ·_j· .. _o - ., 
o ~ ·o ~- ~ 

. ~- ('-~ : ~ 'ci -~· 
. tO .. 

~~--- :>!~-



-~· 

' . 
~-

Sect ion - III ------

The effects of solvent structure and solute-solvent 
•••. - "'' -'· • - -. •..J - ~. • .... ·-· 

interactions on equilibrium constants and rate constants of 
.... • - ,_ J- - - ...J - J ~- -~ - _, - • - ... • - • ~ •• ~ • - .J _.. -... ·-' • • -

chemic~-~ .:r:~a<?tions in non-aqueous and _mi~ed solven~s a_re not 

well-understood. The effects could be investigated both by the 
- ; . -- .. • .. 

alteration of the solvent composition and by variation of solute · 

structure and charge typ~. studies on the acid-base equilib~ia 
---- -- . 

' 
in different non-aqueous and their binary mixtures are particu-

- - - . - . . - . - . . . - ~ 

larly suited to study the role of the solvents and t-heir solute-

solvent interactions. The dissociation constants of ligands in 

~l~f~rent nc:m-aqueo~s (mostly protic) solvents and their binary 

mixtures have been widely studied and attempts have been made to 
- - --- .. ·-- -. .. 

such studies in dipolar aprotic solvents like dmf and hydrogen-

bonding amide solvent like formamide and their binary aqueous 

mixtures are relatively fevT. 

This prompted us to study the dissociation equilibria 
. - ' .. · - -- -· - . . - ·- .. ~ - ',,... -

for the nisoelectricn reactions of' the type 

+ A+ H 

where A::: 2,2t-bipyridine (bipy), 1,10-pf.ienanthroline in dmf + 

water and formamide + water mixtures pH-metrically and spectre-

photometrically. 

Attempts have been made to explore the role of the 
- -- -~ . - . . -

solvents and evaluate the values of the free-energies of transfer 
+ of H ions from water to dmf +water and formamide + water mixtures. 

The results are reported in the present section. 
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ExPerimental 

__ 2_~2',-:-~ipyri~i~~ and 1,10-p~~~anth.r~line ( G.R. E. Merck) were 

used as such_, Formamide (G.R.:E. Merck) were dried over freshly 
.. ~· - . - . - -· - . ...., . - ... ·- . -- .. .,.... - . . - - . . . - . ... - -- ' . . - ........ - ' - - - - .... 

ignited quicklime for several hours and then distilled under reduced 
. ··/----- -. .. ---- -·--- "·- --- .. -. -· ... -· 

pressure. N,N'-dimethylformamide i.e. dmf (E. Merck) -v1as purified 
-- - _. - --. - - •..I - - - ' - • • • ' - --- - --·- .... -'- --- - - ·-· -- ·' - • - - • - ···- - • • --

~~ -~r~<?ti?~8:1 ~i.s~i~l~ti~~ under _:r:ed11ced pr~ssll:r:e _a~t~:r--~ryi~g the 

solvent over freshly ignited qtticklime for several hours .. The 

distilled solvents were used within 24 hours. 

HCl.0
4

, __ ~au_~t_tc soda and other chemicals were of analar grade. 

Doubly distilied water from all glass distilling set was used to 

prepare the solutions. 

All the ligands absorb strongly_in the u.v. region and the 

absorption maxima of the ligands are 280 (molecular) nm and 301 
- • - ...1 - -- - - -- - - •. 

(ionic) nm for 2,2t-:-~i_p-y:rid~ne ~nd_?~~- (m9.lee~lar c:nd. 272~ionic) 

nms for 1 ,10-_phenan~~~ol.~n·e~ .The ~o~ve!-'lts also absorb:"~_ s~r'?ngly 

in the U.V. region and optical density measurements. are possible 
. -- - . . - . . - . . . . - ....... - . . _, -- .. - . . - ., - ... ' .. - ~ ._. 

only at longer wave lengths. _We have selected 300 and 305 nms for 
- ---- ---- - - --'., 

2,2'-bipyridine and 310 and 315 nms for 1,10-phenanthroline. 

___ -~h_e pK-valll:es __ 9f the -~igand~ were det_~r~~n~-- PH:me~ri?ally 

and spectrophotometrically in the same way as described in the 

previous ·.sect ions ~-3 

_I?_ -~O~?J-amid"e _s?.~~~~or;s ~"the optic~l __ d_e?-sity corresponding to 

ionic forms of the ligands could not be determined as a white · 
- - -. -_, - - - ·- - .... - ' . . -..... - ·- - - ·- . . - . ' -- . - ... - - - -

precipitate was observed with the addition of considerable amount 
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()f __ HC~()4 -~-o fo:rznamide_. T~_~r:e~~r:~~ _ pK_;values in formamide solutions 

were determined only pH-metrically. 

~be weigh~_ p_er?~~~-~~es o~ __ or~an~c--~~lvents at 298K were 

calculated from t be volumes of the solvents and their density 
4. 

values • 

The dielectric constants for dmf + water mixtur.es ·and for-
' • -' ' .- • -·· ..,. ··'· J '• -' ~· '" ". •· •. I " - ~ .. - "' 

mamide + water mixtures were taken from the literature5 ' 6 .• The. 

optical density readings were recorded with a B~ckman DU-2 
....... -- ~ -" '-. - ~ _. - - . -~ -~ '"'" - .. :- -·-- . . --- - .- . -· ~-.... - -. - ' ~- .... 

spectrophotometer maintained at 298K. The pH-meter readings .were 
-- - ..... -

noted __ 'i.vith a ECIL expanded scale pH-meter ( having an accuracy of 
- -' . -.... _, ... -~ ..... ,. -- ' - -· . - - - .... - - . - - . . ....... ~ 

± O~Ol) and used the glass and the calomel electrode. 

Determination of H+ ion in dmf +water and formamide +water mixtures 

For the determination· of H+ ion concentrations in mixed 
"~ ~- ' ... --. -·- ._, . '• - . 

solvents, the glass and the Calomel electrodes should be properly 
-· ,J - - - - - ~---·' - • -·· -- '•-' ~ - ....... -- ·---. ... • ·- -- - ... -. - • ""- - ·- - • • - - - - ..... - --- ,r -- - ·-' • ~ 

calibrated in the solvent in question and the appropriate correction 
-....1-·- ...... --·-· ·- ...... - • -- ~·- ---~-- -·-· ..... -. -..J,. • - --·- • -- ....... -- < 

factors are to be determined. Due to moderately large dielectric 

constants homoconjugation and ion-pairing are extensive in dmf-medium --- . - - . '- . . - . .,., . . . - . 

which can be avoided only at very low concentrations of salts and 

acids. However, __ it __ i~ alwa~s-~preferable to determine the 

dissociation constants of acids and bases at very low ionic strengths 

and in absence of enert electrolytes so that the thermodynamic 
- ' .J - • •-.- .... -- ._, -- - •.. , _ _. ""' . •·- - ~ -- --, 

dissociation constants could be determined. 

