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GENERAL INTRODUCTION

2.1 THE IMPORTANCE OF SOLUTION CHEMISTRY

Ol;e of the interesting facts of solution chemistry is that the exact structure of'
the solvent molecule in a solution is not known with certainty. The introduction of
an ion or solute modifies the solvent structure to an extent whereas the solute
molecules are also modified. The interactions between solute and ﬁolute, solute an'd.

solvent, and solvent and solvent molecules and the resulting ion-solvation becomes

predominant. The assessment of ion pairing in these systems is important because of - . |

~ its effect on the ionic éonductivity and -hence the mobility of the ions in solution.
This explains the spurt in research in solution chemistry to elucidate the exact naturcla:_
of these interactions through experimental studies involving conductometry,:
viscometry, densitometry, spectroscopy, ultrasonic interferometry and other suitable..

methods and to interpret the experimental data collected.™?

The behaviour of electrolytes in solution depends mainly on ion-ion and ion-
solvent interactions. The former interaction, in general, is stronger than the latter.
Ion-ion interaction in dilute eiectro]yte solutions .is now theoretically well ..
understood, but the ion—solx}ent interaction or ion-solvation still remains a complex

process.

In the last few decades, considerable emphasis has been placed on research

in the behaviour of electrolytes in non-aqueous and mixed solvents to investigate the



ion-ion (solute-solute) and ion-solvent interactions under varied conditioné.
Different sequences of solubility, differences in solvating power and possibilit.i.es of. L
chemical or electrochemical reactions unfamiliar in aqueous chemistry have op’enedl
new vistas for physical chemists and interest in thesc organic solvents transcendé’ _-
traditional boundaries of inorganic, organic, physical, apalytical and -

electrochemistry.”

In ion-solvation studies, broadly three types of approaches have been méde'
to estimate the extent of solvation. The first 18 the solvational approach involving the
studies of viscosity, conductance, etc., of electrolytes and the derivation of various
factors associated with ionic solvation,'™'' the second 1is the thermodynamic - *
app_roach by measuring the free 'en_ergies_, enthalpies and entropies of solvation of
ions from which factors associated with solvation can be elucidated,'>" and the o
~ third is to use spectroscopic measurements where the spectral solvent shifts or the.

chemical shifts determine their qualitative and quantitative nature.'**¢

We shall particularly dwell upon the different aspects of transport and
thermodynamic properties as the present dissertation is intimately related to the
studies of viscosities, conductancc‘s_, ultrasonic velocities and spectroscopic
properties of some important electrolytes in N,N-dimethylacetamide and its. S
aqueous binary mixture. It also includes the study of excess propcﬁies of the binary -.
mixtures of N,N-dimethylacetamide (DMA) with formamide (FA), .N,N-_ _ i
dimethylformamide(DMF) and 2-ethoxyethanol (EE) at three different .

temperatures.
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2.2 VISCOSITY

Although viscosity is not a thermodynamic property, together with the partial
molal volume V3, it gives much information regarding the ion-solvent interactions,
structures of electrolytic solutions and solvation. Jones and Dole'” suggested the first

quantitative empirical relation correlating the relative viscosities (n,) of the

electrolytes and their molar concentrations (c ) :
n.=1+Ac*+Bc (1)
The equation reduces to
(M~ 1) c*=A+Bc* @

where A and B are constants specific to ion-ion and ion-solvent interactions
respectively. The equation is equally applicable to aqueous and non-aqueous
systems where there is no ion-association. The term A ¢, arose from the long range
coulombic forces between the fons. The significance of the term has since been
realized due to the development of Debye-Hiicke! theory'® of interionic attractions,

19,20

Falkenhagen’s theoretical calculations of ‘A’ using the equilibrium theory and

the theory of irreversible processes in electrolytes developed by Onsager and

Fuoss.*!

For associated electrolytes the viscosity data have been analyzed by the

following equation®

=1+ A(ac)® +Bac + B (1 —-a)e 3)
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Here A, B and B’ are the characteristic constants and o is the degree of -

dissociation of the ion pair.

Eq. (3) can be rearranged to give

e -1-A(c)*}/ac=B+B (l-o)o (4)

The values of o were calculated from the conductance data using the

equations described in the literature.?

The ‘A’ coefficient depends on the ion-ion interactions and can be caiculated .

using the Falkenhagen-Vernon equation. 2

0.2577A°
Agpeo = 1 —0.6863

€T A A °

(5)

where A°, L.° ‘and A° are the limiting conductances of the electrolyte,

cation and anion respectively, at temperature T, £ js the dielectric constant and ne is

the viscosity of the solvent. For most solutions this equation is valid upto 0.1M.2* - .

