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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 strueture and solute-solvent interactions
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 radlcal change in the properties
of the medium, Theorieslof 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 thermbdynamies of solute~solvent interactions
will help in throwing more light on the nature of ionic solutes.
Attempté are being'made to identify the factors determining
specific solvation of ions. Thadequate 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 treatment2?3 of the problem of solvation difficult.

Acid-base equilibria aré particularly suited for such
studies. The effect of solute—Soivent 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
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in different mixed solvents and non-aduecus solvents provides an
important step in this direction. Such studles in mixed solvents
may throw light on the structure of the liquid molecules, the

effect of the dielectric constant and the acid-base properties of
the organic solvenfs on the dilsgssociation constants of the ligands

and ion-solvent, solvent=solvent interactions elc.

The addition of an organic solvent to water makes the
situation much more engrossing and anomalous than water. The
mizxed solvents show a wide range of dielectrie constants.
Fxtensive studies on the physical properties of different solvent
systems have been made., A lamentable gap still exists. Several
claggifications of organic solvent systems based on their
dielectric constant, organic group type, acid-base properties or
asgsoclation through bydrogen—bondingé, have been proposed as
a result the properties of different mixed solvenit systems
would show a wide divergencé of properties which would naturally
be raflected on the thermodynamic properties of ligands and their
coﬁplexes. The determination of the thermodynamic properties of
the ligands and their complexes in dAifferent solvent systems are
very limited, though a congiderable amount of work has been done
in methanol-water, ethanol-water mixtures., This inspired us to
underitake the studies of acid-base equilibria in mixed szolvents.

The classical researches of Harned and co-workerss- lo,'Bates,

. . 11-2 ) -
Robinsons ahd co~workers 3, Lizny and co-worker524 33,

Shedlovsky34, Grunwold35"37, Feakins and othersga_ég, Lahiri

49-72 74=-85
y

and others 3 Strehlowvs, Das, Xundu and co-workers and

other386"127-1ed to further investigations in this direction.



A brief survey of the investigations in mixed solvent
systems, and the prohlems asgociated with such studies is

presented to highlight the Importance of such studies.

Dissociation constants_of lizands in mixed solvents :=-

stability constants of chelate compounds and the dissociation
constants of chelating ageﬁts have often been measured in mixed
solvents because of the insolubility of one or more of the reac-
tants in water. However, since thése constants vary with the
solvent compositions, the comparison and correlation of these
constants are very diffieult owing to the wide range of experimental
conditions. In addition, the thermodynamic quantities for these
reactions caleulated from these data are limited to specific
solvent systems. (Conseguently, studies have been made to

determine the effect of the solvent on the dissociafion constants.

The guantitative approach correlating the dissceciation
constants of a series of acid with that for a reference acid and
the dielectric constant waslmad_e by Wynhe - Jones?g If we
consider the equilibrium constant K of the reaction between two

acid - base systems, viz.,

HA+A'O" == 4+ BA eee (1)
we fing
K = A HAO = X . e (2)
a - X & 0

A5 HA



( X, and Ko arTe the dissociation constants of the acids HA and.

the corresponding reference acid HAj in the same solvent. )

The standard free energy change of the process is given by

A% =BT 1nK = Adel + AG non-el vee (D)
- a
or, - log X = AgGaggnﬁgl + = eee  (4)
2
where a = 3¢ ( %&; - %r_
' 2 X 2,303 RT A A,

( according to Bornlg9 equation .-

/assuming the effective radii of the ions to remain approximately

constant in a gseries of solvents _/.

The plots of -~ log K against %? should thus be a straight
line which have been found to be true in several cases when
¢ is >»_30. The intercept for'éf = 0, i.e., for infinite
dielectric constant, should give a measure of the dissoclation
conatant 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 solvent13o"133

. The comparlson of the dilssociation
constants 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 has suggested, therefore, that



when comparing the dlssociation 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
However, Elliot and Kilpatrik and Harned find

that the relationship ( = log K vs %? ) falls in dioxane-water.
Other theoretical appfoaehes using the dielectric

econstant as a parameter in describing any solvent system may

be found in the Bjerrum - Fu055136’137 lon~pair model and

138 modél. Though the variation of log X.

139-145

Denison and Ramsey's
with éﬁ has theoretical bearing, some authors have
favoured of the plot of log K against mole = fraction of the
organic solvents because the constants exhibit lineérity with -
the latter over a_wide range, even though it has no theoretical

basis.,

The thermodynamiec formulation for the dissociation
constant of the acid-base equilibrium A = B + H on the

molal scale 1s given by

K:M X TH‘- XTB enas (5)
My Yy

The numerical value ig fixed by the choice of a standard

state in whiech the activity co—efficients.are assigned values of
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unity. Tn aqueous solutions, the customary standard state is so

chogen that 'Ti approaches unity as m approaches gero.

When the coﬁpositions of the solvent media and the
soiute conceﬂtrétions change (and ionic strength), it is
convenieﬁt to séperate each activity co-efficient ”Ti into factors
Ty = mﬁﬂi' . Sq.i14s23914§ T, is medsured relative to the
- standerd state in pure water and becomes unity only in infinitely
dilute aqueous solution; On the coﬁtrary, the activity co-efficient
S’TE in_eduation abové hacomes unify when’n1=.o in the solvent g,
ﬁhere mj”i'has a valueldifferent.from unity whengver the solvent

differs from pure waber.

| The tsalt effect! Ty varies with the solute concentration.
To determine the thermodynamic dissociation constant in mixed
solvents, sw"i.is.to be determined. Simplg Debye-Hichel équaﬁion
with appropriate allowance for the effect of altering the dielectric
constant oflthe medium s, can be used to esfimate sxﬂi when ionic
.-species are involved. - The thermodynamiec dissociation constant ean
also. be determined in very dilute solution when 51“1-4; 0 and

this is the best method for the determination of the thermodmamic

dissociation constant as it involves no error in estimating - ..
_ _ _ _ s ' i

‘The 'medium effectt Ty 1s & function of the free

energy of the species '1' in the two standard states,



AG, = &, - inzR‘I' In 7y i eee  (6)

In spite of the limitatlons of Rorn's equation due to the
';omplexity of medium effect, considering only the electrostatic
contribution to the free energy using Born's edquation, we have

2

N 7. e 1 1
1n mTi= i (.E_S -__g.w) cea (7

2 RTP¥P

The mass law equation for equilibrium yields

| m.Y A

K= XX ,
5 w mT 4. nls

where ¥ and SK are the dissoeciation constants referred to the
W

standard states in water and in solvent respectively. Gombiqing

equations above, we obtain

o 5 a
_ _Nef 1 L Zp° . 2% 1
P(SK) - P(WK) = G055 BT ( T Tty ) ;;—- - -u-ﬂ + %-{*) vee (3)

{ charges on 15\ ete omitted ).
with the dissociation equilibrium of the charge-type A%8=( for

0 . s . -
example, A = uncharged acetic acid, B = acetate anion, z, = ¢ )

A
equation predicts that p ( X) will be greater than p (K if the
dielectrie constant E;S is lower than that of water ( as it is in
methancl - water and ethancl - water sclvents and in pure methanol
and ethanol ). Actually the pK for acids of this charge type has
been found to vary from 3 to & units higher in methanol and

28,34 ,147

ethanol than in water . The observationé are also true in

other alcohols and dioxane.



o B
If the equilibrium is of the = charge type 4 B

o]

( for example, Af = anilinium cation, K’ = uncharged aniline,

ZB =0 ) and Pyt is about equal to Ty however, the
electrostatiec treatment alone would lead one to expect pK to

be almogt unaffected by changes in the dielectric constant of
the solvent., It is unlikely. i wlll often be less than Vgt

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

on electrostatic grounds than a decrease would be.

gelective Solvation and Ton=Solvent Interaction:

The question of specific solvation is.of great importance
in solution chemisﬁry106’l48_159. The solvation and preferential
or selective solvation of ions in different solvents were used
in interpreting data on conductivity, transference, solubility,

R.v. visible gpectra and other I'es11].1:5-,106:14‘3‘--]..59m

The lmportance of anion solvation in determining the
. 160-162
relative strengths have been stressed by Grunwald and Price 0

: o 156
and Parker and co-workers 3.

-The relative strengths of picric, acetic and irichloro-
acetlc aclids in different solvent environments have been
aseribed to gsirong London-digpersion interactions of the solute
molecules with the surrounding mediunm.

The results of the investigations of clare et.al%63



( on the relative strengths of a series of acids HA and HB in
dimethylformamide and methanol ) confirm the belief that acid-

hase equilibfia and medium effects are very sensitive to a change
from a dipolar aprotic solvent to a polar protic solvent presumably
becaugse of hydrogen bohding interactions between anions and the

molecnles of the protiec solvent.

For eéch of the species participating in reaction, the
free~energy change on the transfer from dimet hylformamide to methanol
ig given by ( according to Parker and co-workers )

o | H

szt = RT (ln 10) log mrr:i = RT (1n 10) log fri TS
The co-efficient Tf embodies the changes in chemical potential of

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

formagide,_ Whereas other changes in the transfer energy are included

in 1“1 .

-The ratio of the rate constant for the reaction
AT+ CHT == [ACHgT 7 —> ACH, + T7
in methanol to that in dimethylformamide hés been taken to be a
meagure of ?rii « The excellent correlation between the hydrogen-
bonding coefficieni and to changés of the equilibrium constant of

reaction on transfer from dimethylformamide 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
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= + AL
éth élst(el) t{s0lv)
cﬁGO ineludes the contribution of solvation and other
t{solv)

specific icn-gsolvent int eractionsi®%,

- golvation and free-energy of transfer of single iong

The applications and implications of the studles of reactions
in non-aqueous and mixed solvent5165 and iocn=golvent interactiong

1-4,23,45,73,99,166-171 -+ the

have been described in Qdetails
most important but elusive aspeet of the solution chemistry in
the determinatioh of tsingle ion' thermodynamicg or more precigely

the "medium effects! of 1ong in mixed or non-adueous 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

73 “"gingle ion thermodynamies is a legitimate branch

to strehlow
of physical chemistry. This division of thermodynamic functions
 of electrolytes into single ion values may reveal correlafion
between measurable but from a thermodynamic point of view
unrelated quantities®™.

Varioﬁs theoretical and semiempericall72-17? extra
thermodynamic attempts have been made to dbtain single ion
t hermodynamics with moderate success, However, the free-energy

of transfer or tmedium effectt! of ion in different solvents is

vet to be detérmined in an unémbiguous way. Thig aspect ig a
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matter of continuous review73’99’166’178'181, the mosi recent

being the extengive review made by Lahiri and Adityalgz.

The free-energy changes associated with the transfer of
a chemical entity (EX) from solvent {1, say water) to solvent
(2, say 8) 1s known as "total medium off et 183 ('ASG%) which
is splitted into primary medium effect or medium effect and
secondary medium effect or salt effect as exemplified from the

consideration of the ecell of the type

{(pt) Hé M{m) solvent AgX - Ag

The measurenent of e.m.f. of cells of the type in two
different solvents namely walter{W) and solvent(g) gives the

total medium effect of any electroneutral combination BY

o Q S : w
AGg = AG, + 2RT 1n r. /7 7

0 m
AG +2RT In [
t +

W
Aﬁ;gg = o g (SEO - "®°) is the primary medium effect and
measures lon-solvent interactions whereas the logarithmic term

is known as secondary medium effect dencoting ion-ion interactions

and solvation.

The 'medium effect! log I-nTi'of an ion is the reversible
work of transfer of 1 mole of ion i from the standard state in

gsolvent 1 (water) to the standard state in solvent 2(s) by the



expression

aAZo _ 3/(0
[ i i LI ]
log mTi = - ' (11)

obviously, the primary medium effect is independent of molality
put the exact value of 'medium effect! could only be détermined
in absence of appreciable concentrations of elecirolytes which
| cnanges not only the structure of the solvent molecules but also
the solvent concentration due to solvation of ions. The
secondary medium effect (salt effect) is a function of solubte-
concentration and can be determined with the help of theoretical
equations like Debye=-Huckel or Davies equations with appropriate
values of A and R arising from the changed values of dislectric
constants of the solvents. The equations fail at higher
concentrations. Thus; it is desirable to work in dilute solutiong
so that ST“+ -49- 0 and the measurements account for the

'Primary medium effectt only.

Real free-energy of solvation

The 'medium effectt of an lon in actually related to the

real free-energy of solvationl7o.

The real free-energy of solvation q<1184-187 is defined
as the change in lon=energy upon transfer from the gas phase

into the solution; It is expressed by the relationship
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e

D
a(i + RT 1lnaj

T}

where a(i is the étandard real free-energy of solvation of ion.

ﬂi (or ﬂ: ) represents the free-energy of ion-solvent
interaction or chemical solvation. X represents the surface
potential of solvent and the term ZjFY 1s the electrostatic
work owing to the passage of the ion through the surface poféntial'
at the ﬁacuum solvent interfacé. The surface potential cannot. be

measured directly or caleulated.

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

second solvent have been determined from the volta potential
measurenents as done by Case_and Parson518$’186.

W

s
AKy i - 1 _
184 L o
rom Zﬁc(i and Randle's values of aCi’ 0<i can be delermined.
The medium effect of an ion u* and the real free-energy of
tranafer can be correlated from the consideration of Born-Haber

Cyele-as follows :

ﬁ+(in wate@== M¥(in golv S)
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Born-Haber Cyale

+ *
: (M )8 (r N
Aa(b - Aacsolv -AX solv
+
_ (17)s ,_ (o
= 7F - G -— 7H
416; solv ¥ ;Z; 4 solv z jrw
(M*y :
= G s —
A G T+ T Is Iw) ve.  (13)

If both the solvenis have the same ionic concentrations,

then the Miotal medium effect“ ' can be represented as

Ao{‘: Aa(_ + RT 1n ( Y/T

= Qt(on)JrZP(x I)+RT1n(T/ ) eee (14)

430( is the prlmarv medium effect and log term represeats the
"secondary medium effect™ having a negligible contributions

( ™~ 0.1 X.,Cal or less ) under ordinary conditions and is neglected
compared toAa(g . ( xs“‘ xw Y values are generally of the
order of .~ 0.1V so that F ( X - J,) ~ 2 X.Cal/mole which

1s of the same order of magnitude as éléit(l ) values.