"'--v__./ 
, J ~~~--~~as~--~l~<?~:r'?d_e .~~ known t.o --~_U?c_~~on s~t~~!~?~()rily in 

dmf. Koltboff and co-workers7 used 4-chlor0¥2,6-din~tropbenol and 
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2,6-dinitrophenol as standard acids and used buffer mixtures of 
. -' . - ~ -· - -. . . -- - . --. - ----- - - -~--- - . - -- ......... -. - - - -

these acids and their tetramethylammonium salts for calibration 
' .... - - ·' ~ - -· .... - -- ....... - -- - . . - . . . -. ~ ~- - - . -· - - - . -

of glass electrodes. Hovlever, there is almost no report of the 
. - - _, ~- - ---- ~ ---- . - -·· . - . - -· -·-- - - . -- .__ - - -- . - - --· . '-' - . _., -- - - ~ -

used 0f glass electrodes in formamide soluti0ns. 

___ W ~-'--howev-er , __ .~s.e<_?. _t_h_~--~ ~ass and ~_!?~ ~ qa~?mel electro~e~ __ -· 

both in dmf + H 0 and formamide + H 0 mixtures. For calibration 
2-- -- . - -- J_ -- ~2-" - .. - .. 

of electrodes, the same procedure suggested by van·Uitert
8 

and 
-- --. -- " • - • - ~ -- - - - - - - • " ·- -- • "- "-· J • - " - - - •• -- '"" 10 . 

extensively U.s ed by Lahiri, Aditya and co-workers 
9

' was followed. -- -. . ...... . . --~ -· - ... -- . . -... --- -._ ... - ........ - ... . - -- - . - .. - - ..... . -- - . - - - - - --· ...... - - - ,... - . -