2.2.1 Division of B-Coefficients into Ionic Values

In order to identify the separate contributions of cations and anions to the
total solute-solvent interactions, the B-coefficients as determined by Jones-Dole’s
equation has to be resolved into ionic components. For this Cox and Wolfenden” .
Cﬂ;mey,26 Sacco ef al”’  Tuan and Fuoss,28 and several authors used differentl

approximations and assumptions for different systems. For example, Sacco et alf’
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proposed the widely used ‘reference electrolyte® method. Thus, for PhuPBPhy in

water, we have,

Beri,= Bepif,= Brn,paen, ! 2 &)
Ben,eae, IS obtained from,
Bmds;aprh = Braen, * Ben,par - Bras @)
(since PhsPBPhy is scarcely soluble in water). These values are in good

agreement with those obtained by other methods.

However, according to Krumgalz® it is impossible to select any two ions for
which A% = A° in all solvents and at proper temperatures. Also, even if the -
mobilities of some 1ons are equal at infinite dilution, they aré not necessarily equal at
moderate concentrations. 'Further, equality of ionic dimensions does not necessarily
imply. equality of B-coefficients of these ions, as they are likely to be solvent and .

ion-structure dependent.

Krumgalz proposed a method™ based on the fact that the large tetraalkyl- -
ammonium ions are not solvated in organic solvents. So, the ionic B-values for
large R4N' ions {(where R = Bu) in organic solvents are proportional to their ionic

dimensions.

Bryux =@ +b oyt ' ' )
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where, a =By and bis a constant independent of temperature and solvent nature.
Extrapolation of the plot of Bg,nx {R > Pr or Bu) against r’g 4N to zero cation dimension
gives B, directly in the proper solvent from which other ionic B-values can be calculated.

Tonic B-values can also be calculated from the following equations :

Br,N - Bry N =Br ,Nx - By, xx ®
and |

Br ' Brint = Pran'/ PR N ' (10)

The radii of the tetraalkylammonium ions have been calculated from the accurate
conductance data.*!

On similar reasoning, Gill and Sharma™? used BuyNBPhy as the reference

electrolyte and proposed the equation.

3

[ 545

B - I.G -
Pras Tengst S (11)
BB!J;}N+ Tem4N+ 5.00

and

B = Bpy,n* * Bergs
BugNEPhg = BBugN Py B (12)

because the ionic radii of BusN® (5.00A) and of PhyB™ (5.35 A) have been .I :
found to remain constant in different non-aqueous and mixed non-aqueous solvents.
Lawrence and Sacco™* used Bus;NBBu; and Ph,PBPh, as reference electrolyteé ..
because these cations and anions are symmetrically shaped and have almost equai
van der Waals volumes. Their results and the conclusions of Thomson er alss.

agreed well with the reported values.



It is obvious that most of these methods are based on certain approximations

and anomalous results may arise unless proper mathematical theories are developed =

to calculate B-values.

2.2.2 Thermodynamics of Viscous Flow-

‘Feakins ez al’® suggested the following expression

V-V vi° Aw™ - A
B= —— + (13)
1000 1000 RT

where V;° and V° are the partial molal volumes of the solvent and solute |

respectively, A is the free energy of activation for viscous flow per mole.of the . ..

solvent and Ap,™ is the contribution per mole of solute to the free energy of =

- activation for the viscous flow of the solution.
2.2.3 Effects of Shape and Size

" Stokes and Mills® regarded the ions in solution as rigid spheres suspended m o

a continuum and proposed an equation for relative viscosity as
NMe=1+250 _ ' (14)

where g is the volume of the fraction occupied by the particles. HoWevér,

- -

considering the different aspects of the problem, spherical shapes have beén - :

assumed for electrolytes having hydrated ions of large effective size (pa.rtilcularly‘ TR

polyvalent monatomic cation). Thus combining the above equation with JoncééDolé

equation (1), we have
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258=Ac”+Bc (15)

1/2

Neglecting Ac’? in comparison with Be, and substituting @ =cV; where V; is the

partial molal volume of the solute, we get
25V,;=B (16)

Assuming that the ions behave like rigid spheres with effective radii R+, moving in

a continuum, B+, can be equated to
B:=2.5 Vi =2.5x4/3 = (R’ N/1000) (17)

R: calculated using eqn (17) should be close to crystallographic radii or
corrected Stokes’ radii if the tons are scarcely solvated and behave as spherical
entities. But Ry values of the ions, which are higher than the crystallographic radii

indicate solvation.