41G§ values cannot be experimentally determined hut
é}.a{_z (ions) are experimentally measurable inspite of limitations.

However, it is to be noted that for electroneuntral combinations

2 + B =0 so that A< 0m) = AQT ()

Determination of the medium effect

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

188-201, 1t is apparent that

preseﬁted by & number of workers
the 'medium effect! of individual ions can only be obtained
from the measured "medium effect™ of electroneutral combinations

using various extrathermodynamic assumptions.

The determination of "medium effect™ of H ions (log T
evoked considerable interest ag it determines direectly the
relative basicities of two solvents and can be obtained from the

direct measurement of the cell

1]

a 4 = 1 Hz(Pt)

Hé(Pﬁ) Qi 1 .

whel e = 8L o
E = in mT"H 4 mLJ

In view of limitations of having liquid-junction potential
of uncertain magnitude, the "medium effect™ of proton was first
determined.by Bjerrum and Lai'ssongo2 from e.m.f. measurement
of Cells cbmposed of hydrogen electrode in a non-aguneous medium
and adueous calomel reference electrode connected with a bridge
of agueous 3.5 N XC1 on the assumption of negligible liquid

junction potential,

The values are of academic interest. Tne systematie
efforts to determine the "medium effecth are given as what

follows.

2

Qnr' -.1
83279 T o0 es3

Models based on modification of Born REguation :=- ﬁ




The medium eff eet of an ion can be obtained from the simple

rRorn equation

Nz e 1 :
1o ' = ( - = ) ' eee (15)
It is to be noted that solvent molecules become inhomogeneous due to
strong influence of solute molecules near the solvent molecules. Two

extrene cases are dielectriec saturation in the vieinity of ion3203

204

and formation of a Clathorate by watéf molecule in the vicinity

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

The equation consists of two disposable parameters like

'radius and dielectrie constant. Refinesments are based on

a) Increase in crysﬁallographic radii due to solvation205‘210-
The model is due to Voet and successfully applied by Latimer et.al.
gtrehlow and co-workers and Coetzee et.al. in non-adueous solvents
where ionie radii are édjusted to account for the differences between

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

At =( 6 =~ G )

t st wt
1 1
. Nf & //_1 ~ T - - Eu ;7 eee  (16)
) [ T, o+ R+(S) r, o+ R+(w2‘/

However, the egquation lacks theoretical sighificance and is
restricted to differences between very éimilar cations and similar

golvents.

b) Dielectiric solvation in the vicinity of the ion reducing the



- 17 -

21121 2
effective diglectric constant of the solvent 1-2 7. Noyes 03

found that for cations having the electronic structure of an inert

-gas, the effective dielectric constant is given by

geff = 1,000 + 1.378 ( - 0.054 )

and the local dielectric constant is given by

€

il

o}
73,30 for T > 2.86 A
1

loc

- o
for <2.86 A

0.5009 + 0.,1163/r

dE)

Graham?s relationsglo for differential dielectric (E

€ = n2 dB

: 2 o "~ n” . .

constant is £ = n" + —sm——— WheTe E 1s the field strength at
d 1+ bpw

a distance ry n is the refractive index and b is a parameter
independent of £ . It has been found that Ed becomes egual to
£ o» above a certain initial value of ramd g .. below a
certain critical value of r = Tor The'radii for dielectric

saturation of water and a number of alcohols are known.

213, '
Hepler 13 expressed g ag a fanctiom of r and took Hasted

214

o o
et.al.'s value ¢ = 5 for r 1.5 A, Eo = 78.30 for r > 4.0 4

sat
and expressed E— { go - Y (r = 1.5) + Esat in the

esat/zs
range of 15A LT (4011.

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

1.5

4
- N62 /— g : . 12 d OC dr
AGy = -—2-// I_.f r/ Esat + ]‘[‘5 G o T2 Ofé—

— __

) (17)
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¢ £
- o - sat -
= 2.5 ana ¥ = 1.5% - ¢

sat

- ) 215 -
The corresponding Stoke's equation isg

2 9 .
N7 /o 7
/{el = —-——-v——w-z e / 2n1:‘l’f + . l —ere / oo-(18)
aq 2 [ r(r,+2nr) Qeff ¢ (ry + ent ) __/

Where anW is the thickness of n layers of water molecules around
the ion, T is the erystal radius, € = pulk dielectric constant
14 1 )
5 78 °°

It is likely that partial or complete solvation of ions by other
hon—aqueous solvents may oceur leading to changed values of r, € at

S

o i
or ¢ pe and .Ale . The equation should, therefore, be restricted
to water-rich solvents. The equations were utilized by Bates and

14,15,18,217

C o
co~workers to calculate A&Gel values and the basicities

of differenﬁ methanol + ﬁater mixtures. ©

ALl thg treatments consider the interactions of tne ions with
solvents to be predominantly electrostatic and neglects specific
solute-solvent interactions and non-specific "neutral component
of the solvation energies of ions. Complete understanding require
the knowledge of ion-dipole, ion (induced) dipole, ion-gquadrupole,
dipele~dipole and ILondon dispersion forces which are functions of
r"z, r'ié, r‘s, r"3 and r_6 in that order where r is the corresponding
interaction distance which contain the-ionic radius term but not
alwaﬁs equal to it218. An actual calculation of solvation energies
thus requires knowledge 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
quentitative caleculation of hydrational and solvaitional energies

are thus very difficult.

The other methods of caleulation of hydrational enérgies
but not 43Gi(in most cases) are due to Noyeszos, Goldman and
'Batesglg, Padovazzo’gzl, Beveridge and schnulle822’223. A number
of maﬁhematically complex molecular orpital and statistical
mechanical methodsoo 2% have also been suggested but they are

relatively litile used due to complexity of tihne models.

-Methods baséd on measurement of oxidation—reduction notential and

the BE.M.F, of different cells -

The search a suitable reference electrode having the same e.m.f.

valune in all solvents thus appears Imperative. Pleskovgg4

proposed
that the potential of Rb/Rb" couple, because of low polarigabiliiy
and large radius of Rb+ ion, should be equal in all solvenis.
H0wevér, both electfostatic_considerations and experimental free-
energy transfer values of halides (having larger radii), Rb and

* in different solvent point the inherent limitations of the

73,206 ,235

s
assumption, Strehlow and co-workers made appropriate
allowances Tor the changed dielectric constants in different
solvenﬁs and for the residual electrostatic free-energy {erms

and developed a modified Rb ~ scale which was utilizéd by Coet zee

et.al;236 for measurements of polarographic half-wave potentlals

of a series of cations present as perchlorates in seven solvents.
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Koepp, Wendt and Streh 3 208 235 (aiso studied py Kuwané
et.al. ) selected the redox - systems of large symmetrical
cqmplexes Ferriciniu@‘ Ferrocene.and Cobalticinium ' Gobaltbcene,
having very little residual dharées'on the surface, so that the
standard S, f.hof the Fic [ Foe or Cic [ Coc /_i.e. A&Gg(Foc) -
Alc}t(Fic} _7 can be regarded to be solvent - 1ndependent. Thus
the measurement of standard oxidation potentials in water and solvents
gives the value of dG'{,(H y ~ AGt(Fic) ng(Foc)

‘According to Strehlow,

2
NZ .e L - g 1- €
1 2
A G t(Fic) = AGt(Foc) _ o _/_f ( r+ 8 ) - T’-f-qz_)_/
eee (19)

where aq and a2 are constants, specific for the golvents in guestion

strehlow used a, = 0.85 3 0,72 £ a, % 0.90 based on data of

1
alkali ions. 1In addition to the inherent limitations due to
liguid-junction potentials, the contripbutions due to surface
potentials in measuring the real free-energies of transfer have

been neglect ed238-

Inspite of the limitations, the method seems to be one of
fhe most useful method for the determination of the 'medium effect!
of single 1ons and w1dely used by de ngny and co—workers28'32’238'240.

They used the cells of ihe type

Pt(Hy) | HC10,(my) in water or | Kol(satd.) in H0 g ,CLo~T8
solvents,respectively



and Ferrocene(mz),Ferricinium : KC1l(satd.)in Héo Hg2012 He
(Pt) perchlorate(mg) in Héo and :
3, respectively '
' o))
to get
F"'Es)(‘Fic) - Ez(Fic) = —F]:m///_; :( m - AGL(J;*:LC) AGz(Foc) ./'7

However, due to low solubility of ferrocene and instability
of ferricinium in water, the determination of B is generally
supplémented by the polaragraphic half-wave-potentials, Foc &= Fig + e
have been proved to be diffusion controlled and the ratio of
diffusion constants of ferrocene and the ferricinium icn appeared %o
be independent of solvent composition. The method has been uséd to
determine the Z&Gz of ¥ and the other ions in different solvents.
The method has been recently used by Kalidas et.al.241 to measure
ZXG- H*) in different methanol - water, propylene glycol - water

and methanol - propylene glycol mixtures.

However, the presence of considerable amount of indifferent
electrolyte should change the solvent structure, Eo- values and
thus the medium effects. The diffusion constant of ferrocene and
ferricinium ions may be unequal. Iﬁ has been shown by Alfenaar
et.al.240 that the contribution of the solvent molecules to the
diffusion potential cannol be neglected and is a funetion of
solvent composition and the nature of electrolyle. The primary
mediue effect is the most important contripution to the diffusion
potential., The diffusion potential of electrolyte solutions in

methanol -~ water mixtures cannot be suppressed by salt - bridge.
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Ferrocene may have residual electrostatic component of the ionbﬁ?

and the specific interaciions of the redox couple with water and

other solvents are also knownzlo. There may be uncertainties in
238 9 . o)

the crystal radii of ferrocene (3.8 A) and ferricinium32(3.3 A)

ions.

Other redox couples studied are ferrocene /ferricinium

43| (4,7-dlmet hylferroin/(4,7-

244
dimethyl) ferriin couple s blsdiphenyl chromium (0,1) couplegés’

246

picrate; ferroin/ ferriin couple2

with relative little success.

168,188,191 feel that the ferrocehe

Parker and co-workers
assumption is not valid when water 1s one of the sblvents. Parker

& Alexander recommended the cells of the type

AgNOB gatd. AgNOS(O.OlM)
Ag(s) (0.01 M)|j- - NEt4 Pie{] in solvents Ag(E)
™
CdSOH
or
ik
Ag010, C.1M NE t Pic 28C10,
Ag(s) (0.01 M)8olvent, 8| in solvent,s or O |(0.014) Ag{F)

solventp

to determine medium effects. The bridge electrolyte contains
tetraethyl ammonium picrate haﬁing 1a£%e and comparable anion and
and cation size with no specific interéctions with the solvents
as apparent from roughly equal molar'conductancps in all solvents
studied. Thus there is a negligible liquid-junction potential Ej‘

168,169

Parker and co-workers also measured the potential

of fic/foc couple against the Ag /Ag electrode in fifteen solvents
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using the cell
0.0 ¥ Ag0104 WEL, Clo4 0.002 ¥ Fic/Foe
T n ¥ W
Ag HEt4 u104 Qfl Mo ] 0.02 W NEt4 ClO4 ,?t(G)

golvent s Solvent in Solveht, S

Thus the values based on the ferrocene assumption can be

readily converted to the negligible Ej agsumption.

However, the suppression of Ej by means of a salt-bridge is
impossible as the ligquid-junction potential Ej at an interface of
two’ different media 1s itself primarily a function of the medium

effects for the single ions transported acrogs it242-

Exirapolation Method : The exirapolation method has its
104,246 ,247

origin in the works of Izmaylov whe assumed GD of an
infinitely large lon to be zero and all significant components
1
of the solvation energy G° of an ion are functions of ~ (r =
_ _ r

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

: . . o} o} i o 0
mically allowed combinations like (G, = G Vs o and -{(G_ + G )
. _ M TR ™ ¢
vs &~ ( M = alkalimetal ions, X = halide ions) and used eéxtrapo-
' o 1 0 GH - o
laticns to get —GM at ( = ) = 0. The plot of Z_ —GH + (-——-Er—- b
L ~ 1 1 0
e = L . 104,247
Vs T g 5 + 1539-7 improve the value of GH' Tzmaylov ?

also considered solvation of lons as complex formation between
solvent molecules {donors) and ions with vacant orbpitals as

acceptors.