The instrument was firs:t standardized with potassiu.m-hydrog_en 
- . - . .. - . ... . -.- - ·' . -·-- - --. -· -·- - - - . -' -. -- . - - ' . 

~~~ha~~t-~_ (0.05 mol dill~~~ 1?.~-~~r. and __ t_~e~ .. w~t~ ~~-4 m()~ __ clm-
3 

HCl04 
acid solution. The glass electrode was then kept immersed in the 

appropriate solyent medium for equilibration the meter readings 
·- - - ·- _.... ... - ·'· - .-- - - . - -.. _.-. ...... . . 

of lo-4 mol dm- 3 EClO and other solutions with unknown H+ ion 
......... ,.J ----·--· ..... -- ··-· •• '·--· --4 - .. ·-' . ._.._. ------ -· ----

concentrations were taken. The process was repeated to examine the 
-. -- ---- . __,: -- ......... •' ·-· "'.. . .. - ~-- .. -- - ··- -. -. 

reproducibility of th~ results. The calibration is to be performed 
-..J- • ' - ·-· • ..J . -~ -- -- • - -· .•• _,-- - - - ........ ~ • - - • 

in each solvent composition and for each set of measurement. 

After the measurement, the glass electrode was dipped in 
- --' o-J •• ~---- - --. • ....... ·- -. • -. ·- _... • , •• -~ -~- - - • -·. 

!~ _ _I!C_~ __ for ~-~~ ~~~ut~s_and t_l?~~--~~1?~ --~h distilled water. The 

:~rr~?~~o~-f~c_to~~- (}og __ Ufl! .. _de~_er_min~ in the way described 

previously, are given in the Table 1. 

Results ---
The thermodynamic dissociation constants for the reaction(l) 

is represented by 

X ( 2) 
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\ 

~ 

'-~-

- < 

Thus, PKT :::: pH+ log 

:::: B + log 

:::: B + log 

\ 

L-
UH + 

u + rr-

- 94--

A 7 _ +- ~ 
- .. I AH 7 

log 7 --:-

f_~A_7-· 

log ~~ 9-M 
d - d -- L- __ , __ 

the terms have the· usual significance as 
~- . + -- - ' -- . -- + - -- :1- -

Moreov~r_? ~ H ~?Total = _L H __ 7 ~ I AH __ 7 
and 1-A 7 - . -- = 1-A 7 + 1-AH+ 7 

- - Total - - - -

... (3) 

••• ( 4) 

. . . (5) 

- "-

described . 1 2,3 preVlOUS Y 

.. . . (6) 

••• ( 7) 

Thus,_ \-Tith the use of_ the app_:roJ?:riat_e va~ues, pK-valu~s _.could_be 

determined. Tables 2 - 6 gives the result of dissociation constants 

in the mixed solvents. The average of pK-values are recorded in 

Table 7. 

...1 "' • -- -- ...... - • - -- ' ~-' -·· • .) -- - ... J • - -

The ionic strength of the solutions range between 1.5 - 3.5 x 

lo-3 mol dm- 3 • 

D i s c u s s i Q_~ 

Since the pK-values are determined at low concentrations 
. - -. - ..J --.J • -- •• • • - - ._.• ~ -- • -- • ~ 

of acid an~_ -~~:mi_c ~ s_t:engt 9s_ , __ t_~e-~ e -~re regC:I'cled _ t? _ 'b~ t ~ermodynamic 

values. _F~rthe~m~I_'~_,_.~in?_e_t_~_e s_?.l~~ions are dilute, the nmedium 

eff ectn could be easily d et ermin ~d as s l7 ~ 1 omd I\= l'nl? · -=:P. -::::::;. l"h{.· -- ··- ··'-~ ---~·-- ·- --- --·- .... , ,_,._. ---·· ---

This is particularly important to elucidate the role of the solvents. 

T h~. r~s?-~ts -~ _ ~~1:>~~ 7)_ s~o_w_ -~bat -~ ~e._-pK-values of ~ ,2-.~ipy~i­

dine and 1,10-phenanthroline decrease with the addition of organic 

solvents but the change .is appreciable in formamide + :Mater mixtures 
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at the begining but the subsequent changes are small. 

It is obvious that the greater solubility of the ligands in 
.. ·-· ........ --·---' ···- ... ".. . . .. - ... ~·- ·-· ~-- -- _.._. --

organic solvents and the salvational properties of bipy H+, Phen H+ 
- . --· . ~ -. ~--· - - ....... - - -. - - - - . . . . . _, - . -· -. - . - ....... 

' ~ 

and H+ ions are responsible for the changes in pK-values but the 

so~~b~~ity of bipy is __ p~o-~a~~?::.111~c"9 _ high~r th~I?- J?hen at higher 

percentages af dmf + water mixtures. Moreover, the pK of 1,10-
_ - --' -- - - • • - - J - • - -- - _., ·- -· • ~ - - - -. -· • ..... - . - - - --- --- ·-- - - - - • - • - - , •• -- -

phenanthroline decreases' reaches a ··maximum at about 80 wt% of 
.·' . _, - ..•. . J --· - '' -··' • --.1 .•• ·' • - - • - • - ·' ··-·-- -· ....... - ··-' • '" ... ' - • ·- . • - -· ·-' -

organic solvents and then decreases. No such behaviour is observed 
- -' .J ·-· .• - .. - -- • • -' 

in case-of 2,2'-bipyridine. 

_ -.~?'tv_~ye!', -~- 9 -~- p~~-:V~~ue_s d_~c~~~s_e reach mL11imum at about. 

40 'tvt% and then increase again in case of formamide + water mixture 

( Fig$. l{L). 

The pK-values when plotted against mole-fraction or L show 
.... -· ·-· ·-· . . -D. 

l~~~B:ritY. B:t best ~pto -~0 ~~% __ b_~;ro~~ 'tvhich __ ??J?~s~~erabl_~ ~eyiations 

O?~U~ (~~gs ~ +- 6') • This is particularly surprising in case of 

formamide + w~t er mixt?-~-~s" ~-h~n -~he ~~~~~_ec~r~c· ~onstants are high~r 

than 78.5. It is .C?.~Y~OUS that t_h_~_,spec~f_i_c_ solute-solvent interactions 

are of great importance in determining the pK-values. 

The lig~~s .. ~re expected to be more basic in these basic 

solvents and basiccl:~~y should_ ~e· greater in forrriamide + water mixtures 

which is not actually observed. 

The changed behaviour of the ligands are due to differences 
J-- -·. --- --- -- - -· •.. J •••••• .., • 

in the characters of. the solvents. 
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Formami_~e -~~ highly basic h~dro~en~bonding solvent ()1. = 3.750) 

w~~h_h~gh __ -di~l~c!r~c _c9nstant -~~0~~5) -~!_l~_V!h~~~~s _d~ is \.Jeakly basic 

dipo_~~~ .~1F9t ~~-- s_C?_~V§lnt _wit ~--19~ .. 9-i:~le~t r~c constant. _ T~ough the 

dielectric constant of dmf is comparable to that of methanol but the 

changes in pK-values are different in these two solvents due to 
- - ...... ~-J·-· --~ --· ..... ·- '• --- •../~ -. -··- -· ·-.- _. __ -- -·- -

differences in solute-solvent interact ions. The bipy H+ and ph en H+ 

are likely to be stabilised by hydrogen bonding in these solvents. 

The prqbability of hydrogen-bond formation by bipy or pben will 
- - --. - !"_.. • -. -"- - • --' --· • . • . • ·- ~ •• -

diminish with increasing concentrations of dmf (but not in ·case of 

formamide). I~ both c~ses, howeve:J;, solute-solvent interactions and 

dispersion forces would be high but dipole-dipole interactions are 
~- . - - - -- . - . 

greater ir: cases of ph~- ~f.;:: ~~11D) 1~,~~ -~h<:tn that of trans1 bip~ 
S. ,A. __ = __ ?_~9~) 11 ,_1~ ... ~ Th.us __ i t_he -~~t~~ -~fects of_ ion-dipole int erac-

tio~~-~nd ~ipole-dipole interactions would determine the 'medium 
13 

effects' • 

____ IrJ.. ?rder to t~~~W. ~light on ~?.~~~nt basicity and ion-solvent 

i?teractions, itis necessary to dissect -~-~~-into_ 6_G~(e1 ) 
" 0 -- .. 