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

of Einstein®’
B:=25(Vi+1nVy)/ 1000 (18)

Where V; is the bare ion molar volume and V, the molar volume of the

3841

solvent. The above equation has been used by a number of workers™ " to study the

nature of solvation.
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2.3 CONDUCTANCE

Conductance measurement is one of the most accurate and widely used

24 Together with

physical methods for investigating the electrolytic solutions.
transference number determination, it provides an excelient method for obtaining.
single ion values. In conjunction with viscosity measurements, conductance data
give much information regarding ton-ion and ion-solvent interaction.

Onsager®® was the first to successfully apply Debye-Hiicke! theory ﬁf
interionic = associations. Subsequently, Pitts,* and Fuoss “and Onsager*™*’ -
independently worked to account for both long and shert range interactions. As
Pitts’ valucs differed considerably from Fuoss and Onsager’s values, Fuoss and
Hsia® modified the original Fuoss-Onsager equation. The modified P’uoss-Onsager
equation is of the form®

o A° 72 pel?
A=A- e - ———— + (G {xa) (19)
(1+xa)(1+ Ka./zm) (1 +xa)

where G(xa) is a complicated function of the variable. The simplified form =~

A=A -Sc?+EcTnc+]ic—Tc? (20)

is generally employed in the analysis of experimental results. Fuoss and
Accascina®® made further correction of equation(20) taking into consideration the
change in the viscosity of the solutions and assumed the validity of Walden’s rule,

The new equation 1s

A=A"-S8c" +EcInc+J c~Jc*? - BA% 2

172321

13 JUN 2005
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In most cases, however, J; is made zero, but this leads to a systematic

deviation of the experimental data from the theoretical equations,
2.3.1 Yon - Association

The plot A versus ¢'? (limiting Onsager equation) is used to determine the
dissociation or association of electrolytes. If A° x> Auneo) , the electrolyte may
be regarded as completely dissociated butif A° expt) < Aaneoy , the electrolytes may
be regarded as associated. The difference between A° cpn and  ASwmesy would be

considerable with increasing association.*

For strongly associated electrolytes, association constants K4 and A° were

determined using the Fuoss-Kraus equation® or Shedlovsky’s equation.’’™
T(z) 1 Ka cys” A
—- = +— X (22)
A A° (A%) T(z)

where, T(z) = F(z) (Fuoss-Kraus) and 1/T(z) = S(z) (Shedlovsky)
Fz)=1-z(1-z(1-z(1-........ Y2yl 1 (23)
and

S(2)=1+z+22+2/8 + ... . (24)

The p'lot of T(z) / A against cy*A/ T(z) should be a straight line having an

intercept of 1/ A° and a slope of Ka/ (A%’ When K, is Iarge, there will be

considerable uncertainty in the values of A° and K, determined from equation.(22)

The Fuoss-Hsia conductance equation for associated electrolytes is given as
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A=A $(oc)"” + E(oe) In (oic) + Ji(oc) — Ja(oe)™™ - KaAys 2 (oc) (25)
The equation was modified by Justice.”
2.3.2 Ion-size Parameter and Ionic Association

In 1978, Fuoss put forward a new conductance equation® replacing the onc
he had formulated three years earlicr. He classified the ions of electrolytic solutions

into three categories; (i) those which find an ion of opposite charge in the first shell _

of the nearest neighbours (contact pairs) with r; = a, (ii) those with oVerlapping_ -

Gurney co-spheres (solvent separated pairs); and (iii) those which find no other - -

unpaired ion in a surrounding sphere of radius R, where R is the diameter of the co-
sphere (unpaired ions). Thermal motion and forces establish a steady state,

represented by the equilibria

AT+BT = (A BY == a* B == 4B 26)
Solvent-separated Contact Neutral
pair pair - molecule

From this equation Fuoss derived an expression for the association constant or

conductometric pairing constant
CKa = Ke(1+K) @7)
| where, Kz describes the formation and separation of so].vent-separéted pairs
by diffusioﬁ, in and out of the spheres qf diameter R around the cations (calcul'cited.
using the continuum theory) , K is a constant describing the specific short range

ion-solvent and ion-ion interactions by which contact pairs form and dissociate.
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The details of the calculations are presented in the 1978 paper. The
shortcomings of the previous papers have been rectified in the new set of equations
that are more pgeneral than the previous ones and can be used in higher

concentration regions (0.1 N in aqueous solutions).