He determined the solvation energies of anions and cations

' i (0] 18] o] 0 1
from the plots of (GM + Gy ) vs'iﬁ, (G - Gg ) vs;ﬁg apd
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o GM = GX 1 i
K‘—Gi + > Vs ( n = 3,4,5 etc:i7for diff erent

isoelectronic pairs like (Na+ F_), (K+Gl"), (Rb+Br") and (Céf}

where n 1s the principal quantum numbers of the lowest vacant
orbital of the ion. ¥e considered the second method to be more
reliable. However, Igmaylov's assumption that élG?neutﬁ account
for 1 = 24 of fthe total solvation energy was found to be erroneous
from the estimates of élGineuf)

experimental determination of A
104,246,247

via inert gas assumption or
[+]

neuty
were dependent on the large errors involved

Moreover, the calculations
of Izmaylov
in the determination of the digsoclation 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 extrapolatiocns are non¥1inear and generally based on
three points. Therefore, large errors in the determination of
éng or 'medium effect! are but expected.
Feakins and Watson and their associateso) 01248,249
nsed the e.m,f. methods to determiné the 4361(free—energies of
transfer from water to different solvents) values of HZl, HBr and

- HL on one hand and LiC1, WaCl and KC1l on the other and utiligzed the

extrarvolations

() = AclEy + %""l (21)
AGt = Gt(" a ¥y 21)

o O, = -1 '

and Ag (MCL) = AGg (el”™) +b ¥ (22)
t T M

to get 41GO(H) at - 0 and éSGP(Cl) at-E— = O

| § % s t Yy
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gations are found to be in lower free-energy states in
the mixed solvents compared to water, while the anions show the
reverse trend. Howevér, linearity is poor in most cases due to
incamﬁiete comﬁensation of 43H£ and T Alst terms which are
complex functions of radius and estimations based on the dependence
of %? appear Lo be oversimplification. The major contriputions to
free-energy of solvation arises from ion dipole interaction.term
Ze,ﬁ,/qag in addition to Born charging energy beyond the solvation
shellgs. Tn conslstent values of KXGE of individual ions result

o) o
. ; -~ 1 e L .
from thq\plots of 43Gt(M c1y VS and 43Gt(HX) 7S - Other

X
inconsistencies are also note5238. However, it has been now
recognized that the solvation energzy of an ion ig composed of an
electrostatic pari ZSGZI and neutral part 4xd;eut= ie.,

o

o)
NG, = AG

0
1 neut © AGel

The assumption wag originally puit forward by Bjerrum and

Larsongoz 251

‘and applied by Haugen and Friedman and mogt of the
workers now a days. The neutral component was equatéd to the

'medium effect' of the uncharged species of similar size and structure
as the ion (known as inert gas assumption). Tor benzoate ion,

benzole acid is the neutral analogue while for ions like Li+,Na+,
K+,Rb+,Cs+ the isoelectric inert gases are the correspondlng

- 187
nentral analogues .

The method has been elegantly put forward by Alfenaar

1,238 252 199

3
and de Ligny and more recently by Kim , Abraham and Liszi .

In view of the difficulty of calculation <xd;eut, it has
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31,238

been determined experimentally. Alfenaar and de Ligny took

o

neut of the

0 : . . .
AGneu.t of very large ions {o be equa}_ to AG
corresponding uncharged particle of equal radius put for small
ions, a difference arises from the changed solvent siructure

around the ions of the solvent molecules.

The free-energy of transfer of iong between two solvents
ineluding ion-ion, ion-dipole, ion-guadrupcle interactions etc.

are given by

o

neut + + *e . (24)

a
AGi{ion) = AG = +

The free-energy of transfer of eleclroneutral combinations
of ilons have been divided by Alfenaar and de Ligny into the

coptributions of the individual ions M and A as follows :

e} 0 Na) o a b c

AG + AG’ - &G’ A= AG’ + — t e e e RS (25)
M A neut’? ! TR
o o o _ o a a e

AGH - AGM - AGneu’c’ M= AGH - ?ﬁ + T,—-Mg + ﬁg-l- aes (26)

The values of the left hand sides can be debtermined experimentally.
8norn 18 caleulated using the Born equation from the slope at
&;/: 0, and 43G§(H), by ¢ elec can be estimated by the method of
least sQuare. When the left hand side of the two equations (25)
and (26) are plotted against %; y Two curves will have & common

o)
intercept ZLGH, the larger the ions, the greater the accuracy of

the results.
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The extrapolations, however, are non-linear. The contri-
o . - 31 . .
butions of élet(neut) appear to be conslderdole and the

reliability cof the determlnatlon of 436— via 'ineri gas

t(neut)
agsumption! have not been proved.
de Ligny and co-workersoo-32,238-240 4 o4 o slightly
modified the method by incorporating ideas of Buckingham253,

Falliwell and Nyburg> o~ Muirhead-Gould and Leidler™"o,

180 196,257

Salomon détermined the individual free—-energies

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

vs ﬁf, where Ty is the gas-phase radius of Gouray and Adrion.
KBGSOIV(H ) is obta1ned £rom
- 0 sk : 0 - constant
L L\Gconvm\‘"? - AGcc:-nv-(}{"'fj J = vy -2 ‘&Gscuvlv(}:r )
vas (29)
/" Ny = ° affy -
L A conv( ) = éleolv( ) - AG solv(H )
r - © e . .0 +
A COI]V(} - AGSO]..V(X ) -+ AGSO].V(H ) _7

+ - ' ' : :
¥ and X are ions of egual charge and radius.

It is known that the enthalpy and entropy terms are complex
funetions of r, but due to compensation of the enthalpy and entropy ¢
solvation, the free-energy term is relatively independent of terms

: 0 + '
higher than 1 . KXGSSlv(H } is found to be ~235.0 X cal/mole.
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. o)
Since éEGneut

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

is dependent of ionic radius, the choice

Criss and salomonlgo considered it desirable to take differences

o) ' o
> a » for

t,conv(lon) which automatically cancells ésGt,neut,

anions and cations of equal charge and radius. The choice of

in AG
crystai radius thus becomes lesgs important,

Abraham and Liszi199 determined the free-energy (and other
thermodynaﬁic properties) of solvation of gaseous univalent ions
using a one-layer and two layecontinum model for [;G%,el utili%ing
the equation AG, = AGi,el + -A.Gi?(neut), ASg(nenty 18 the
free-energy of solvation of a non-polar gaseous solule of the
same size as the ions in guestion.

_ Wellsg57 calculated the free-energies of transfer of ﬁk ions
from water to water + co - solvent mixtures ( like MeOH, PriOH,
t - RaOW, ethylene - glycol, glycerol, acetone, dibxane, dmso)

o+
assuming that ZBGt(H ) consists of two parts
o 4+ Qo + o +
AG(E) = AG(H ), + AL (RO

o+ of
Z&GE(H‘) is the free-energy change,the transfer of a sphere
e .
containing the tetrahedral structure HéO+(H50) (having = 3'Fh20)
1fromu-§;ﬁ to” :gié'(-dieﬁeptric eonstant of the mixture ) using
porn equation |
2

o, _ 1 _ 1
.AGt(H )9_6“1{20({5 E-t::).

é&dg(ROE)g covers all subseduent stfuctural changes induced by
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the presence of the‘tetrahedral'ﬂéo+ (H’20)4 in the mixed solvent.

However, the method is applicable only in water-rich

- media. The limitations of the method are discussed elsewberp.

Method based on !Reference Electrolyte!

The most widely advocated and promising approach to the
estimation of 'medium effeels! for singleé ions ( and also for the
estimation of partial molar volume, the solvation enthalpies and
6ther thermodynamic'properties 6f single ions )} are those based
on"reference.electrolytes'. The reference electrolyte167’258'262
should be composed of large symmetrical counter ions of eqgual siﬁe
and solvation properties,:so that the 'medium e&ffect! should be
quually 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 with the gsolvent.

4

was first used by Grunwald and co—workerslSI to estimate the
L ' aa69
‘medium effects of single ions. 1If —Lf —  for the reference
- : d: .
o
electirolyte is denoted Gt’ the equation separating the transfer

Z'Tetraphenyl phosphonium tetréphenyl borate ( Ph, P B Ph4)

energy into the individual contributions of positive and negative:
ions hecomes -
o Ne2 d In¢

O - - O
Bp+) = Gpl=) = DG ey = o T T an .o s(32)
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The Phéc was chosen as neutral analogue.

The experimental values chogsen from the 'reference
glectrolyte! method agreed well with the values predicted by
the equation, glight positive G values for alkali metal cations
and negative Gg values for inorganic anions indicate prefereﬁtial
- gsolvation of ions. Popovych259 proposed tri-isoanyl-n-butylammonium
t et raphenyl bhorate (TAEB Ph4) as 'reference electrolyte! based on
the equality of the Stokets radii of ions in water, methanol +
acetonitrile, Tetraphenyl arsonium tetraphenyl borate (Phéﬁs B Phé)

has been proposed by Parker and co—workerslas’lgl.

Because of their low solubllity in different solvents, the
‘reference electrolytes are suitable for determining free~energies

of solvation without uncertain activity corrections.

The limitaiions of the method can be summarized as follows :

1) The results are based on solupility dats and errors may arise

from the possible167’181

a) formation of crystal solvents
b)Y micelle formation
¢) Tformation of complex ions

~d) ion~pair formation

2) | Insufficient evidence or no direct experimental evidence for

the equality of radii of counter ions.



3)

4)
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Apprdximate equality of Stoke's radil or calculated radii
from models. are not real indices of ion-sizes or imply a direct

correlation between transport or thermodynamie propertiesgol~

264, Dlelectric relaxation, size of secondafy solvation
effects must be taken into account to determine free

18
energies of solvation O.

The method should not be applied to dipolar aprotic
solvent, which differentiates strongly between the

relative solvation of anions and\cationszlo.

Inspite of the defects, the results obtained with TABEPh,
of Popovych and co-workers and with PhéAsB Ph4 assumption
of Alexander and Parker are in good agreement,
Digeripancies between two methods arise from Pa:ker's

use of formal solubility product rather than thermodynamic

ion aectivity product used by P0povych166.

Rerne and Popovych265

gtudied the medium effects 6f

t etraphenyl germane‘(PhéGe), t et raphenyl methane (Phép)

and tetraphenyl silane (Ph4 s81) which are excellent neutral
analogues of tetraphenyl borate (B Ph; Yy, tetraphenyl
arsonium (Ph4 As+) and\fetraphenyl phosphonium lons (Ph4 P+),
the 'reference ions! widely used in the estimation of

tmediun effectst of single ions and whose lon-sizes roughly

: 0
£21l in the range of 4.0 ~ 5,5 A, Thus, for ions with
.0
radii 4 - 5 A
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o - o o -
AGy = Al epong) + AG‘[:(BOI’n)
( experimentéi )
the interaciions expregsed by'higher Qrder terms in r-1 appear

to be unimportant,

4'Ge, Phéc and Phési referred to standarad

states in ethanol were calculated from solubilitles in acetonitrile

- Medium effects of Ph

‘methanol, et hanol-water solvents containing 60 - 100 wt% ethanol,
when the "medium effects"of'tetraphenyl compounds are added to the
corresponding estimafes of logm Y (Born)'fcr an ionh with r = 4—5‘3,
the results are in fair agreement with the dbsérved-values of %
Ilogtnﬁ’ for the Ph

4
water solvents, methanol but not in acetonitrile.

As B Ph45 Ph4P B Ph4 and TABB Pn4 in ethanol-

Recently, Kim252 after a critical and extensive study sirongly
T ecommends Ph4 As B Ph4 as 'reference electrolyte! to calculate
single ion thermodynamics. The electrostatic free energy of
transfer zf'aﬁ+ { porn) _7_are calculated by the puckingham theory,
ZSG%(neat) are replaced by the experimenta; values of Zldi{PhéGe)
and ZXG;(Ph4C)' Phég?ﬁaﬁd Phép have proved to be by thelir size
and stroeture 1_ as determined from the determination of molar

volume V,y packing density(d} and volume co-efficients

T (Phaas’) 7

)( _ 7 (Phgfe)

= . The ideal
V (PhyC) | 7 (PhyE")
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heutral analogunes of Ph4As+ and Ph4B* respeétivelj. Good agreement
have been reported between A Gy (= LLGel + ZlGneut) values
caleulated and experimental values of AXGL (Ph As B Ph ) in various

organic solvents.

The partition of the values for the reference cation and
anion has shown slight and marginal difference in standard free
energies of transfer, in most cases slightly greater for the

cations than for the anion.

Miscellaneous Methods

———n.

A number of methods of minor importance have been
suggested to obtain 'medium effectt 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 (éliphatic acids, benzoic
aclds) and BH (anilinium ion toluidinium ions etec.) in aleohol +
wat er mixtures and water we have,

S N~ | _ .
(pks - pk )Hg . log \r PR 1oa‘§p% = log ~Yn+ + mﬂﬁ’ e e (33

and (pk - pk )BH = log Y+ *+ log e Y o m and mB are
substituent constants independent of the nature of the SOlVent‘
Y - and Y, 2r®e the solvent parameters dependent on the solvent

only where
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Y.= (1-v) cee (34)
and No = (1= w)? eee (35)

w = weight fraction of water in the solvent.

Now, (pks - plcw)HA - (pks - pkW)Bﬁ+

m, and my were determined by multiple-regression method which

mAY- - IIIB YO ac-(36)
ena2bles one to caleulate log \(H+ .

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

limitations regarding the assumptions of-mA,‘f as polnted out by

266 6,260

16
Wyne~Jones and Popovych and more recently by Maity and

Lahir1267"269.

Basicity of fthe mixed solvents :

The complexity of ion-solvent interactions is well-illusirated
by the conflieting evidende concerning the relative "pasicities®
of water and alcohols in the mixed solvents about®which there is
no general dgreement. The investigation of transfer of free
energies by Feakinsg and co-workers38_45’248 brings one to the
conclusion that the anions are in a higher free-energy state in
methanol-wat er mixtures than in water, whereas cationg are in a
lower free energy sfate indicating methanol to be more basic than
water. (Considering the charge distribution in the solvent molecules,
Feaking suggests that due to the inductive effect of the methyl

group, methanol is more basid than water and methanol will confer
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"preater basicity" on water to which it is.hydrbgen bonded. This
idea iz in line with the views of Frank and Wen™o°, gimilar
-conclusions héve been drawn by Weliszag from the behaviouf of p-
nitroaniline in solutions of strong acids in met hanol énd in
iSOprOpanol; The medium effeet for the pfoton, log Y g estimated

by Popovyech and comworkerg 0 81208-261,265

is negative in ethanole
water mixtures éontaining from 10 to 98 wm%lethanol and passes through
a2 minimum at 60% by wt. Negatiﬁe values of log e g betweeﬂ 10 and
98 wt% ethanol indicate that ethénol-water mixtures in that range
are more basic than éither of the pure liquids, with maximum
basieity occuring at 60 wt#. Braude and sterngzq observed a similar
variation in solvent basicity from the behaviour of the acidity
function, Ho in mixtures of ethanol, dioxane and acetone with
water., In all three cases,-Ho passes through a minimum (maximun
solvent basicity) at approximately eguimolar solvent compositioh
aﬁd'then rises sharﬁly in the region of the pure organlie solvents.