~nd ___ t\~t(non.el)• Inspite of ~he_l~mita~_ions, the simple B?rn 

equation14 can be 
. - - ~-- ---. utilised to calculate the 

0 
L\ Gt( el) for the 

reaction (1) using the relation 

- ~ . . 

L:l,G~(~l) = 166 X 4.184( ~ - 0,0127) ( ~+ - l""~H+ ) 

rH~ has been taken equal ito 0.86A0 15
,
16 and 1" or r + 

-. - · -· . . - . - . - · ph en H+ bipyH 
0 

has_be~n_c~l~ulated to be 3.70 A" -~t __ is a~par~t that the 

electrostatic contributions are considerable even in case of 

isoelectric reaction(!) due to the differences in radii of ions. 
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In -view of tbe limitations of Born equation, o"'e layer 

solvation model wa·s also utillsed17 

1 ) ( 1_ 1 N'zt 1 1 
1b )+-2 ( ~ - 1) ( 1:,- ) a 

0 

e., = 2 
' 

a = crystallographic radii of ions 

b = a + solvent radius. 

£ 
0 

= bulk dielectric constant, 

rH20 , rdmi' and rformamide have been taken from the literature. 

rdmf + rr2o and rformamide + H
2

0 have been assumed to vary with 

solvent composition. 

The Born equation and one layer model, bmvever, give: 

wiO.ely divergent results and we prefer simple Born equation. 

It has been suggested that greater negative values of 
0 

~ Gt(nonel) indicate increased basicity ~f the mixed solvents 
18 0 . .- ~ 0 

compared to water • The ~Gt(none1) =I 4Gt -L1Gt(el) _7 
values have been found to be increasingly negative in dmf + H20 
mixtures indicating that the basicity tncreases with increasing 

dmf content. But in case of formamide + :820 mixtures, 0 
- 4 Gt ( nonel) 

is maximum at .about 40 wt%, and then decreases which means that 
0 

the basicity is maximum at about 40 wt%,. The values of - 4 Gt(nonel) 

is not consistent with the correction factors log UH values. The 

log UH values indicate that the basicity increases upto 80 wt% 

of dmf and then decreases in case of dmf + H20 mixtures whereas 

·t be basicity continually increases in case of formamide + H20 

mixtures. The formamide + water mixtures are much more basic than 
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those of the corresponding. dmf + H
2
o mixtures as well as alcohol 

+ water mixtures. 

In order to have better insight regarding the basicity of 

the solvent mixtures and ion-solvent interactions, attempts have 

been made to determine the free energies of transfer of hydrogen 
0 

ions ~Gt( H+). 

(Born) 

For the react-ion (1) we have, 

o· 
From the experimental..6.6 Gt(l) 

. 0 
values, the ~ Gt(H+) values in 

0 
and calculated L).Gt(el)(AH+) 

different solvents have 

been calculated. The results are recorded in tables 8 and 9. since 
0 

the 6.Gt value have been determined in very dilute solutions, the 

solutions may be regarded to be in their respective standard states. 

The Born equation or other modified equations are strictly 

applicable to spherical ions. Thus, the use of Born equation in 

case of flat molecular ions like Phen H+ or bipy H+ may introduce 

some error. Hmfever, the limitations of Born equation or other 
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equations with adjusted radii or dielectric constant values are 

we.ll-known19- 21• The uncertainties in the radii values of 

spherically symmetrical ions are also known. 

0 
Inspite of the limitations of calculating _6Gt(el)(AH+), 

0 Ll Gt ( H+) values calculat eel using bipy or ph en are in good 

agreement qualitatively and almost ·· 1quantitat ively in formamide + 

,.,at er and dmf + H 0 mixtures. 
2 

It is to be noted that deviations arising from an 

error in pK-values (.i, 0.02 pK units at low percentages to± 0.05 

pK units at high percentages) would account for a change in 

0 about + 0.5 KJ in D.Gt'(H+) values. The deviations are rather 

high in case of formamide + water mixtures and at higher 

percentages of dmf + water mixtures. ":~?he differences in 
0 . 

b. Gt(H+) values in these solvents: may be due to differences 

in solut a-solvent interact ions. 

0 
The comparison of ~ Gt( H+) values hmv:ever, are not 

possible due to lack of data. 

0 
The £\Gt(H+) values are negative indicating the 

spontaneity of transfer of H+ ions from water to mixed solvents. 

This is reasonable in view of the knmm basicities of dmf and 
0 

formamide •.. However,- _D.Gt(H+) increases with increase in dmf 
0 

becomes maximum in the region 80 - 90 wt% but - ~Gt(H+) is 

maximum at about 40 wt% of formamide indicating that the basicity 
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is maximum in this region. 

It is, hov1ever, difficult to correlate the ''medium effectstt 

'with the solve11t structure. In general, the addition of organic 

solvent to water first causes the enhancement of three-dimensional 

polymeric structure of water. NeXt,disruptiori of solvent structures 

(water, dmf etc.) and format ion of H
2

0-formamide or H 0-dm.f molecules 2 . . ' 

take place and ultimately at higher percentages (above 70% by wt;~ 

of formamide and 80% by wt. of dmf) disruption of fl20-organic 

solvent bond takes place, Thus t be marked changes in the solvent 

structures take place at about-20- 30 wt% and 75- 90 wt% of 

organic solvents. Therefore, the solute-solvent interactions and 

basicity maximum would probably be observed in these regions® 
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Correctigg_factors at various organic so1ven~ 

-----·----- ---
dmf 

------------------------
Wt% - Mo1e-Fract ion 

0 Q 

9.52 0.025 

19.14 0.055 

28.87 0.091 

38.64 0.135 

48.64 0.,180 

58.68 0.259 

68.84 0.352 

79.11 0 .. 483 

89.58 0.675 

1 nx 1o
2 

1.27 

1.31 

1.34 

1 .. 38 

1.45 

1..52 

1.63 

1.,76 

1.96 

2.,24 

Correction. Wt% 
factor 

- o' 
- 0.13 11~17 

- 0 .. 29 22 .. 06 
--

- 0.46 ,32.67 

- 0.75 43.,.01 

- 0.95 53 .. 10 

- 1.13 62~94 

- 1.35 72e54 

- 1.52 81.91 

- 1.,36 91'il)06 

-----

....... 

Form amide 

\ 
l 
l 
\ 

\ 

2 1 
Mo1e-Fract ion - X' 10 D . 

\ 

\ 
----·--

correction 
factor· _____ , 

------------------------0 1.27 

Oe048 1.21 - 1.52 

0.103 1.14 - 1.-88 

0.163 1e08 - 2e20 

0 .. 232 1.04 - 2.42 

0.3-12 0.99 2.64 

0.,405 0.95 - 2.80 

0.513 0.92 - 3.01 

0.644 0 .. 90 - 3.,.19 

0 .. 801 0.89 - 3.40 
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Fractions of the 
ligand neutrali-

3 sed ( lo-3 mol dm- ) 

1 

1.5 

2.0 

2.5 

3.0 

3.5 

--------

\---
'1 

. I 

~. f 
I 

........ 

Table - 2 

Dissociation constants of 2,2'-bipyridin,e 