For a given set of conductivity values (¢;, Aj, j =1, ..., n), three adjustable
parameters, the limiting molar conductivity (A®), association constant (KA), and the

co-sphere diameter (R}, are derived from the following set of equations :

A=pIA° (1 + R + Ey] : (28).
p=l-a(l-p | (29)
y=1-Ku/f (30)
~Inf = fk/2(1 + kR) (31)
B =&/ DipT | (32)
Ky~ Kp/(1-0) =Kz (1 +K) (33)

Where Ry is the relaxation field effect, E; is the electrophoretic
countercurrent, k™ is the radius of the ion atmosphere, I is the dielectric constant of
the solvent, e is the electron charge, kg is the Boltzmann constant, v is the fraction of

solute present as unpaired ion, ¢ is the molarity of the solution, f is the activity

coefficient, T is the temperature in absolute scale, and f3 is twice the Bjerrum -

distance. The computations can be performed on a computer using the programme

suggested by Fuoss.
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2.3.3 Limiting Ionic Equivalent Conductances

The limiting equivalent conductance (A°) can be divided into icnic
components using the experimentally determined transport number of ions (t.) as

follows :
A=t. A% and A °=t. A° (34)

However, accurate transference number determinations are limited to only a
few solvenis. Hence, various attempts were made to develop indirect methods to
obtain the limiting ionic equivalent conductance in ionic solvents for which
experimental transference numbers are not yet available. These methods have been |

well described by \?\i'alden,5 3 Fuoss,*® and Gill.”’

Krumgalz,”® suggested a new method based on the fact, confirmed by NMR
studies, that the large tetraalkyl (aryl) onium ions are not solvated in organic
solvents, in the kinetic sense, due to the extremely weak electrostatic interactions

between the solvent molecules and the large ions with low surface charge density.

From the consideration of the motion of a solvated ion in an electrostatic -
field as a whole, it is possible to calculate the radius of the moving particle by the

Stokes’ equation
o= 12 | F*/ (ArtNn,A.°0) (35)
where A is a coefficient varying from 6 (in the case of perfect sticking) to 4
(in the case of perfect slipping). Since the r, values, the real dimensions of the non-

solvated tetraalkyl(aryl) ontum 1ons must be constant, we have

A: Mo == constant (36)
This relation has been tested using the A.° values determined with precise

transference numbers. The product becomes constant and independent of the
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chemical nature of the organic solvents for the [-AmB°, PhyAs”, PhyB™ ions and for
tetraalkylammonium cations starting from Et;N". The relation can also be well
utilized to determine X.° values of ions in other organic solvents from the

determined A° values

We have used BusNBPhy as the ‘reference electrolyte’, but instead of equal
division, we divided the A° values using a method similar to that proposed by

Krumgalz® for division of B-values

A°(BusN") r(PhuB") 5.35
= = =1.07 (37)

2° (PhyB) r(BusN" 500

The r values have been taken from the works of Gill ef al *’

The values calculated by this method seem to be correct in different organic
and mixed organic solvents. However, in aqueous binary mixtures, the solvation

pattern may be different and the validity of this equation may be questioned.

Recently, Gill e a”® proposed the following equation

A°(BugN™) 535 (0.0103g, + ry)
= . (38)

A°(PhyB) 5.00 - (0.0103g, +r1y)

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

2.3.4 Solvation Number

An ion has an electric field or force around it which fades out into a
negligible value after a short distance (~10 A). In other words there is an effective

volume within which its influence operates. The solvent molecules within this
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volume may be said to be interacting with the ion, resulting in the solvation of the
ion. These interactions result in the orientation of the solvent molecules towards the
ion. The number of solvent molecules that are involved in the solvation of the ion is

called solvation number. If the solvent is water, this is called hydration number.*

Depending upon the distance from the ion, we can classify two solvation
regions : primary and secondary solvation regions. Here we are concerned with the
primary solvation region. The primary solvation number is defined as the number of
solvent molecules which surrender their own translational freedom and remain with
the ion, tightly bound, as it moves around, or the number of solvgnt molecules which

are aligned in the force field of the ion.

If the limiting conductance of the ion 1 of charge Z; is known, the effective
radius of the solvated ion can be determined from Stokes’ law. The volume of the
solvation shell is given by the equation

V=413 7ty — 1) (39)
Where r. is the crystallographic radius of the ion. The solvation number n,
would then be obtained from
= V. /Y, (40)

Assuming Stokes’ relation to hold good, the ionic solvated volume can be

obtained, because of the packing effects,”’ from

Vo=4351 (41)
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where V° is expressed in mol/mole and r; in angstroms. However, this
method is not applicable to ions of medium size though a number of empirical® and
theoretical corrections®** have been suggested in order to apply it to most of the

ions.