15

Caleculations by Paabo, Bates and Robinson—° point to the existence

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

estimates of log mqu by Alfenaar and delignyzsg; The conclusion

of Braude and stern27o waé that water is more basic in mixtures

with other solvents than in the pure liguld state, whereas its
proton affinity is léwered by strong intermolecular hydrogen bonding.
-Addition of organic solveni to water is believed to bring about

a gradual destruction of the wafer stracture, thus liberating
polymerised, condensed system having a considerable degree of strue-

ture, 2) the thermodynamic significance of K is doubtfull48.

These apparently confliceting views have led Frank and Ivesl48 to

suggest that in a hydrogen bonded liguid system, it is not possible
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or even meaningful to assign relative instrinsic basic or acidiec
strengins to molecular species which exist so strongly under each

others influence.

Acecording to Feakins45, dioxane molecule is more basic than
water and also enhances the basicity of water molecules to whioh

it is bonded.

'Feakins45 algso suggests that pK possibly measures basicity
but only over part of the solvont—composition range and lthe
basicity of the solvent may well change depending on their
environment and therefore, change over the range of methanol-water
concentration., Thus, it is apparent that pK can give some idea
regarding basicity pro%ided fhe full nature of the environment is

known,

Muirhead, Gould and Laidierg have given the different
types of foreces which ére present in solutions, 1In 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-when the higher agueous solvent ﬁ+(HQO)n'
are replaced by Héo+ ions. This condition corresponds to the |
minima in the plots of -Ho or log mW”H vs solvent composition.
Beyond the minima, the 0" ions are gradually replaced by the
organic oxonium ions, which the case of 0255052 are more acidie
than H30+ (positive log ﬁT'H)' The conductance of w127 in

alcohol-water mixtures however appears to indicéte that .protons
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are bound more tightly to water molecule than to methanol. Calculation
of the equilibrium constants for the simple proton transfer reaction
RO + F0 == ROH + ¥ 0" have given results ( e.g. K~ 100 for MeQ¥,

3
~ 250 Tor 8t0W ) supported by indicator??g, e.mn.f, 273

and-catalytic
studie5274-taken to mean'that water 1s a much stronger bagse than
alechols. Bput 1) k—calculated‘fér the hypotheticél prolon-transfer
reactlion 1s a gross oversimplification of something more complex
happening in the ion-ion forces, ion-dipole foreces, ion~induced
dipole forces, ion-guadrupole forces (may be termed ion-solvent
interactions in a ﬁroader sence), dipole-dipole forces, dispersion’
foreces, and charge-transfer forces exist in solution. Parkerl78
also suggested that there are four kinds of strong solute-solvent
interaction ; ion=dipole, dipole;dipole, }g~complex forming and
hydrogen bonding. Full and proper knowledge of thesé Tactors

are necegsary hefore we can say definitely about the basicity of the

golvents.

- In view of the complexitiés of the problem, Pal and Lahiri53
det ermined the dissociation constants of salicyclic andsulphosali-
eyclic acids in a number of equidielectric mixtures of different
solvent compositions to get the relative magnitude of the basicities

of the different solvent mixtures.

In view of tkhe uncertainties of the radii values of anions
(specially in case of unsymmetrical electrolytes) and lack of exact
knowledge of solvationSB, the basicity of the solvent mixtures could
not be ascertained but only the felative idea regarding the non-

electrostatic contributions could be made, Since "non-electrostatic
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Termg" (termed 'basicity'! by Paabo ef.al.) is predominahtly nega-

tive for methanol-water mixtures, Pal and Lahiri53

observed

[}dzl term ( - ve) is in the order dioxaney isopropanol>>ethanol>
methanol. Rut equidielectric mixtures inVariabiy make {he mole~
fraction of different solvents to differ econsiderably. Though
there is constancy in éxd;l parts (assuming r to be same in
equidlielectric mixtures), only the difference in 15G;onel
paris of different'percentéges of mixed solvents couid be obtained.

But A o

nonel changes with solvent-composition as the free—energy

of mixing and solvent basicity cbange with solven% composition.
Thus, the idea of evenlthe relativecbasicity of the solvents

could not be made from these measurements. They stressed the
importance of determining the ion-solvent interactions to determine

the basicity of mixed solvents.

Inspite of the progresg that has been made in understanding
ion~gsolvent interactions and their role in medium effects, there
is yet no means of evaluating in a reliable way the proton
affinity of one medium wiih respect to that of another. For
 this reason, a single pH-scale applicable more than one medium
can not yet be consideredlalpractical possibility.

A satisfactory tfeatment of the theoretical basis of complex'
formation in various solvents and mixed scolvent does not yet seen
possible. Complex formation occurs.in g way analogous to corres-
ponding reactions in water. A consi&eration of électrostatic
effects involved will complicate the treaﬁment appreciably. .No
systematic ihvestigations 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. However, change in the stability
constanits of the complexes with solvent compositions are noted

but the valnes are not simple functions of the dielectric
53-55,67,141,275

constantsd

Dioxane~water mixtures have been widely used for the
detormination of stapllity constant of complexes slightly-soiuble
In water. Irving and Rossottia?G compared log KHL and log KML
in mistures watéf + dioxane & in some other solvents. The ihermo-
dynamie significance of the difference between these constants
was digcussed. In aguecus dioxane and aqueous aleohols, the
stability constanf of the complexes containing an 0-M linkage in-
ereases with inecreasing orgamic solvents whereas the stabilities
of complexes containing ¥ - M iinkage decrease. But Irving and
.Rossotti found no simple relationship between stability and
solvent composition for compléxes of ammonia, ethylenediomine ond
pyridine, although the silver ethylenediamine complex is more

stable in pure ethanol and lsopropanol than water.

Complex formation in non-aqueous or ﬁixed éolvents and
their systematic correlations offer possibilities for Tuture
research. The free energies of transferimetal complexes and
ligands may be of great heip to determine the free~energies of

transfer of metal ions and'metal complexes.

In recent years, freerencergies of iransfer of metal

complexes ( particnlarly alkaline metal complexes) of maerocyclic

- 2
ligands like cryptands and crown ethers have been made 77. A

- 81 7 82

positive value of the transfer activity co-efficients Lt



T
/L = cryptands or crown gt her, M™ = alkali metal ion _7 denotes
- 4 , .
that / 1M _7 is more sirongly solvated in §1 than in Sge
However, attempts for gualitative and quantitative

correlations are sti1ll very few.

From the disscussions, it is apparent that inspite of the
exténsive studies, the role of solventé on the dissociation
constants of the ligands, the exact nature of ion-solvent,
solvent-golvent inﬁeractions,.and solvent basgsicities are yet
provoed to be elusive as a result nothing specific an be saild

about the "medium effects! a quantity of fundamental interest.

" gystematic and extenéive-studies are needed Tor the proper
understand ing of the solution chemistry in adueous and mixed
solvents. Studies on the dissociation constants of ligands and
their complexes in mixed solvents may give us some idea regarding

ion-golvent interactions, solvent-basicity and médium effects.

With the above objects in view, we have determined the

~ dissoclation constants of 2,2'=pipyridine, 1,10-phenanthroline in
amso + water, dmf + water and formamide + water mixtures and
Terrous-tris=-2,27-bipyridine complex in dmgo + waler and

formamide + water mixtures.
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'Section‘— If.

gstudies on the dissociation constants of ligands
in different nen-aqueocus and the binary mixtures give us
ingight regarding the role of solvents on {the dissociation

equilibria and ion-solvent inferactions.

Most of the studies are in protic solvents like
ﬁethanol, ethanol, t-butanol ete. and their aqueous binary
mixtures. Studies in dipolar-aprotiec gsolvents and their
binary mixtures may be of some help to understand the nature

of the solute-solvent interactions and other solvent properties.

"The peéuliar properties and the various uses of
dipolar-aprofic solveni dmso have led us to siudy the acid-base
properties of Tligands in dmso + ﬂéO mixtures. We Teport in this
sectlon the results of ouf.sﬁudy'on the disscciation equilipria

for the "iscelectrich reagpions of the type
+ 4 ' :
AW ';".....—_..—-"..:--—._.....:& A+ H ' (1) _

where A is either 2,2'-bipyridine (bipy) or 1,10-
phenanthroline {Phen) in dmso + Héo mixtures pH-metrically
and spectrophotometrieally. The evaluation of free-energies of

+ : : '
transfer of H ion in mixed-solvents have been attempted.

Experimental :

C2,2'-Dbipyridine and-l,lo-phenanthroline (G.R.E. Merck)



were used without further treatment. Dimethylsulphoxide (Backer
Analyzed Reagent) wag dried over fr%shiy,ignited quicklime for
several hourg and then distilled under reduced pressure. The
Qistilléd solvent was used within 24 hours. HClOQ, caustic
soda and other chemicals used were of analar grade. Doubly

distilled water was used to prepare the gselutions.

The ligands are known to absorb strongly in the
u.v. region, The absorption maxima were slightly changed

ihdicating littlé solut e-solvent interactions.

The pk-values of the ligands were determined PHrmetviGily awd
spect rophotomet rically in the same way as described by Lahiri,
Aditya and co—workerslﬂ4. Since the ligands absorbs strongly
in the u.,v. regions, their optical densgiiy measurenenis were

taken at 300 and 305 mms (for 2,2t=bipyridine) and 310 and

315 nms for 1,l0-phenanthroline.

The weight percentages of the organic solvent at 298K
- were calculated from the known amounts of the two solvents by

volume and the densities of the solvenis.
The dielectrie constant and density values of dmso + HQO

mixtures were interpolated from the data compiled by Covington

and Dickinsons.

Determination of U ion in dmso + Hs0 mixtures :
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The glass electrode has been reported to function
satisfactorily in demethylsulphoxide up to a pH of 28,

Ritehied Céiibrated the glass electrode with solutions of

7

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

mixtures of 4~chloro - 2, 6-dinitrophenscl and 2,8-dinifro-
phenol (pX values determined conductometrically and spectro~
photometrically) and their tetraethylammonium salts. put

such studies in dmso + Héo mixtures are not known. Since

glass~electrodes work satisfaetorily in dmso, therefore,
3
the method suggested by Van Uitert et.al. could be well

utilised. The method has been extensively studied by

9-10

Lahiri, Aditya and co-workers . The instrument was

first standarized with potassium-hydrogen-phthalate

4 3

0,05 mol dm'3 huffer and then With lO“ mol dm HClO4

acid solution. The glass electrode was then kept immersed

in the appropriate solvent medium for equilibration and

3 HC1l0. in the particular

4
solvent medium was taken. The method gives reproducible

the meter readings of 104 mol dm™

results. The correction factors 1og UH in the particular
medium were caleulated by the relationship

~ log /707 - B+ loglé_UH_7 ware 4‘5?_7 is the stoichio-
metrie hydrogen ion concentfation assuming 100% dissociation

of the acid in The agueous and in mixed solvenfs.

The correction factors log Uy in different percen-

tages of dmso + Héo mixtures are presented in Table (1).

The oREcALdensity readings were recorded with a
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T

Backman DU2 Spectrophqtbmeter maintained at 298K, The pH—metér

"Tf fégﬁihgs.weresnofed with a BCIL digital pH-meter having an

accuracy of + 0.01,
Results : .

The thermodynamic dissociatign~consténts for the reaction(l)

is represented by

. _ay xaf  Cy x Oyt JTax T _Cy x Ot %)
R LYY o - Capt Tyt Cag®

" (in very dilute solutions)

.

L Ca™
'ThUSfPKT = pH + log T
. A (3)
= B + log UH.+ log'_giH+ (4)
=.B + log Uﬂi log 1(5)

-4 .
dI,

( B = meter readings of the solutions)
where dy, dy;and d arve'the optical densities of elther 2,2'-
pipyridine pr 1,10-phenanthroline at pHs corresponding to_mblecular,

ionie and mixtures of molecular and ionic forms respectively.

Fur'tl'her 2 H+_?T otal = f‘H*_?f fee + _/_'AH+_7 , (6)
a7, =LA« [aE 7 R &0
Thus, from the known concentrations of Z_g_7T, ZTH+;ZT
and Ziﬁ%*7free [ determined experimentally_ 7 ﬁalues, pKy can be

caleulated using (4), whereas equaﬁion (5) has to be utilized
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wheré dys drs 4 and L_Hf;7 ion concentrations are available.
Tables 2 = 4 give the resﬁlﬁ of dissociation constanits in mixed
solvents. The avérage pK—valués of 2,2'pipyridine or 1,10~
phenanthroline at differenf dmso + H.0 mixtures are given in the

2
Taple 5.

Discuigsions

In view of ion-pairing and homoconjugation of acids, it
is desirable to work with very low concentrations in dmso. But
we always prefer to determine the dissociation constants of acids
at very iow ionic strengths and in absence of neutral electrolytes

so that the thermodynamic dissociation constants could be determined.

In mixed solvents, the activity co-efficients of the

1th species can be writien as
(ff — ’m%. /s I

However, in very dilute solutions - ¢Y,—>1 so that only the
"medium effects®™ which éould be properly assessed so that we
get the role of solvents and the nature of the solute~solvent

interactions.

The results in the table (5) show that the pX«values of-
2,2t=bipyridine and 1,10-phenanthroline deerease as the percen—
fage of organic solvents inerdase but the change is quite
appreciable particularly at the begining., The chénge is quite

large when we compare ApK-vhange in comparable methanol-water
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2,3 where the dielectric constants are considerably lower.

mixtures
The greater sclubility of the ligands in organic solvents is one of
the factors for change in pK-values. The pK of 1,1l0-phenanthroline
decreases, reaches a minimum at about 80 wt% of organic solvent

and then inereases whereas no such minimum is observed in case of

2,2'1bipyridine.