Concentration of 2,2'-bipyridine soln~5 X lo-3 mol dm-3 

Temp = 298K 

Meter 
readings 

2 

3.96 

3.78 

3.59 

3.40 

3.22 

pH after 
correction 

3 

3c01 

2.83 

2.64 

2.45 

2.27 

PK 

4 

2.64 

2.65 . 

2.64 

2G63 

2.64 

Average 
pK 

5 

2.64 

X 

-

------------------·---------------~---.---------- --~-----------------.-----·------~------
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Fraction of 
the .ligand 
neutralised 
(1o-3 mol ·am-3) 

~- 4 
\ 

0 

t-

Table - 3 

Dissociation constants of 1,10-phenanthroline at 38~64% by wtf, of dmf. 

( pH-metric ) 

Concentration of 1,10-p~enanthroline soln = 5 X 10-3 mol dm~3 

--·---
Meter 
readings 

------------- -----------------
pH after 
correction pK Average pK 

------·----------------------·----------· 
, ____ 

1.5 

2.0 

2.5 

3.0 

3.5 

4.64 

4 .. 46 

4.29 

4.10 

3 .. 89 

3.89 

3.71 

3.54 

3.35 

3.14 

3.52 

3.53 3e53 

3.54 

3.53 

3.51 

---- --- ------------------------------

.~· 
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Table - 4 

Dissociation co!l§tants of 2,2'-bipyridine at 53.10%._bY vrt•_ of Formamide 

Fraction of the 
ligand neutralised 
( 1o-3 mol dm-3) 

-- - ---
1 

'-

1.5 

2.0 

2 ... 5 

3~0 

3.5 

'•, 

----- - .. --

Concent!E:ti·on of 2 ,2.:.::_ bi:QYridine soln = 5 X lo-3 mo1__gm-3 

Meter 
readings 

2 

6,15 

5.97 

5 .. 80 

5.,61 

5e43 

PH after 
correction 

3 

pK 

4 

Temp = 298K 

Average 
pK 

5 

------·--------------------------------------------------

3.51 3 .. 14 

3.33 3.15 

3.16 3,16 3.15 

2 .. 97 311.15 

2.?9 3.,16 

~ 
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Table -.:...§ 

Dissociation .Q.Q!}§tant s_ of _1,10::::.12.h.rulillJ.throline 

Concentration .of 1,10-phenantbroline s.Ql.n.= 5 

lo;t 
at. 53~1Q%."wt_,...~ of formamide 

X lo-3 mol_cfut ... 3 

__ ,______ ---------------- -----
Fraction of the 
liquid neutralised 
( 10 ... 3 mol dm-3.) 

1 

L.5 

2 .. 0 

2~5 

3 .. 0 

3e,5 

Meter 
reaQ.ings 

pH after 
correction pK 

----------· ·-------~-·--------·-----------------------------· 

2 3 4 

·------------------------- -------------------------·---------------· 

6.3S 3.,69 3.32 

6~14 3.50 3.32 

5.,96 3 .. 32 3032 

. 5.78 3.14 3.32 

5,.60 2..,96 3033 

---------------------------------~--------·---------------------- ·----------------------

·--------

Average 
pK 

---·-----
5 

9~:t 

·-----------------------
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Ta_ble 6 

Dissociation constants 'or 1,10-'Qhenantbroline at 38.64% by Wt% of_gmf 

( Spectrophotometrically ) 

Temp = 298K _ 

Analytical wavelength = 310 nm. 

o.d. of the molecula!'_ f:.erm (dM) = 0~210 
o.d. of the rionic form ( di) = 1017 

Cell l~ngth = 1 em~ 

., 

'}/ 
-~ 

------ --------- j____ ----y -----

Meter 
reading 

pH after 
correction 

observed 
d· d- dM di - d 

d- dM.· 
log d - d 

I 

PK 

----------------------------~-------------------------
1 2 3 4 5 6 7 

-------
4.52 3.7? 0 • .535 0.325 0.635 - 0.,29 3~;48 

4.45 3.70 0 •. 580 
... : 

0.370 0.,590 - 0.20 3.50 

4.37 3.62 0.615 0.405 0.55.5- '~ 0~14 3~48 

4.24 3.49 0.690 
_,-

0~480 + 0\l)Ol 0~475 3$50 

4.19 3.44 0.716 0.506 0.454 + o:;o5. 3.49 

4.14 3 .. 39 0.750 0 .. 540 0 .. 420 + 0.11 3.50 

Average pK value from o.d. reading = 3,.4S. ± 0.01 

-------------------------
. ----------------------------------
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Table - 7 

- -- -- ----~-------

Wt% of PKT of 2 ~2 1 -bipy PKT of 1,10~phen Wt% of P:f5T of PK.r of 
dmf Forma- bipy' 1, 10-phen. ---pH ... Spectra- PH- spectro- mide (pH-met- (pH-metric) 

metric photome- Average metric photome- Average ric) 
tric tric -- - -- -- -

0 4 .. 47 4.47 F)-01? 5.05 0 4®47 5.05 

9.,52 4.0? 4.03 4~05 4.48 4.45 4.47 11.17 3_,23 3.69 

19.14 3.75 3.71 3.73 4.17 4.14 4.16 22.06 3.13 3.,50 

28.87 3.42 3.36 3.39 3e91 3.87 3.89 32.67 3.09 3.,31 

38.64 2.98 2.92 2.,95 3 .. 53 311)49 3.51 4'3 .01 3.08 3.26 

48.64 2.64 2.60 2.62 3.30 3.25 3*28 53..,10 3Ql15 3<!132 

58.68 2.34 2.27' 2.31 3.03 2.97 3.00. 62.94 3'1>25 3.41 

68.,84. 1.82 1.74 1.78 2.81 2.75 2.78. 72.54 3 .. 32 3.44 

79.11 1$46 1.38 1.42 2.50 2~42 2.46 81.91 3.43 311>49 

89.,58 1.28 1.18 1.23 2.66 .2.58 2.62 91.06 3.49 3 .. 54 

--------·------------------------· -------------------------------------------~--------------------------------------------------------·---------
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Wt% of 
dmf ------

9.,52 

19.,14 

28.,87 

38.70 ' 

48.64 

58.68 

68.84 

79.11 

89.58 

v. ·_j 
~" 

\ 

Table - 8 

+ )( 

Free-energy of transfer of Protons and relat eel properties in dmf + H
2
o mixturE 

'- ,. Temp. = 298K ------- - -- ---0 '".._, 0 ' 0 
6,. Gt (kJoules) L1 Gt( el) ( kfoules) . ., l1 Gt ( H+ ) ( kj o ul es) 

--- --
Bipy Ph en 

. ' (A) (~)- ' (A) (B) r ==-- r == r = .r = 
0.,86 3.70 0.86 3.70 BiPY Phen Average Bipy Ph en Averag 

--
... 2.40 - 3.31 0 .. 32 0'1106 5 .. 55 1.08 - 2~32 .... 3.23 ., 2 .. 78 - 1.32 - 1.23 -- 1.28 -
- 4.22 ... 5.08 0 .. 57 0.13 10.93 3.25 ... 4.09 - 4.95 - 4.,52 - 1.97 "" 1.83' - 1.90 

- 6.16 - 6.,62 0.89 0421 15.59 3.52 - 5.95• - 6.41 - 6,.18 - 2~64 - 3.,10 - 2.87 

- 8.67 - 8.79 1.45 0.34 20.02 4.58 - 8.33 _. 8.45 - 8.39 - 4.09 - 4.21 . - 9.15 

-10.56 -10.10 2.02 0 .. 47 24.20 5.72 -10.09 ... 9.63 - 9.86 ... 4.84 .... 4 .. 38 - 4.,61 

-12 $32· -11.70 2 .• 91 0.67 28.,28 6.86 -11.65 -11,03 -11.34 - 5.46 - 4.84 - 5-a15 

-15.35 -12~95 3.96 0.92 31.91 8.23 -14~,43 -12.03 -13.23 ... 7.12 - 4.72 - 5.92 

-17.40 -14.78 5.57 1.29 35G94 9.26 -16.11 ... 13 .49 -.14.,80 - 8.14 - 5.52 - 6.,83 

-U3"'49 ~13.86 7 .. 91 1.84 39.36 10.32 -16.65 -13.02 -14.,83 - 8~17 - 3.54 - 5.86 

-----------------------------"···-----
./ 

A = calculated using Born Equation. 

B::: Calculated using one layer continum model. 
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Table_::__2 

Free-energy of transfer of Protone and related properties in Formamide + H20 mixtures 

Temp. 298K 

---- ~ -------~------------~----------------

-~-Jt% of 
Formamide 

11.17 

22.06 

32.67 

43.01 

53.00 

62.94 

72.54 

91.91 

91.06 

.A~~(Kj oules) 

Bipy · Phen . 

---· 
-7.07 - 7.75 

-7.65 - 8.,84 

-7 .. 87 - 9.93 

-7 .93 .. -10.2:). 

-7.53 - 9.87 

-.6.96 - 9.36 

-.6~56. - 9.19 

·-5.93 - 8.90 

-5.59 - 8 .. 62 ___ , 

0 
b. Gt( el)( kJoules) 

0 
6. Gt( H+)( kJoul,~s) 

..,- - -- -- ---. ----
A B A B 

r =- r = r = r = ' 
0~86 3.70 0.86 3.70 Bipy Phen· Average Bipy Phen - Average 

--:r-----·----

-0.48 -0.11 -6 .. 31 -0.38 -7.18 -7 8 86 -7.52 -7.45 - 8.13 - 7.,79 

--1.05 -0.24 -5.10 -1~09 -7.89 -9"(;08 -8.48. '-8.,75 -- 9093. - 9.34 

-1.53 -0 .. 36 -7.53 -1.39 -8.23 -10.24 -9.26 -9.26 -11.32 -10,.29 

-1.86 -0.43 -9 .. 52 -1.79 -8.36 -10.64 -9.50 -9.72 -12.00 -10.86 

-2.26 -0.52 -11.90 -2.46 -8.05 -10.39 -9.17 -9.99 _;12!'33 -11.16 
; 

-2.58 -0.60 -13.98 -2.78 -7.56 9.96 -8.76 -9.74 -12.14 -10o94 

-2.82 -0.66. -16.20 -3.44 -7.22 - 9.85 ~8.54 -9.90 -12.63 -11.27 
f 

-2.98 -0.69 -18.29 -3.74 -6e6~ - 9.59 -8.10 . ~9 .67 -12.64 -11.16 

-3.06 -0.71 -20.28 -4.40 -6.30 - 9.33 -9.82" -9.99 -13.02 -11.51 

--------------~----------------·----------- -------------------
A = ca~culat ed using Born Equation 

B = Calculated using one layer continum model~ 
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Section - IV 

The role of solvents on the .dissociation constants of the 

weak acids are widely studied and relatively ~nown, though clear 

picture is yet to come. But comparatively little is knovm about 

the effect of solvents on the dissociation constants of metal 

complexes. In order to explore the role of solvents on the 

dissociation constants of metal chelat es_, Pal and Lahiri 
1 

studied 

the equilibrium constants of ferric salicylate and ferric sulpbo-

salicylate in a number of equidielect ric mixtures of different 

solvent compositions. BUt owing to lack of fundamental data on 

dissociation constants of phenolic groups, t be effect of solvent.s 

could not be predicted. 

Haz;ra, Lahiri and otbers~-S studied the dissociation 

constants of ferrous-tris- bipyridine complex (ferrodiin) and ferroin 

in dif:ferent mixed solvents so as to get informations and insight 

regarding the effect of solvents on the equilibrium constants of 

Bipyrt Bipy + 
+ 

( l) ::::.. H 
~-

Febipy~+ + 3H+ 2+ 
3 bipy H+ ~Fe + (2) 

~ 

F b" 2+ e 1py
3 

'<:"" Fe2+ + 3. bipy (3) 

Their works gave us the imipetus ·to study the effect of other 

solvents on the. reaction (1), (2) and (3) so that comparative study 

can be made regarding the behaviour of different solvents on t be 

reaction (1) to (3). 

In the present section, we describe the results of our studies 
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on the dissociation constants for the reactions (1) to (3) in 

different dmso.+ water and formamide +water mixtures. 

Dimethylsulphoxide (Backer analyzed) and formamide (G.R.E. 

Merck) were purified in the same way as described in the previous 

sections. All the reagents were G.R.E. Merck grade. Ferrous 

ammonium sulphate (G.R.E. Merck) was dissolved in known quantity 

of HClo
4

• The purity was checked by estimation of the iron-content 

analytically with standard potassium .dichromate in the usual way. 

The solution was utilized within several hours. For each set of 

measurement freshly prepared solution was used. 2,2 1 -bipyridine 
I 

solution was prepared by directly weighing bipyridine (G.R.E. Merck) 

and dissolving it in the appropriate solvent. 

2+ 
The addition of Fe ion to bipyridine gives an intense 

red colburation with an absorption maximum at 524 nm (absorption 

maxima changes to 522 nm in mixed solvents having high percentages 

of organic solvents). The absorption maxima remained unchanged 
. 2+ 

with change in pH, but the o.d. of the solution (same Fe and 
+ ligand) was found to decrease ~ith increasing H ion concentrationse 

How· ever, due to basicity of the solvent mixtures relatively .high 

·concentrations of acid are necessary to study the complexes.. It 

has been assumed that under the experimental conditions used, 
2+ . 2+ 

Febipy_ and Feb~py2 were not formed as suggested by Kalthoff 
6 2+ 

et.al., Febipy
3 

alone was-formed in aqueous and mixed solvents. 

We have also observed that mono complex is formed only when Fe2+ 
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is present in large excess compared to bipy. .The complex is 
2+ 2+ 

rapidly ~onvert ed ~o FebiJ>Y
3 

but no Febipy2 could be det acted. 

The extinction co-efficients ( E- ) of ferrodiin were 

determined from the measul,'ements of o~rl. 1 s of solutions containing 

10 - 20 fold excess of ligand to different concentrations of 

_ Fe2+ ion at wave lengths 520 mn, 522 nm and 530 gm. Under the 
. -

condition, the concentration of. the complex could be taken equal 

to ferrous ion. This is confirme¢1. by· the fact that for the 

same concentration 'of ferrous ion and different concentration 

of bipyridin.e, the 0 .d. readings were same~ The extinct ion 
·:' 

co-efficients ( E ) in different percentages of mixed solvents 

are given in tables 1 ... 3··. 

For the determination of the stability constants, o.d.•s 

of solutions_ containing different concentrations of ferrous ion 

and bipyridine were meas1.;1.red (ferrous ion was added to bipyridine) 

at 520 nm, 522 nm and 530 nm. Measurements were made at 298K~ 

The concentrations of.the complex were calculated from 

o.d. readings and extinction co-efficient values at these _wave 

lengths. The concentrations.-_of the complex came out to 1be 

almost equal-at these wave -l?ngt})s. Fd>r the calculation of 

equilibrium constant for the reaction (2), the average values 
' 

of the complex obtained from measurements at th~~ wavelengths were 

taken. 

Optical density values- were taken with a Beckman DU 2 
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spectrophotometer maintained at 298K. Ot her,.·experimental 

details are the same as described in the previot,1.s section • 

....... Resrili§ 

Dissociation coggant of f errodiin 

The equilibrium between ferrodiin ~d a strong_ acid may 

be represented as 

'-~ 
~-

2+ 3 . H+ Fe + blPY . ( 4) 

Thus 

( 5) 

if f F e2+ = __ r F ebipy~+ and f bipyH+ _ = f H+ , kc becomes equal to ka. 

BUt since bipyH+ is likely to have much larger size, it may that 

· f biPYH+ '::f= f H+ , which would need an accurate .determination of 

fbipyH+. 

Accurate determination of thermodyna:rr~ic dissociation 

constants are possible only in dilute solutions w~ere activity 

co~efficients are_ unity. In concentrated solutions the determinatior 

of activity co-efficients are difficult. Theoretical equations 

like Debye - Ruckel equation or :.;emi-emperical 'equations like 