The pK~values show linear'relétionship_when plotted against
welght percentage (Fig -~ 1), &BRul the pléts of pK ve 1/D or mole-
fractions are linear ait best up to 60 wt% beyond which congiderable
deviations arise (Fig 2,3), It is apparent that specific solube-
solvent interactions are important to account for the variation of

pX~-values. .

Tn order to have some understanding regarding the contri-

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

z}es (nénﬂel). 21G§(e1) has been calculated using the simple
Bornlg equation ingpite of its limitations and uncertainty regarding

the radii of ions.

o 1 1 1
I‘ﬁGt(el) = 166 X 4.184 ( 3 -.0.0127) ¢ T3t~ gt )

© 13,14
ak " . + . -+
'PH* has been taken egual to 0086 A ) "Pphen . or '?blpy i
has been caleulated to be 3.70 A. The change in pK-values in going
from water to dmso + Héo mixtures have been usually ascribed to
solute~gsolvent interactions. The effects due to dielectric constants

in case of '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 ére quite appreciable.

In view of the limitations of Born equations, we have

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

Abraham and LiszelS

0 B NZ2 L .11 N2, | A
ZXGt(el) = T3 ( Eﬁ - 1) ( 373 Yo+ 3 ( g - DG )
a = radivs of the ion.
b=a+Y¥ ( Y& = radius of the solvent molecule)
£,= 2 and €,= bulk-dielectric constant.

. . 15
and - . - . -
Pamso 'PHQO have been taken from the literature

ha a d it rv Wi : it .
Pamgo + FigO s been ssumei Lp vary with solvent compositions

As expected, the differences bebween [&GZ(el) values

caleutlated using Born/equation and Abraham'sls equation are duite
large. The use of Born equétion or othér modified equations,
which are appreciable to lons haﬁing spherical radii, in case of
flat molecular ions like phend or bipyH+ is lik2aly to introduce
some error, However, the limitations of the Born équation or
other eduations with adjusted radii or dielectric constant

values are wellrknownl6. However, there are also uncertainties
in the radii values of gsimple spherical ions. The ion-dipole

interactions may also be quite appreciable.



- =

Rut whatever may be the method of caleulating the
.szg(el) values, éng(non o1) have been found to increasingly
negative (Table 8) indicating the inceased basizity of the
solvent mixtures compared to Héo. It is known that dmso is basic
in nature and the dmso +'HéO mixtures are likely to be more basic
than Héo. put the eorrection factor ( -~ log UH) inereases as the
percentage of organic solvent lnereases reaches a maximum at ahbout
80 wt% of dmso and then decreases again. This means that the

basicity is maximum at about 80 wtf of dmso.

8]
NG
from water to dmgo + Héo mixtures would enable us to have bpetier

gince the AG of transfer o¢ 'medium effect’

‘insight regarding the solvent basicity and ion-solvent interactions,
attempts have been made to determine the ZXGE(H+) values

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

Since the work has been carried out in very dilute solutions,

the solutions may be regarded to be their standard states.

Thus,
Adegryy = A6y = Bl
AGE(A) * AGE(If') - AGE{AHJ’)
- _AC’E(H““; B AGz(el)(AH+)
Las AGz(mf’) - AGECA) + AGz(el).(AH)+- 7
Thus, |
AGE(HJ“) - AAGE(I) . AGE( el) (AH)
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ZXG +. values from KO to dmso + H.0 mixtures have been pre-

2 o
isentegtfﬁ)table 6 u51ng the dissocilation constant values of 2,2%-
bipyridine and 1,10—phenanthrolene and zﬁGt(el)(AH*) values
calculated from porn equation and one layer solvation model as
described before. The 1imitat10ns of determlnlng the free—energies
of transfer of ions are well knownl6. We ‘have particularly chosen
bipjridlne and phenantbrollne for the measurement of ZXGt(Fﬁ
as the solute-solvent interacxlons of the llgands are known to be

vefy small from spectral_measurementslv.

Inspite of the limitations of calculating AGE( oL) (45"
(we prefer Rorn edquation than the one layer_solvationlmddel),
ﬁfo(H y values caleulat ed usiﬁg bipy or phen are in good agreement
qualltailvely and almost quantitatively 1f one con31ders the
1imitations of such measurements.. Assuming an error of + 0.02
(at loﬁ percentages of organic solvent) - + 0.04 (at bigh peré
centages) in pK~-values, an error to the extent of + (0.20 to O.40)Ki
are expected. In view of lack of-data, ig is-difficult to compare
our . C;Gt( + values with those in the literature. However, the
values can be compared With;ﬁhe values reported by Wellsla. The
values are qualiﬁﬁaha@win-agreemeﬁt but nét'dﬁantitaﬁively. For
better comparison, the £>GL(H )(molar) ‘values have been converted
into mole—fractlon scale and tne values come closer. 8till the
 differences are appreciable about -1.0 KJ at 10.89 wif -~ 4.67 ¥

at 42 wtd and about -3.8 KJ at about 72 wi% (Table 7Y. WNo values

are available at higher percentages. The results thus can be
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!

regarded to be in good agreement.

In view of ihe inﬁerent limitations of the various.
extra thermodynamic models of calcﬁlating 'medium effectst of
iong arising froun simpiified generalisation, the method
suggésﬁg? by us is simple and reiiable. The zLGE(H+\) values
calculagﬁd by Wells18 in dmso + HéO mixﬁuréS'involve the use

o o] o,
Aby(rty = Ay + AR
where éng(H+)e has been calculated by the application of Born
equation to the transfer of a sphere containing the tetrahedral
structure, Eéo+ (I-]720)4 using

Ne? - -1
LS T T
6 I

5 W
H50

0
£5Gt(ﬂ+)e =

ngo is the radius of water ions. The reaciions as suggested

by Wells implies a change in radius values in mixed solvenis. The
generalisations and the use of data obtained at high ilonic
~strengths are hardly justifiable for the determination of 'medium

effects!. The AG,_+ values are inereasingly negative

t(H
indicating the spontaieiiy for the transfer of H ions in mixed
golvents. Thus the mixed solvents appear to be more bhasie
compared to water. However, A G:(H+) inereases above 80 wt% of
dmso indicating that *the basicity!'decreases be?ondrthié region which is

in good accord with the observed *Correction factort values.

Though it is hardly possible to tnrowlight on the
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solvent structures from the limited data, but attempts can be made.

Tt is expected that dmso would first enhance tThe three-
dimensional polymeric structure of water bul unlike the alcoholl+
water mixtures, the maximum structure formation has been reported
to be in the region of Xamso™ 0.35 or.higherlg’zo. The changes
“of other physico~-chemical properties are also in the region deséﬁ

0.35 to 0,5019-22,

It 1s likely that after initial struecture formation
breakdown of water-structure and dissociation of dmso aﬁd dis~
ruption of waler structure take'place with concomnmittant formation
of hydrogen-bonded dnso +.H20 syétem upto about 80 wif of dmso.
Beyond this region, disruption of dmso + Héo occurs, Thal is why
the changes in physico-chemical properties occur in this region.

1 O - L3
- Toe - A‘Gt(H+) or !correction faectort ( - log Uﬂ) is also maximum

indicating the maximum solvent basicity in this region.
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Table = 1

Correction factor of dmso + HQO mixtures

Wt% of Mole~fraction 1 o o
Smeo ﬁ“ X 10 Corregtlon factors
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 - 1.4
90.81 0.692 172 ~ 1,03
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Table - 2

' Dissociation Constants of 2,2t'-bipyridine at 32.02% by wi? of dmso

( pE-metric )

Concentration of 2,2'-bipyridine soln. = 5 X 10”2 mol dm™3
{ Temp = 2028 ¥ )

Fraction of the

ligand neutral- - Meter pE=after Average
S pPE :
ised (107"mol dm’s) readings Correction . pX

1 2 3 4 5
1.5 . 4,35 4,21 3.824
2.0 4.17 " 4.03 3.85
2.5 3.29 3.85 3.85 3.85
3.0 _ 3,82 3.68 3.86

3.5 3,63 3.49 3.86
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Table = 3
Dissociation Constants of 2,2'-blpyridine at 32,02% by wt of dmso
{ Spectropnotometric )

Temp = 298 X ~ Cell length = 1 em.

Analytical wave length = 300 nm
Optical density of the molecular form (dM) = 0.062
Optical density of the ionic form (d;) = 0.418

Met er pIT after -4 = g
' _ log pK
reading correction Observed d - dy dI—d dI" d
1 2 3 4 5 6 7

4.21 4.07 0.191 0.129 0.227 = 0.24 3.83
4,03 3.89 0.234 0.172 0.184 - 0.03 3.86
3,91 3.77 0,255 0.187 C.163 . 0.08 3.83
3.80 3.66 0.275 . 0.213 0.143 0.17 3.83
3.75 3.61 0.287 - 0.225 0.131 0.25 3.85
3.66 3.52 0.300 0,238 0.118 0.30 3.82

’ 'Average PK = 3.83 + 0.01

Average pX value from 0.d.'s at 300 mm = 3.83 + 0.01. .
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Table - 4

Digsgsociation Constants of 1.10-phenanthroline at 32.02% by wt of dmso

( spectrophotometrically )
Temp = 298 X
analytical wave length = 310 nm
Optical density of the molecular form (dM) = 0.235

Optical density of the ionic form (dI) = 1,17

Meter Iﬂfaftef Qbserved | d -~ dy

o | a - a, d; = d  log————: DK
reading correction d dr- d

1 2 3 4 5 & 7

4.49 4.35 0,730 0.495 0.440  0.05 4.40
4,38 4.24 0.780 0.545 0.390  0.14 4,38
4.25 4,11 0.832 0,597 0.338  0.25 4.36
4,16 4.02 0.885 0 .650 0.285  0.36 4,33
4,11 3.97 03900 0.665 0.270  0.39 4.36
4.06 3.92 0,940 0.705 0.230  0.49 4.41

Average pK = 438 + 0.0l

Average pK value from 0.0.'s at 315 ni = 4.9+ g.01
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Table -5
D133001atlon canstants of 2 2‘ blpyrldlne and 1 10—phenanthroline
' in dmso + water mlxturesl\

Temp 298K

Z,Zt;bipyridine' L .. 1,10-phenanthroline

Wt%ﬂf PK(pH=metric) pK(Spectro- Average - pK{pH-metiric) pK(8pect ro- ' . Aﬁerage
o . ... bhotometric)y . ... .. . ... . photonmetric)

“10.87 4,17 - ;f*_-, _4.21 ‘ _5_ a9 4.59 S 7._, &, 68~ .L;*; 489
21.53l;4 00 . a0z 401 455 . . .-48. . as4
“32u02 3, 85_2.'} Csles . - o3ma .4‘42_gf:;fi; . é.38l; S 4040
| :42.é8 3.70 s -_,-' "3.71; ':i_4.28 ',';.- © o420 a2
'f52;35:=3.44 o 3.0 . 3. 3.99 ., . 3.93 . .3.96
62.24 3,17 - 3.1 , 3;14'"'- 3.73 - . 3.68 . 3.71
7l04 2072 - 2.8 2.6  3.46  3.42  3.44
81.46 2.30 . .o2.24 . 2.27 3.14 o 3as - 3.16
00.81 2.23 2.15 200 3.35 3.4l . 3.38




Free-energy of f{ransfer of Protons and relatad properties in dmso +'H20 mixturese.

Table = ©

T emp 208K.
Wt% of AG':-)(K’Joules.) Z>Gz(el)(KJoules) ZXG? +, (KJoules)
2 _ t(H) o
dmso  Bipy Phen A B A ' B
' - .= r = r = T = .
0.86 3.70 0.86 3.70 Bipy Phen Average BRipy Phen Average

10.87 - 1.80 -2.05 g8 0.02 539 1,17 - 1.58 -2.08 - L.8L  =0.43  -0.88  ~0.66
21.53 - 2.62 -2.91 0.24 0.06 10.09  2.99 L 2.56-2.85 - 2.71 ~0.33 -0.62  -0.48
32.02 - 3.59 ' -3.71 0-32 (.08 14,50  3.30 -13.51-3.63 - 3.55 -4 20 ~0.41  ~0.35
42,28 - 4,34 -4.62 (.40 (.09 18.62 4.97 - 4.25 -4.53 - 4.39 ~0.07 ~0.35  =0.21
52.35 = 5.90 =8.22 (.65 .15 23.20  5.19° - 5,84 -8,07 =~ 5.96 ~0 .80 ~1.03  -0.92
62.24 - 7.59 ~7.65 (.97 (.23 26.35 = 6.40 = 7.36 =7.42 = 7.39 -1.19 -1.25  =1,22
71,94 -16,15| -9.19 1.45 .34 90.74  7.24 - 9.81 -8.85 - 0.33 -2.91 -1.95  -2.43
81.16 -12.55 10,78 2.26 .53 32.94  8.07 -12.02 -10.25 =-11.14 ~4.48 -2.71  =B.60
90.81 -13.00 - 0.53 3.63 (.84 36.28  9.28 - 12.16 -8.69 -~10.43 -3.52 ~0.25  -1,89

A = Caleculated using porn REguation

B =

Calculated uging one layer continum model.
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Tahle ~ 7

e} ‘ . .
- KJoules) (mol-fraction scale)
Cth(H+) (

W of Wells our work
dmso '

10.89 L - 3.1 2.00
21.53 5.60 - 3.09
32.02 7.90 4,14

42 .28 ‘ 9.90 5.23
52.35 | 11.70 - 7.06
62.2a 13.70 | 8.80
71.94 © 14.90 - 11.10
81.46 L - 13.35

90.81 ~ | 13.17
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Section -~ TITT

| The effects of solvent structure and solute-solvent
interactions on eduilibrium constants and rate constants of
chemical reactions in non-aquecus and mixed solvents are not
well-understood. The effects could be investigated both by the
alteration of the solvent composition and by variation of solute
structure and charge fype. Studies on the acid-bsse equilibria
in different non-aqueous and ?héir_b.in%?y. mi@u?eé are particu-
larly suited to study the role of the solvents and their solute-
solvent intersctions. The dissociation constants of ligands in
difforent non-aqueous (mostly protie) solvents and their binary
mixtures have been widely stidied and aftempts have been made to
determine the free-energies of transfer of single fons. However,
such gtu@igg ig-dipqlag_aprotic soivents 1ik¢ dmf_and hydrogen-
bonding amide solvent like formamide and their binary agqueous
mixtures are relatively few.