Davies? equati~ns are limited use and these equations are 

applicable only in dilute solutions. Deviations· are appreciable 
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in concentrated solutions. The complexity increases much more in 

mixed solvents. The orientation of solvent molecules around the 

ions are not kn01tTn and it is difficult to know t be extent of solute-

solvent interactions in mixed solvents .. 

In mixed solvent it is convenient to seperate activity 

co-efficients of the i-th species into factors 

= (6) 

The 'salt-effectt r. varies with the solute concentration. 
s 1. -

Simple Debye-Htickel equation with appropriate allo\vances for the 

effect of altering the dielectric constant of the medium s can 

be used to estimate -v-. wben the ionic species are involved. The 
s' 1. 

limitations which affect the actual determination of activity 

co-efficients in aqueous solutions would be much more in mixed or 

non-aqueous solutions. In dilute solutions y .~ 1 and thus only 
s 1. . 

the 'medium effects' with which we are concerned in the study of 

dissociation constants will be involved. 

In view of the above facts the present work has been 

carried out in solutions of Jl of the order of lo- 3 mol dm-3 

( ~onic strengths were of order 1.4 X to-3 to·3.3 X lo-3 mol dm-3 ) 

where it is reasonable to assume rF·2+ = fF b. 2+ and fb. H+ = fH:+ e e 1.py
3 

1py 
(slight discrepancy, if any,· may be neglected). T bus k

0 
becomes 

equal to thermodynamic equilibrium constant kae 
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Noi.v 

(bipy H+) = (bipy) -·3(Febipy§+)- (bipy) (?) 
Total 

(bipyH+) is calculated where necessary from previou-s section taking 

appropriate pK values. 

The concentration .Fe2+ is calculated from the relation 

- 2+ ' - . 2+7 = L Fe _7 Total - L Feb1py 3 _ (8) 

The mea.surement of the hydrogen ion concen~rations 

of the solutions containing the complexes and bipyH+ are difficult. 

Hoi-Tever, we have calculated H+ ion concentrations in the 

solutions from meter-readings after appropriate corrections. 

The equilib~ium constants for the reaction (2) i~ dmso + H2o 
and in formamide + H

2
o mixtures are given in table .€) - to. 

The equilibrium constants 

for the reaction 

Febipy~+~===~ Fe2+ + 3 bipy 

in different solvents are given by 

2+ 3 
Kdissn. Febiy 3 - ka X ~ 

The results are given in Table - 6? .. 

(9) 

( 10) 
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Discus sioris :-

It has been found that extinction coefficient of the 

_complexes are higher in mixed solvents and the t :rend is quite 

regular in dmso + water mixtures. The extinction coefficient 

increases reaches a maximum at about ·72 wt% but decreases from 

about 82% and onwards. The trend, hovJever, is some 'tvhat 

different in forrp.amide + water mtrtures where maxima are 

observed at a'bout 63 wt% and 82_ wt% (Table - 3). These results 

.cannot be correlated -vrit h the solvent di,electric constant or 

other knmm· solvent properties. ·Hmvever, since the extinction 
to· 

coefficients are related" the oscillator strengths, ·~t is 

-expected th~t osciilator. strengths would change with change in 

solvent compositions ·obviously due to change in solute-solvent 

.interact ions. 

The results sho'tv that pK-value for reaction(2) slightly 
' 

-decreases with the ·introduction of organic solvents but ·in.creases 
. . 

with increa.s e in organic component. :tn case of dmso + ~rater 

_mixtures, pK-value reaches a minimum at about 30 wt% and then 
I 

increases continuously but the pK-jump is very much conspicuous 

at about 82 1N't% dmso. In case of formamide +water mixtures, 

the· pK-value increases, reaches a maximum at about· 53 wt% of 

'formamide, then decreases but increases 'again at 82 wt%' -forraamide~ 

This is shown in Fig. 1. 
Cl 

Thus, we find that 6.Gt in most cases 

are positive i.e. the reaction is non-spontaneous in organic 

solvent mixtures. However, 
CJ 

6Gt values for the react'ion (3) 

are increasingly negative in dmso + water mixtures indicating 
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that the reaction (3) is spontaneous i.e. the dipsociation of 

Febipy2+ ·is favoured in mixed solvents. Similar conclusions 
3 ; 

may be derived in case of formamide + water mixtures. As in 

case of reaction (2), significant changes are also observed 

between 20 - 30 wt% of dmso and in the region 43 to 53 wt% an·d 

·g2 vrt% of formamide. The ·:results indicate that~ Febipy;-:1- is less 

stable in these organic· solvent mixtures but the stability is 

less in formamide + water mixtures. 

The reasons may be 

. 1) Increase in basicity of the solvent mixtures and consequent 
. + 

removal of H ions by the solvents. . . ' 

·\ 

2) Inerease in solubility-of bipyridine in the solvent 

mixtures. 

3) The competition of the solvents to form complexes with 
2+ . . 

Fe and the consequent displacement of l>ipy bY tbe 
2+ 

solvents from Febipy particularly when the dmso or 
3· . 

formamide concentrations are high. 

All-these reactions are isoelectric in character. Thus 

the d,ecrease in dielectric constant should hav_e slight effect 

on the dissociation. constants, the change in pK-values must be 

due to solute-solvent interactions which is likely to be high in 

the solvent mixtures. The solvation of FebiPi+ and bipyH+ should 
. 3 . 2+ . +. 

be less compared to those of Fe and H ions. 

It is seen that the pK values for reaction (.2.-) is a linear 

function of }- . at best upto 50 wt% beyond which considerable 
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deviations. ·arise~( .1'f::; · Bll;t. it· is impossfble to ·get a clear 

idea of the solute-s.Olvent inter.actions. of the diff.erent ions 

in solutions. 

These data. however, c·ould be utilised to have quantitative 

. idea of L\ G;(.Fe2+) and 6G~(Febipy2+) provided we know the 

so~~p_i~ity va1ues of Fe(bipy) 3(c·l~J and bipyridine and .6.G~(Cl04 )· 
in these solvent mixtures .• For tbe reaction (3), we have 

6 . 0 ·- · .. (>' . 0 . . + 
6. L\Gt (~\_.= L\ Gt(Fe2+).~ 3 .6 Gt(bipy) - LlGt(Febipy)

2
· 

. ;. 3 

·6_ G
0

( :;):-2+- ~Gt0·l_-... ~Fe (bi_py)
3

(Cl04 )
2 
~7 2 .A Gt

0
(Cl0-

4
). · · t Febipy

3 
~ u 

0 2+ 0 0 . 0 2+ 
and ,6. Gt .((Fe ) = £14Gt (3) _, 3 L} Gt ( bipi) + L1 Gt (Febipy 

3
) .• 

-It is thds apparent that the proper unders~anding of the 