_______ This prompted us to study the dissociation equilibria

for the “"isoelectric!" reactions of the type | |

| A = s o
where 4 = 2,2t~bipyridine (bipy), 1,10-phenanthroline in duf +
water and fqrmamide + water:mixtures pH-metrically and spectro-

photometrically.

Attempts have been made to explore the role of the
solvents andAeqaluatg the“valueg_of”the_f;eefegergies_of trgnsfer

+ )
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-vipyriding and 1,10-phonantbroline (G.R.B. Merck) wers
used as such, Formamide (G.R.B. Merck) were dried over freshly
?ge}?gd quicklime jo?”sevgpgl_bqurs_agdIthen distilled under reduced
pressure. N,N'-dimethylformamide i.e. dmf (E. Merck) was purified
by fractional distillation under reduced pressure after drying the
sq%?ent_ov?r_frgg?ly_;gniﬁeq qdigklime for several hours, The

digtilled solvents were ungsed within 24 hours.

30104? Caustiec soda and other chemicals weré.of_analar grade.
Doubly distilied water from all glass distilling set was used to

prepare the solutions.

AL the ligands absorb strongly in the U.V. reglon and the
absdrption maxima of @he_ligapd;ﬂare 280 (molecular) nm and éo;
(ionie) mm for 2,21-bipyridine and 264 (molecalar and 272(ionic)
ams for 1,10-phenanthroline. The solvents also apsorb.: strongly
in the U.V. region and optical density measurements are possible
only at longer wave lengths. We have selected 300 and 305 mms for

2,21-bipyridine and 310 and 315 nmms for 1,10-phenanthroline.

~ The pK—yalﬁes_qf the ligands were determined pH-metrically
and spectrophotometrically in the same way as described in the
previous'.sec’t‘.ions’.,h3
| Ig_formamide SQ;utions?_thenoptical density cprregponding to
ionie forms of the ligands could not be determined as a white

precipitate was observed with the addition of considerable amount
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Qf_HC;Qé_tp formamide. Therefore, pK-values in formemide solutions
were determined only pHmetrically.

The weight percentages of organic solvents at 298K were
caleulated from the volumes of the solvents and their density
valuesé.

The dielectric gonstants for dmf + water mixtures -and for-

e5’61. Thea,

mamide + water mixtures were taken from the literatur
optical density readings were recorded with & Beckman DU-2
spectrophotometer maintained at 298K. The pi-meter readings were
nOt?d.Wiﬁhua,EGIL_ﬁxpénded s¢ale pi-meter ( having an accuracy of
+ 0,01) and used the glass and the éa;omel electrode,

. . 4, . . ' .
Determination of H ion in dmf + water and formamide + water mixtures

_MM@wm&wmmedffm@mwwmmme@
solvents, the glass and the Calomel electrodes should be properly
calibrated in the solvent in duestion and the appropriate correction
factors are to be determined.  Due to moderately large dielectric
constants homoconjugation and ion-pairing are extensive in dmf-medium
wpiqh_can pe_avoidgd qn;j”gtMVg?y_lqw qoncent:aﬁiqnsqu_galﬁs and

acids. Howgver,wit_is always preferable to determine the

digsociation constants of acids and bases at very low lonic strengths
and in absence Qflenert_glagtrqutes‘sq“that the thermodynamic

dissoeciation constants could be determined.

TheﬂglaS;ﬂglgctroqe is known todﬁqngﬁiqn satisfactorily in

7

dmf'. Xolthoff and co-workers’ used 4-chloT0+2,6-dinitrophenol and



2,6-dinitrophenol as standard acids and used buffer mixtures of
these acids and their tetramethylammonium salis for calibration
of glass electrodes. However, there is almost no report of the

used of glass electrodes in formamide solutilons.

. _We, however, used the glass and the Calomel electrodes
both in dmf + Hy0 and formamide + H,0 mixtures. For calibration
of electrodes, the same Prqcedu??,susseste@_bz_V%n'Uit?rtg and
extensively used by Lahiri, Aditya and co-workers’’  was followed.
The instrument was first standg;d;ggdhyith“pgpassiumghydrogen

4 3

phthalate (0.05 mol dw™>) buffer and then with 107 mol dm™2 HC10

4
acid solution. The glass electrode was then kept immersed in the
gpperrigpg solvent medium er_gqgiliprgﬁéop the meter readings
of 107% mol an~? M0, and other solutions with umknovn H ion
concentrations were teken. The process was repeated to examine the
reproducibility of the resulfs. The calibration is to be performed
in each solvent composition and for each set of measurement.

. Affer the measurement, the glass electrode was dipped in
Iy _HC1 for ten minutes and then kept In distilled water. The
correction factors (log Up) defermined in the way described
previously, are given in the Table 1.
Results :

_ _"The_thgrquynamic dissociation constants for the reaction(l)

is represented by

(= AT L axow taxfar . cax oyt | (2
2, ot | AB Tyt Cant

(l:'n, very diluie SOI"‘J":““S)
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/ _AHJ‘-_? ' | (3)

Thus, pmr = pH + log — ?
« _/_. A/ " 4 .

L aE 7 o
= B+ log U + 10g A eee (4)
a2 wa '
. e E

= B + logU + log —-———H—M Ceea (8)

H- S 4= d : .

- . - A e ) .

the terms have the usual 31gn1f1cance as described previously ’
Moreover, / B 7Total /_H J+ L AH 7 | eea (B)
and /A7 = 1 a7+ / AH';7 ' eee (7

Total
ThPS: w;t@_the use of.tbe appropriate values, pKfvglu¢s"could”be N
dgtgyminedingbIes 2 - é gives the resull of dissociation constants
in the mixeﬂ solvents. The average of pK-values are recorded in

Table 7.

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

1073 mol, dm"s.

Discnsgss ions:

Ceh e e e -

_Since the pK—values are determined at low concentratlons

of acid and ionic strengths, these are regarded to be thermodynamic
values. 'Fgfthermqre,”since the solutions are dilute, the "medium
effect" could be easily determined as gﬁfaﬂ_amdfﬂ::ﬁﬁ-gﬁix-mﬁT

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

_The results ( Table 7) show that the pK-values of 2,2-bipyri-
dine and 1,10-phenanthroline decrease with the addition of organic

solvents but the change is appreciable in formamide + water mixtures



at the begining but the subsegquent changes are small.

, It 1s obvious that fhe greater solubllity of the ligands in
organic solvents and the solvational properties of bipy H , Puen H'
and H ions are responsible for the changes in pi-values bub the
solubility of bipy is probably much higher than phen at higher
percentages of dmf + water wixbures. Moreover, the pK of 1,l10-
Phenanthroline Gesreases, Teashes & maximum at about 80 WiF of
organic solvents and then decreases. No such bebaviour is observed

in case of 2,2t'-bipyridine.

However, the pK-values decrease , reach minimuam at apout
40 wt% and then increase again in case of formamide + waber mixture

( Fig$§.12).

The pK-values when plotted against mole-fraction or %~ show

linearity at best upto 50 w@%'bgyoq@ whighuggpsiQerable @eviatibns
occur (Figs 3+ @), This 1s particularly surprising in case of
formamide + water mixtures when the dielectrie constants are higher
than_?8,5.__It_és_gbv%ous_that_pbené?ec;fic_501ut§fSQIVent interactions

are of great 1lmportance in debtermining the pK-values.

The ligands are expected to be more basic in these bhasic
sqlvemts and basically_should_be‘greater in formamide + water mixtures

which is not actually observed.

The changed behaviour of the ligands are due to differences

in the characters of the solvents.
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~ Formamide is bighly basic bydrogen-bonding solvent (4 = 3.75D)
with high dielectric constant (109.5) and whereas dmf is weakly baslc
dipolar aprotic solvent with low dielectric constant. Though the
@ig}ec?rig 90nstgnt”oj_dmf is qqmpaygblg @Q ?hat_gflmethanol but thé
'changesiénhpK+v;1ag§uafg_di?fergnt_i@_thege fWO solventé due to
d;fferencgsmin qé%gtefsQ}Vent ipteract;ongf The bipy ﬁ+ and phen ﬁ+
are ;ikely to be_St?bil?SQQ byﬂhydrqgen bqnding in these solvents.
The probability of hydrogen-bond Tormation by bipy or phen will
diminish with increasing gongenﬁrations of dmf (but not in case of
formamide). 1In both cgses,_bowévey,:splqte—solvent_interactions and
dispgrsiqp ?qrces_wog}d_be high'but dipole—@ipole inﬁeragtioqs are
greater in cases of ph9nv(/ﬁ_: ﬁfllD)};?;?.than tbat Qf_trans{bipy
(A= 0:910)"1%. thnsy the total effects of fomdipole interac-
tions and dipole~dipole interactioné would determine the tmedium

effects'l3.

© In order to throw light on solvent basicity and ion-solvent
. - e s . o . 0
;eracth: ¥
1nter tions, it 1is necessary tp d;ssect_ _4¥Qt_ into ZXGt(el)

and ZXG Inspite of the limitations, the simple Born

t{nonel) "

0
equg?igpl4 Cﬁnwbe u@;liseq ﬁo_qalculate the ZkGf(el) Tor the

reaction (1) using the relation

1 )
Tag

G = 166 4 1 —_—
éx t( l) X 84 ( .0,0127 ? (..6,H
rH+ has been taken equaltto O.86AO 15,16 and -y + or T +
Ho. o C N . - L . O. R R .. pf] nH . bipyI—I
has'been calculated to be 3.70 Ao _Iﬁ 15 anparent that tbe

electro tatlc contrlbuilons are “On51derable aven in case of

1soeleotr1c reaction(l) due to the differences in radii of ions,
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In view of the'liﬁitations of Born eguation, ohe layer

solvation model was also utilisedl7

o -“ N'ZB .:.L..-. - 3 1 _%I___Zz 1 L
A{}t(el)”‘?(gf -1)Y (5 g P (‘_éo-l)'(%“)

£,=2 ; a= crystallographic radii of ions

b = a + solvent radiuns.

£ o

rHQO? Tampe and Tf ormamid e have been taken fLrom the literature.

il

_bulk dielectric constant,

Tamf + H50 and Toormamide + Ho0 have been assumed to vary with

solvent composition.

The Born eguation and one layer model, however, give:

widely divergent results and we prefer simple Born equation.

It bas been suggested that greater negative values of
0 -
A Gy popery 1ndicate increased basicity of the mixed solvents

ter™. th o, = /A - 7
compared to water™ . The A Ggtnonel) = £ 4Gy "Zle(el) -
values have been found to be inereasingly negative in dmf + B0
mixtures indicating that the basieity inereases with increasing
dmf content. But in case of formamide + Ho0 mixtures, - Zng(nonel)
is maximum at about 40 wtf, and then decreases which means that

0
the basicity is maximum at about 40 wtf. The values of = AGg(nonel)
is not bonsistenﬁ with the correction factors log Uy values. The

log U_ values indicate that the basicity increases upto 80 wt%

H
of dmf and then decreases in case of dmf + H,0 mixtures whereas
the basicity continually increases in case of formamide + H,0

mixtures. The Tormamide + water mixtures are much more basic than
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those of the corresponding dmf + HQO mixtures as well as alcohol

+ water mixtures.

Tn order to have better insight regarding the basicity of
the solvent mixtures and ion~solvent interactions, attempis have
been made to determine the free energies of transfer of hydrogen

o)
ions A{}t( wFy .

For the reaction (1) we have,

I

o .0 0, .y
BAdc (1) = Aa (1) ~ AG (1)

o, . o o
A Gitay * A chrﬁ) = A Gy gty

5 A GEn A% e ()

[Age = NG, + AGH 7

t(AH) A ta) A t(el)(AH ) -
Thus, AGt(H) —AAGL(]-) +ﬂGt(el)(AH)

From the e::rperlmemalAAG (1) and calculated AGt(e]_)(AH)

(porn) values, the A G values in different solvents have

t(H )

been calculated. The rTesults are recorded in tables 8 and 9. s8ince
o} _

the A(}t value have been determined in very dilute solutions, the

solﬁtions may be regarded to be in their réspective standard states.

The Born egquation or other modified egquations are strictly
applicable to spherical ions. Thus, the use of Born eguation in
‘ + +
case of flat molecular ions like Phen H or bipy H may introduce

some error. However, the limitations of porn equation or other
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equations with adjusted radii or dielectric constant values are
wall-knownlg"zl. The uncertainties in the radii values of

spherically symmetrical lons are also known.

. ~ 0 ’
Inspite of the limitations of caleculating ﬁth(el)(ﬁH+)’
ZLGE(H+) values caleulated using bipy or phen are in good
agreement qualitatively and almost —:quantitatively in formamide +

water and dmf + H20 mixtures.

It is to be noted that deviations arising from an
error in pK-values (4 0.02 pK units at low percentages to + 0.0S
pK units at high percéntages) would account for a change in
dbout £ 0.5 KJ in  AG( gy values. The deviations are rather
high in éase of formamide + water mixtures and at higher
percentages of dmf + water mixtures. Thé differences in

Z3GO(H+) values in these solvents_ﬁay be due to differences

g
in solute~solvent interactions.

)
The comparison of ﬁLGt(H+) values however, are not

possible due to lack of data.

The agag(g+) values are negative indicating thel
gspontaneity of transfer of 7' ions from water to mixed solvents.,
This is reasonable in view of the known basicities of dmf and
formanide.. However, - ZXGE(H+) increases with increase in dmf
becqmes maximum in the region 80 ~ 90 wtf but - [&GE(H+) is

maximum at about 40 wt% of formamide indicating that the basicity



= 100 -
is maximum in this region.

Tt is, however, difficult to correlste the “medium effectsh
with the solvent structure. In'general, the addition of organic
solvent to water first causes the enhancement of three-~dimensional
polymeric structure of water. Next,disruption of solvent structures
(water, dmf etc.) and formation of HéOnformamide or Héo—dmf molecules
take place and ultimately at highef pefCentages (&bove ?0% by wto
of formamide and 80% by wt. of dmf) disruption of JL,0-organic
solvent bond takes place. Thus tThe marked changes in the solvent
structures take place at about 20 - 30 wt% and 75 ~ 90 wif of

organic solvents. Therefore, the solute-solvent interactions and

basicity maximum would probably be observed in these regions.



Tabl_e_z_—-____];

Qorrection factors at various organiec solvent

dmf Formamide
Wt% Mole~Fraction i_x 102 Correction . Wt% Mole~-Fraction E leO2 Correction
D factor D factor
0 @ 1.27 - 0 Q 1.27 -
2.52 0.025 1.31 - 0,13 11,17 0.048 1.21 - 1,52
19.14 0.055 1.34 -~ 0.29 22,06 0.103 1.14 - 1.88
28,87 0.091 1.38 - 0.45 . 32.87 0.163 1.08 -'2;20
38.64 0.135 1.45 -~ 0.75 43,01 0.232 1.04 - 2,42
48.64 0.180 1.52 - 0.95 53,10 0.312 0.99 - 2,64
58.68 0.259 1.63 - 1.13 62,94 0.405 0.95 - 2.80
63.82 0.352 1.76 - 1.35 72,54 0.513 0.92 - 3.01
79.11 0.483 1.96 - - 1.52 81.91 0.644 0.90 - 3,19
89.58 0.675 2.24 - 1,36 91408 0.801 0.89 - 3.40




Table - 2

Dissociation constants of 2,2t~bipyridine at 48,64% by wt” of dmf

Concentration of 2,2t-bipyridine soln=5 X 103 mol dm S
Temp = 298K
Fractions of the
ligand neutrali- . Meter pH after Average
sed (10~3 mol dm‘3) - readings correction PK PK
1 2 3 4 5
1.5 3096 3¢Ol 2.64‘
2.0 3.73 2.33 2.65 - 2.64
2.5 3.59 2.64 - 2,64
3.0 o 3.40 2,45 2.63

3.5 3022 2.27 : 2.64




Table ~ 3

Pissoclation constants of 1,1C-phenanthroline at 38.64% by wtn of dmf,

" ( pHemetric )

Goncentration of 1,10-phenantbroline soln = 5 X 1073 mol dm™"
Fraction of Meter pH after
the ligand readings correction pX Average pK
neutraiised 3
{10~3 mol dm™)
1.5 4.64 3.89 ' 3.52
2.0 4,46 3.71 3.53 3.53
2.5 - 4,29 3.54 3,54
3.0 : 4,10 3.35 3.53

3.5 3,89 3.14 3.51




Table - 4

Digsociation constants of 8,2'-bipyridine at_53.10% by wti of Formamide

Concentration of 2,2%-bipyridine gsoln = 5 X lO“'3 mol dm™3
Temp = 298K
Fraction of the
ligagd neutrallsed Met er pH after Average
(103 mol dm=3) readings correction PK PK
1 2 3 4 5
1.5 6.15 : 3.51 314
2.0 ) 5.97 3,33 3.15
2.5 ] 5.80 3.18 3.16 3.15
3.0 5,61 2.7 3.15

3.5 5.43 - 2.79 3.16




Table =~ 5

[
L :
Digsociation gongtants of 1,10-phenanthroline at 53.10% . wt” of formamide

concentration of 1,10-phenanthroline soln=5 ¥ 10™3 mol dﬁ"a

Praction of the : '
lignid neutralised Meter pH after Average

(10~3 mol dm=3) readings correction pK pK
1 2 3 4 5
1.5 _ 6.33 3.59 - 3.32
2.0 Geld . 3.50 3.32
-y
2.5 5.96 3.32 3,32 33
3.0 , - B,78 3.14 3.32

3.5 ~ 5.60 2.96 3,33
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Dissociation constants of 1,10-phenanthroline at 38,.64% by wt% of dmf

( Spectrophotometrically )
Temp = 293K o B | Cell length = 1 cm,
Analytical wavelength = 310 mm,
o.d. of the molecular form (dy) = O. QiQ
~ 0.8, of the ionic form ( d;) = 1@17

Meter - pH afier observed | ‘ d -~ dy. .
reading correction d - d - d d. - 4d log pPK
I
1 2 3 4 5 & 7
4.52 3.77 . 0.535 © 0.325 0.635 -~ 0.20 . 3.48
4.45 3,70 0.580 0.370 0,590 ~ 0.20 3.50
4,37 3.62 0.615 0.405 0.555 2 0,14 3048
4.24  3.49 0.6900 - 0,480 0.475 _ + 0,01 3.50
4,19 3.44 0.716 0.506 0.454 + 0305 3.49
4,14 3.39 0.750 . 0.540 | 0,420 + 0.11 . 13,50

Average pK value from 0.d. reading = S.AS.i 0.01




Table - 7

W% of

PH- Spectro=- PH- Spectro- mide (pH~met-  (pH-metric)
metriec  photome- Average metric photome~ AVerage rig)
trie - Lrie
0 4.47 4,47 505 5.05 > 4.47 5.05
9.52  4.07 4.03 4,05 4,48 4,45 4,47 11.37 3.23 3.69
19.14  3.75 3.71 3.73 4,17 4.14 4,16 22,06 3.13 3,50
98.897 3,42 3.36 3.39 3,91 3.87 3.89 32.67 3.09 3.31
38.64  2.98 2,92 2,95 3.53 3,49 3.51 43.01 3.08 3.26
43.64 2,64 2,60 2.62 3.30 3.25 3.28 53,10 3.15 3,32
58.68 2,34 2,27 2.31 3.03 2.97 3.00 62.94 3,25 3.41
58,84  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 3.49
89,58  1.28 1.18 1.23 2.66 2,58 2,62 91.06 3.49

3454




Free~energy of transfer of Protons

Table - 8

and related properties in dmf +

HQO mixt;ure
. Teanp. = 208K
wg}n% of AGE(kqoﬁi“és) AGE( el)'(Lg;oules)-_ AG:(H+) (kjoules}
Bipy ohen  r =Moo =(§)é.= | (4) (B)
0.86 3,70 0.8 3,70 Bipy Phen Average Bipy Phen Averag
9.52 ~ 2,40 - 3.31 0.32 0,06 5.55 1.08 - 2,32 - 3,23 - 2,78 - 1.32 - 1.23 =~ 1,28
19.14 ~ 4,22 - 5.08 0.57 0.13 10.93 3.35 - 4,09 - 4.95 ~ 4,52 - 1.97 - 1.83 - 1.90
28,87 - 6.16 - 6.62 0.89 0.21 15.53 3.52 - 5.95 - 6.41 - 6.18 - 2,64 - 3,10 - 2.87
38,70 - 8.67 - 8.79 1.45 0.34 20.02 4,583 - 8.33 - 8.45 - 8.39 - 4,09 - 4.21 . - 9.15
48.64 ~10.56  -10.10 2,02 0,47 24.20 5.72 -10.09 = 9.63 =~ 9.86 - 4,84 = 4.38 - 4,61
53.68 212,32 -11.70 2.91  0.67 28.28 6.86 ~11.65 =11,03 -11.34 m 5,46 = 4.84 - 5,15
63.84 _18.35  -12.95 3.96 0.92 31.91 8.23 -14.43 -12.03 -13.23 A 7.12 - 4.72 - 5.92
79.11 ~17.40  -14.78 5.57 1.20 35.94 9.26 -16.11 -13,49 -14.30 - 8,14 - 5.52 - 6,83
89,58 -18.40  -13.%6 7.91 1.84 39.36 10.32 -16.65 -13.02 ~14.83 - 817 - 3.54 - 5,86
A = calculated using Porn Eduation.

va)
1l

Caleculat&l using

one layer continum model.



Tahle = 9

Free-energy of transfer of Protone and related properties in Formamide + H‘O mlxtures

Temp. 208K

%‘Igﬁmggide __JC__\(I'JTECK;] oules) AGE( el)(l{JouleS) L(I )( l{Joules)

Bipy = Phen : ' A _' B _ N 5

r= r= r=. ro= _ S .
0.86 3.70 0.86 3.70 Bipy Phen Aversge - Bipy phen - Average
11.17 -7.07 - 7.75 -0.48 -0.11 -6.31 _0.38 -T.18 —7.86 =7.52  ~7.45 - 8.13 - 7.79
22.06 L7.65 - 8,84 -1.05 ~0.24 ~5.10 -1.00 -7.89 -0s08 -8.48 ~8.76 - 9,93 - ©.34
. 32,67 ~7.87 - 9.93 ~ -1.53 -0.36 -7.53 21.39 -8.23 -10.24 -9.26 ~9.26 211.32 -10.29
43.01 -7.93. ~10.21 -1.86 -0.43 -9¢52_ ~1.79 -8.36 ~10.64 -9.50 —9.72  -12.00 -10.86
 53.00 '_ “7.53 - 9.87  ~2.26 -0.52 ~11.90 ~2.46 ~8.05 =10.39 -0.17 ~2.99 -12.33 -11.16
62,94 7 6.98 - 9.36 -2.58 ~0.60 -13.98 -2.78 -7.56 - 9.96 -8.76 s 1314 -10.0a
72,54 -6.56 - - 9.1  ~2.82 -0.66 -16.20 -3.44 ~7.22 - 9.85 -8.54 19.90  -12.63 -11.27
91.91 ~5.93 - 8,90 -2,98 -0.69 -18.29 -3.74 _aeéz; - 9.59 -8.10 L0.67 -19.64 -11.16
91.06  2B.59 - 8,82 ~3.06 ~0.7L =20.28 -4.40 =6.30 - 9.33 -9.82 ~9.99 _13.02; _11.51

=
i

Calculated using Born Equation

caleculated using one layer continum modele

ys!
il
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Section - IV

The role of solvents on the dissociation constants of the
weak acids are widely studied and relatively known, though clear
picture is yet to come. Bubt comparatively 1little is known about
the-effect of solvents on the dissociation constants of metal
complexes, In order to explore the role of solvents on the
dissociat ion constants of metal chelates, Pal and Labiril studied
the equilibrium constants of ferric salicylate and ferric sulpho-
salicylate in a number of equidielectric mixtures of different
solvent compositions. But owing to lack of fundamental data on
dissociation constants of phenolic groups, the effect of solvents

could not be predicted.

5
Hazra, Lahiri and othersﬂ - studied the dissociation

constants of ferrous~tris-bipyridine cemplex (ferrodiin) and ferroin

in different mixed solventy so as to get informations and insight

-regarding the effect of solvents on the equilibrium constants of

.‘. :
Bipytl’  ——=—=> Bipy + H . _ (1)
’ -}
Febipyg"” + 3 —=> Feé® + 3 pipy H' (2)
Febipy?" === re®  + 3 bipy (3)

Their works gave us the impetus 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 the

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'(B) in

4iff erent dmso + water and formamide + water mixtures.

Experimental

Dimethylsulphoxide (pBacker analyzed) and formamide (G.R.E.
Mefck) wgre-purified in the same way as described in the previous
sections. All the reagents were G.R.E. Merck grade., Terrous
ammonium sulphate (G.R.E. Merck) was dissolved in known quantity
of HCIOA. The purity was checked bf estimation of the iron~content
analyti;ally with standard ﬁotassium_dicbromate in the'usual WEY o
The solution wag utilized within several hours. TFor each set of
measurement freshly prepared sblutién was used. 2,2'=~bipyridine

solution was prepared by direetly welghing bipyridine (G.R.B. Mercek)

and dissolving it in the appropriate solvent.

The addition of Fe2+ ion to bipyridine gives an intense
red colouration with an absorption maximum at %524 nm (absorption
maxima changes to 522 nm in_mixed solvents having bigb percentages
of organic solvents). The absorption maxima remained unchanged
with change in pH, but the o.d. of the solution (same F92+ and
ligand) was found to decrease with increasing T ion concentrationse.
However, dﬁe to basicity of the solvent mixtures relatively high
conecentrations of acid are necessary to study the complexes. Tt
has been agsumed that under the experimental conditions used,
Febipy2+ and Febipy2+ were not formed as suggested by Kolthoff

6 L_.2T . .
et.al.”, FeblpyB alone was formed in adueous and mixed solvents.

We have also observed that mono complex is formed only when Feo
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is present in large excess compared to bipy. .The complex is

: + : o+
rapldly converted to Febipyi but no Febipyz could bhe detected.

The extinetion co=-efficients ( €. ) of ferrodiin were
determineq.from the measuremeﬁts of O;d.'s oflsoiutions containing
10 - 20 fold excess of ligand to different conéent?ations of
_Feg+ ioh at wave lengths 520 ne, 522 nm and 530 nm. Under the
condition, the_concentration'of,the complex couldlbe taken edual
to ferrous ion, This is confirmed by the fact that for the
same concentration of ferfous ion and diffgrent'gongentration
of bipyriding, the O.d. réédings were samgo The extinction
co~efficients ( € ).in differeﬁt percentéges of mixed solvents

are given in tables 1 ~ 3.

For the determination of the stability constants, O.d.'s

[l

of solutions containing different concentrations of ferrous ion
“and bipyridine were measured‘(ferrous ion was added to bipyridine)

‘at 520 nm, 522 nm and'530 nm. Measurements were made at 298K

Thelconcgntrations_bf.the complex were caleulated from
O.d_ readinge and extinction co-efficient values aﬁ these_ﬁave
lengths. The concentrationé,bf the complex came out Lo e
almost eqﬁal'at these wave-leﬂgtbé. For the célculaﬁion of
equilibrium constant for the reaction-(é), the average values

of the complex obtained from measurements at thwee wavelengths were

taken.