role of -th·e· solvents on t be dissociation c~nstant s and their 
. ' 

' 

successful utilization necessitate systematic investigations of· 

the different aspects of the .solut;ion chemistry .. 

. ~ 

. : 
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];:able - 1 

Media - 52.35% by weight of dmso 
··~.:. 

Temp .. = 298K 

----
Total Molar concentration ·or Optical. Extinction Optical EXtinction Optical Extinction 

pH density co-efficient density co-effici- density co- eff ic ent 

Fe++ X 105 
2,2'-bipyridine X 105 at 520nm at 520 nm at 522nm ent at at 530nm at 530 nm 

........ ,, : ,~- 522 nm J.• 

~ ---
1 2 3 4 5 6 7 8 ' 9 

---
;: 2 .. 00 40.00 4.29 0.175 "8750 0.177 8850 0.173 -. 8650 

' 
3.00 60.00 4 .. 18 0.267 8900 0.271 9030 0.262 8730 

4.00 80.00 4.13 0.352 8800 0.355 8875 0.346 8650 

' 5 .. 00 100.00 4.09 0.442 8840 0.449 8980 0.435 8700 

6.00 120.00 4.06 0.528 .8800 0..,532 8866 0.521 8683 

7.00 140.00 4.03 0.612 8742 0 .. 618 8820 0.608 8685 
I 

8.00 160.00 4.00 0,705 8812 0.,705 '8812 0.695 8687 

·----------------·----------------------------------------------------------------------------------
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Table - 2 

Media - 43.01% bY weight of formamide 

i~· 
r 

,,_:)._ 
··~,- . 

. Temp = 298K 

Total Molar cone entrat ion of. Optical -Extinction Optical Extinction Optical·, EXtinction 
. . 

density co-efficient ·density. co-efficient density co-effici ... 

Fe++ X 10q 
. - at at 520 nm at 522nm at 522 nm at 530nm ent at 
2_,_2'-bi_py~id~~-e x _los_._. _520 _n~ ... 530 nm 

.. . "• ... .. . . . ~ 

·- ---- --- --- -----
1 2 3 4 5 6 7 8· 

-- ---- ----- ---
2.00 20.00 0.173 8650 0.175 8750 0.172 8600 

3.00 30~00 Oe261 . 8700 . 0.263 8766 0~258 8600 . 

4~00 40.00 0~34:6 8_650 0.348 8700 0.342 .. 8550 

5.00. 50.06 0.430 8600 0.432 8640' 0.427 8540 
.. . 

6.00 ~ 60.00 0.518 . 8633 0.520 8666 0.-514' 8566 

7.00 70.00 0.604 8633 0 .607 8671 0.600 85,71 

8.00 80~00 0.695 8687 0.697 8712 0.691 8637 

----------------------·----------------------------------------------- -------------------------- ---------- ----------
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Table- 3· ----

Extinction co-efficient. of tris-(2~2'-bipyridine)-Fe(II) complex at different:,percentag.e 

of aqueous dimethylsulphoxide and formamide solution. 

-- -
~lilt 

·•, 
Percentage Extinction Extinction Extinction Percentage Extinction Extinct ion Extinct ion 
of dmso by co-efficient co-efficient co- efficient of formami- co- efficient co- efficient co- efficient 
wt at 520'\Tm at 5221'lm at 530 -nm de by wt at 520 -nm at 522nTn at 530 nm 

-- - - -- -- - ---
1 2 3 4 5 6 7 8 

- --- --- -- ;,...___. ____ 
10.87 8490 8553 '8401. 11.17 8400 8456 8333 

21.53 8563 8633 8513 ;, 22 .06 8490. 8553 8401 

32.02 8654 8671 858:t 32.67 '8560· 8610 8513 

42.28 8716 8800 8685 43.01 8650 8700 8581 

52.35 8827 8862 8734 53.10 8733 8833 8633 

62.24 8873 8933 .8827 62.94 8800 8880 8671 

71.94 8969 9018 8873 72.54 8563 8600 8490 

81.46 ·884$ 8911 8800 81.91 8843 9000 ·8827 

90.81 8761~ 8830" 8734'1. 91~06 . 8761 8850 . 8761 

·----------- ----:--- -
__ ___, 
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~' 
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· ... ; .' 
'• 

Te~p = 298K 
Table - ,1 

Media - 42 .• 28% by weight of dmso. 

----------------~----------·------------------
' Total-_concent.:ration _of 

----------
Fe

2+ ·X 10? 2 ,2'-bipyridine 

·x 105 

', 
-p~ " 

after 
proper. 
correct-ion 

Concentration of 
t ris- ( 2,2 t ~ bipyridin e)­
Fe( II ) c omp·l ex· taking 
average frorn'the three 
wav elengt h s;.',:: t·-"-_-_ · -

: >:;... 1 d. - 3 x·.· ., ·o5 
·.· ·--. mo m .1.:"· 

Concentration 
of· free F2+ 

. mol dm-3 X 105 

Concentra­
tion of bi­

·PYridine as 
BiPY IY 

. 3 5 
mol dm- X 10 

-_,.~, 

K X\0 a 

·--- -- ,-- -- _...;._.,.__ -- ---- ---
1 2 

10.00 12.00 

10~00 15.00 

12.00 10.00 

12.00 .13.00 
.. 
14.00· 15.00 

J.e.oo . 14.00 

. 16.QO 18.00 

18.00'. 20.00 

3 

3.35 

3.36' 

3.27 

3.27 

3.14 

3.11 

3.11 

3.08 
' 

4 

3.550 
< 

4.467 
. ' 

2.863 

3.779 

4.352 

4.065 

5 .• 223 .. 

5.841 

5 6 7 

----------
6~450 0.940 1.70 

5.533 1.105 2 .. 01 

9'.137 1.035 . 2.29 

8,.221 1.220 2.56 

9.648 1~532 '2.10 

11.935 1.443 ··lco89 

10.337 . 1.862 . 1~47 

12.159 2.007 2.931 
I -

. ----- _...;,.....-- ______ ;__ ____ .;.._,_ ___ . ________________ -:-________ _ 
.. ' 

Average= 2.1:: 
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Table - 5 
.. 

Dissociation constants of tris-(2,2tbipyridine)-Fe(II) complex in aqueous dimetbylsulphoxide 

and Formamide solutions. 

·--------------~--~-------------------------------- -- -·--------------------------------

.w.t% of dmso Ka pK ltJt% of Formamid e Ka pK 

-- --
1 2 3 4 5 6 

-- ----- ------
0 7.56 X 10..;5 ·' 0 ?.56 X.: 10-s ,.'r •' 

10.87 10.60 X 10-S 3 .• 97 i'l.J-7 9.34 X 10-6 5 .. 03 

21-.53 7.58 X 10-S 4.12 22.06 8.96 X 10-6 .5 .. 05 

32~02 11.00 X 10-S 3.93 32.,67 7.63 X 10-6 5.11 

42 .. 28 2,.13 X 10-S 
' . 

5.01 X 10-6 
4.67 43.01 5 .. 30 

. 52.;35 1,.50 X 10-S 4.82· 53 .1c:i' 2,.75 X 10-6 5~56 

62 .. 24 
-6 

8.55 X 10 
-6 

5.07 . 62.94 5.67 X 10 5.24 
I 

7L .. 94 7.69 X 10-6 6.,11 72.54 1.42 X 10-S ,· 4.,85 

81.46 9 .. 76 X 10-B 7,.01 81 .. 91 1.21 X 10-S 4.92 

90.81 3.87 X 10 -8 7 .. 41 91 .. 06 2.53 X 10-S 4.60 

--------------------------------~----~-------------.-.----- ---------------·-------------·----------------------·----------------------



·~ 

Wt% of dnis·o 

0 

10.87 

21.53 

32.02 

42.28 

52.35 

'62$24 

71 .. 94 

. 81 .. 46 

90.81. 

/ 

~- • __ <~ 

\ 

;t 
I 

.~~ 
I 

Table - 6 ---
. . .2+ 

Values of Kdissn. Feblpy 3 
in aqueous dimethyl sulpboxide and formamide solutions 

------------·-----------------------------
wt% of Formamid e 

3 
ka X~ 
--~ 

J 

2.94 x 10-18 

2.85 X 10-17 

7.07 X 10-17 

3 .. 52 X 10-16 

1.,58 X 10-16 

8.24 X 10-16 

3 .s2 x '10-15 

6.54 X, 10-15 

1.51 X 10-~4 

1.04 X 10-14 

0 

11.17 

22.06 

32.,67 

43.01 

53.10 

62.94 

72 .. 54 

81.,91 

91.06 

. ______________________ .... ________________________________ ._ __ _ 

- --- --
ka X~ 

- -
2 .. 94 X 10-18 

1.91 X 10-15 

3.65 X 10-15 

4.10 X 10-15 

2~88 X 10-15 

9 .. 76 X 10-16 

1.,01 X 10-15 

1.,56 X 10-15 

8 .. 21 X 10 ... 16 

'8..,57 X 10-16 
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