Opﬁicél density values Were taken with a Beckman DU 2
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spectrophofometer maintained at ZQSK. Othef?experimental

details are the same as described in the_previous section,
Results

'Dissociation constant of ferrodiin

The equilibrium between ferrodiin and a strong acid may

be represented asg

Febipy§+ + 3H+ ';;__a Fez' + 3 bipyH+ - , (4)
Thus
o . - 3. . . 4
v = S xS bipséH+X fpe?" X fblPYg
a .
| cFebiPY§+ X oegt Ffpepipyd X It
; . fF.2+‘X fbipyH* |
- 64 + 3 : .
Feblpyg X fﬁ* (5)
if fm 2+ = fFeblpyg and fbipyH = fgt 4 k, becomes egual to K,

Rut since bipyH is likely to have much larger size, it may that

-fbipyﬂ+ = T, ‘which would need an accurate,determlnatlon of

fbipyH *

Accurate determination of thermodynamic dissociation
constants are possible only in dilute solutions Wheré activity
co~efficients are unity. In concentrated solutions fhe deterninatior
of.activity co—efficients are difficult. Theoretical equations
like Debye - Hackel equatlon or seml-emperlcal equations like
Davies’ equatlons 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
ionis are not known and it is difficult to know the extent of solute-

gsolvent interactions in mixed solvents.

In mixed solvent it iz convenient to seperate activity

co-efficients of the i-th species into factors

-, |
Y1 % oVi . sl1 | (6)

The 'salt-effect! 7Y
s' i

siﬁple Debye-Hickel equation with appropriate allowanpes for the

varies with the solute concentration.

effect of altering the dielectric constént of the medivm s can

. be used to estimatel gYFi wﬁen the ionic species are involved. The
limitations which affect the actual determination of activity
co~efficients in agueous solutions would be much more in mixed or
non~-aqueous solutions. In dilute solutions sY"{-> } and thus only
the 'medium effects! with which we are conecerned in the study of

dissociation constants will be involved.

Tn view of the apove facts the present work has been

carried out in solutions of M of the order of 1075 mol dm >

( ionic strengths were of order 1.4 ¥ 10™° £0'3.3 ¥ 1073 mol am3 )
where it is reasonable to assume fFe2+ = fFebipy§+ and fbipyﬁ+ = fH+

(slight diserepancy, if any, may be neglected). Thus kc becomes

equal to thermodynamic equilibrium constant ke
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Now

l

(bipy H') = (bipy) - 3(FebipyZ") - (bipy) (7)

Total

(bipyH+) ig calculated where necessary from previous section taking

appropriate pK wvalues.

The concentration Fe2+ ig ealeulated from the relation

— -+ + : — . +
' / re? ~7free =/ re” -7Total - L Feblpy2|;7 (8)

The measurement of the hydrogen ion concentrations
of* the solutions containing the complexes and bipyHT are diffieult.
: - . .
However, Wwe have calculated H ion concentrations in the

solutions from meter-readings after appropriate corrections.

The equilibgium congtants for the reaction (2) ing dmso + Hy0

and in Tormamide + H,0 mixtures are given in table 4 - 5.

The eguilibrium constants

+ . .
- H/_“Fe2 7 L_bipy_73 | (9)

/ Fe bipy§+_7

for the reaction
2t +
Febipy3 e Fe2 + 3 blpy (105
in different solvenis are given by |
SN . 13
Kdissn. nebly8 == 4 X 5T

The results are given in Table - &,
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Discussions :-

I% has been found that extinction coefficient of the
fcomplexes are nigher ih mixed solvents and the trgnd is guite
regular in dmso + water mixtures.. The extinetion coefficient
iﬁcreaées reaches a maximum at about 72 Wit but.decreases from
fabout 82% and onwards. The trend5 however, is some what
different in formamide +Iwatér miﬁtures wherg maxima are
observed at about és wt% and 82_Wt% (Table - S)f These results
cannot bhe corfelated with the solvent dielectric congtant or
'-othér knéwh-solvent properties; -waeﬁer, since ﬁhe extinction
coefficients are related the oscillator strengihs, 1t i
‘expected that oseillator strengths would change with change in
solvent compositions-obﬁidﬁsly dué to change in sclute-sclvent

Anteractions.

Thg results show that pK—valué for reéction(z) slightly
decreagses with the introdustion of organic.solvents but increases
with increase in organic component. In cése ofndmso + water
mixtures, pK-value reaches a minimum at about 30 witf and then
increases continuously but the pK—jdmp is very much conspicﬁous
at about 82 wi% dmso. In case of formamide + water mixtures,
the pK-value inereases, reaches a maximum at ébéﬁt'53 wt% of
formamide, then decreases but increases again at 82 wtf formamide.
This 1s shown in Fig. 1. Thus; we find that [ng in most cases
are positive i.e. the reaction is nbn—spoﬁtaneous in organie
solvent mixturés.'\HOWever, éng-values for the reaction (3)

are increasingly negative in dmso + water mixtures indicating
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that the resaction (S) is spontaneous i.e. the dissbciation of
Febipﬁ§+'is favoured-in mixed solvents. Similar conclusions
may be derived 1n cése of formamide + water mixtures. As in
case of reaction (2), significant changes are also observed
between 20 - 30 wtf of dmso and in the region 43 to 53 wt% and

‘82 wt4 of formamide. The resultsindicate that Febipyg

1s less
stable in these organic solvent mixtures but the stability is

less in formamide + water mixtures.

The reasons may be
1y Increase in basicity of the solvent mixtures and consequent

removal of ﬁ% ions by tine solvents.

2) Inersase in solubility of bipyridine in the solvent
mixtures.
3) The competition of the solvents to form complexes with

Fe2+ and the conseguent displacement of'bipy by the
+ _ '
solvents from Febipyi_ particularly when the dmso or

formamide concentrations are high.

_ Al these reactions.are isoelectric in character. Thus
the decrease in dielectric cqnétant should have siighﬁ off et

on the dissociation_constants, the chénge in'pK—va;ues must be
due to solute—splvent ipteractioﬁs which is likely to be high in
the solvénﬁ mixtures. The solvation of Febip§+ and..bipyff+ should

. . 4= . X
be less compared to those of Fe2 and ﬁ+ ionsg.

It is seen that the pK values for reaection (2) is a linear

funetion of %_ at bpest upto 50 wt%’beﬁbnd which considerable
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deviationé-arise;{fig - 5}."eq-it-is impossible to ‘get a clear
ides of the solute-solvent interactions of the different ions

in solutions.

These daté_howeVef, could be utilised to have guantitative
d G“" - ot rovided we know the
t(Fe2t) A't(Fel:“)lpyg' P
solubility values of Fe(bipy)3(01042
in these solvent mixtures. For ﬁﬁe reaction (3), we have

o _ Q :
A AG'L‘. (3)= AG.t( A G{;(blpy) B AGt(Febipy)z

idea of élG

and bipyridine and éth(ClO y

+
F 2?)

AG AGO_Z‘Fe (bipy) 5(C10,) _;7 -2 AGO(CLO;).

5(F eblpy ) 4’2

2
and AG * *AAGLCS) - SAG,C (blpyj * AG (Feblpy3) . L

Tt is this apparent that the proper understanding of the
role of the solvents on the dissociation constants and their
successful utilization necéssiﬁate systematic investigations of-

the different aspects of the solution chemistry.

L



Table = 1
Media ~ 52,354 by weight of dmso

Temp, = 208K

Total Molar concentration of Optical Extinetion Optical Extinetion Optical Extinction
- pH density co-efficient density co-effici- density co-efficent
it 5 ' 5 at 520nm at 520 nm at 522nm ent at at 530mm at 3530 nm
Fe' " X 10 2,2%=-bipyridine X 10 7 _ T 522 nm
1 2 3 a4 5 6 7 - 8 T9
2,00 . 40 .00 4,29 0.175 8750 0.177 3850 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 0.348 8650
5.00 100.00 4,09 10.442 8840 0.449 8980 0.435 8700
6.00 120.00 4,006 0.528 8800 0,532 88366 : 0.521 3683
7.00 140.00 4,03 0.612 2742 0.618 8820 0.608 8685

2.00 160,00 4.00 0,705 8812 . 0.705 8812 0.695 8637




Table = 2

Media - 43.,01% by weight of formamide

_Temp = 298K
Total Molar concentration of | - 0Optical 'Eitiﬂction ~ optical Extinction Optical'“ Extindtion
: density co=efficient density . co-efficient density co-effici~
o 5 . : 5 at © - at 520 nm at 522nm at 522 nm at 530nm ent al
Fe'" X 107  2,2'-pipyridine X 10° 520 am - - | 530 nm
1 2 | 3 a4 5 6 7 8
2.00 | 20,00 ~0.173 8650 | 0.175 8750 0.172 8600
3.00  30.00 0.261 . 8700 ' '0.263 8766 0.258 8600 °
4.00 40,00 0,348 8650 " 0.348 8700  0.342 * 8550
5,00 50.00 0.430 8600 | 10,432 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 8571

8.00 - 80,00 _ 0,695 . 8687 ) 0.697 8712 0,621 8637




gj_able___:_S '

Extinction co-efficlent of tris-(2,2'-bipyridine)-Fe(II) complex at different percentage

of agueous dimethylisulphoxide and formamide solution,

iy

Percentage =Extinction Extinbﬁion Extinction Percentage Extinctién Extinetion Extinction
of dmso by co-efficient co-efficient co-efficient of Fformami- co-efficient co-efficient co-efflcient
wi at 520vm at 522nwm . at 530 wm de by wt at 520 vm at 5227nm at 530 nm
1 g 3 | a4 s e o7 8
10.87 2490 8553 8401 1117 8400 8456 8333
21.53 8563 8633 8513 122 .06 - 8490 8553 8401
32,02 se54 8671 8581 32,67 '8560. 8610 8513
42,28 8?;6 8300 2685 43,01 8650. 8700 8581
52.35 | | 8827 8862 8734 534310 8733 8333 ) 8635
62,24 8873 8933 8827 62.94 8800 8380 . 867i
71.94 8962 . 2018 8873 72.54 2563 8600 8420
81.46 8343 8011 3800 81.91 83843 2000 | 8827

90.81 8761 88307 8734 21.06 - 8761 8850 - 876l




= 208K

Egble ~ 4

T emp Media - 42.28% by weight of dmso.
© Total concentration bf ~pH . - Concentration of Concentration Concent ra=-
' . tris-(2,2¢-bipyridine)= of free Fe* tion of bi- By
o4 5 . ' after Fe(II)complex taking - 5 -pyridine as K X0
Fe~ X 10° 2i-bipyridine proper. average frou the Lhree mol dm 2 X 10° pipy Hf '
_ 5 - correction wavelengths«”ff“ _ 5
X 10 S g mol dm=3 X 10
oMol dm -3 X 10
1 2 3 4' '5- : -
10.00 12.00 3.35 3.550 6.450 - 0.940 1.70
10.00 15.00 . 3.36 ¢ 4.467 5.533 1.105 2,01
12.00 10.00 3.27 2.863 9.137 1.035 2,29
©12.00 13.00 3.27 3,779 8,291 1220 ~ 2.56
" 14,00 15.00 3.14 4,352 9.648 1,532 . 2.10
16,00 - 14,00 3.1 4,065 11.935 1,443 1.89
 16 .00 18.00 3.11 5.223 - ©10.337 1.6z | L4
18,00 20.00 ' 3.08 | 5.841 12,159 2.007 2.93

Average = . 2.1



Table - 5 _
Dissociation constants of tris~-(2,2'bipyridine)-Fe(II) complex in agueous dimethyléulphoxide" ,

and Pormamide solubions.

Wt% of dmso K, - pK Wt% of Formamide | Ka K
1 | 2 3 s 5 | 5
0 7.6 % 1075 o 7.56 X 1070
10.87 . 10.60 x 1075 2.97 1117 9.34 X 107° 5,03
21,53 - .58 % 1070 4,12 22,06 -  g.06 ¥ 107° '5.08
32,02 11.00 X 1077 3.93 32.67 7.63 ¥ 107° 5,11
42,28 2.13 ¥ 107° 4,67 43,01 - 5.01 Xllo_ﬁ 5,30
52.35 1.50 X 1070 4.82 53,10 - 2,75 ¥ 107° 5.56
62.24 8.55.X'1o“6, © 5.07 62,94 | 5.67 X 107 5.24
71.94  7.69 % 10°° 6.11 72.54 lazx 1005 - 4.8
81,486 9.76 X 1072 7,01 81,91 1.21 ¥ 107° 4,92
90.81 3.87 X 107° 7.41 91,06 253 % 1070 .80




Table - ©

- Values of Kdissn. Febipy§+ in aqueous dimethyl sulphoxidé and formamide solutions

- 3 3
Wt% of dmso | ok, Xk : Wwt4 of Formamide ok X Ky
0 | 2.94 x 10718 0 _  2.04 % 107°
10.87 2.85 x 10°%7 | 11,17 | 1.91 x 1077
| 15
21.53 - - 7.07 x 1077 22,06 | | 3.65 X 10
32,08 . 3.52 X 10 32,67 4,10 X 10"
42,28 , 1.58 x 10710 43,01 o8 X 1077
52.35 . 8.24 x 107 ° | 53.10 | C a6 x 1070
62,24 a '3.52 x 10795 62,94 1.01 x 10°%°
71.94 6.54 X 10" 1° . 72,54 © 1086 X 1070
' ~14 1B
. 81.46 | 1.51 X 107" 81,91 8.21 X 10
~14 -16

90,81 \ 1.04 ¥ 10 91.06 8,57 X 10
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