2.3.5 Stokes’ Law and Walden’s Rule
The limiting conductance A" of a spherical ion of radius R; moving in a
solvent of dielectric continuum can be written, according to Stokes’ hydrodynamics,

as
llo =0.819 ] Zi IfT]iRi (42)

If the radius R; is assumed to be the same in every organic solvent, as would

be the casc of bulky organic ions, we get
Ai'Mo=0.819 | Zi | / R; = constant (43)

This is known as the Walden rule.®* The effective radii obtained using this
equation can be used to estimate the solvation numbers. However, Stokes’ radii

failed to give the effective size of the solvated ions for small ions.
2.3.6 Recent Conductivity Equations

In 1986, Pf;1p'c1dopoulos("6 analysed some conductance data using the Lee-
Wheaton®’ conductance equation and compared the values with those obtained by
Kay and his co-workers.®® From 1992 to 1995, Blum, Turq and co-workers® " have

developed a mean spherical approximation (MSA) version of conductivity
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equations. Their theory starts from the same continuity and hydrodynamics
equations used in the more classical treatments; however, an important difference
consists in the use of the MSA expressions for the equilibrium and structural
properties of the electrolyte solutions. Although the differences in the derivation of -
the classical and MSA conductivity theories seem relatively small, it has been
claimed that the performance of the MSA equation is good over a much wider
concentration range than that covered by the classical equations. However, no
thorough study of the performance of the new equations at the level of the
experimental uncertainty of conductivity measurement is yet available in the -
literature, with the exception of a very recent study by Bianchi ez al™ They
compared the resuits obtained, using the old and new equations in order to evaluate
their capac;__ity-to describe the conductivity of different electrolyte solution. Their
investigation too is limited to oniy three aqueous salt solutions and the picture. is
consistent showing a better performance for the classical equations as far as the

system electrolytes are concerned.

In 2000, Chandra and Bagchi” have evolved a new microscopic approach to
ionic conductance and viscosity based on mode_ coupling theory. Their study gives
microscopic  expressions of conductance and viscosity in terms of static and.
dynamic structure factors of the charge and number densities of the electrolyté_’ '
solution. They claim that their new equation is applicable at low as well as at high .
concentrations and it describes the crossover from low to high concentration

smoothly. Debye, Hiickel, Onsager and Falkenhagen expressions can be derived



27

from this self-consistent theory at the limiting, very low ion concentration. For

conductance the agreement seerus to be satisfactory up to 1 M concentration.

2.4 APPARENT AND PARTIAL MOILAR VOLUMES

Fundamental properties such Ia:a enthalpy, entropy and Gibbs energy
represent the macroscopic state of the system as an average of numerous
microscopic states at a given temperature and pressure. An interpretation of these
properties in terms of molecular phenomena is generally difficult. Sometimes,
higher derivatives of these properties can be interpreted more effectively in terms of
molecular interactions. For example, the partial molar volume, the pressure
derivative of partial molal Gibbs energy, is a useful parameter for interpreting .
solute-solvent interactions. Various concepts regarding molecular processes in
solutions such as, electrostriction,*”® hydrophobic hydration,”” micellization” and
cosphere' overlap during solute-solute interactions.”*™ have to a large extent been

derived and interpreted from thelpmial molar volume data of many compounds.
The apparent molar volumes, ¢., of the solutes can be calculated using the
following equation
by = M/po — 1000(p — po) / €po (44)
where M is the molecular weight of the solute, p, and p gre the densities of

the solvent and solution respectively and c is the molarity of the solution. The

partial molar volume, \72, can be obtained from the equation
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_ 1000 - ¢ déo
VZ = d)\" + ¢) cl/2 d)
2000 + *(dg/dct?) dct?

(45)
Masson® found that ¢ varies with the square root of the molar concentration
by the linear equation.
dv=9."+ 8% vc (46)
where ¢,° is the apparent molar volume at infinite ditution (equal to the
partial molar volume at infinite dilution) and S, is the experimental slope. Redlich
and Meyer' have shown that an eduation of the form of (46) cannot be arﬁyl more
than a limiting law where for a given solvent and temperature, the slope S*, should

depend only upon the valence type. They suggested the equation

by =S+ Sevctbye 47)

where S, = Kw*?, is the theoretical slope based on molar concentration,

including the valence factor where
w=05% vz (48)
and
K = N%¢* (87 / 1000e’RT)"* [ ine/dP)r — B/3] (49)

In equation (49), B is the compressibility of the solvent and the other terms

have their usual significance.

' adequately represents the -

The Redlich-Meyer’s extrapolation equation®
concentration dependence of many 1:1 and 2:1 electrolytes in dilute solutions;
however, studies®® on some 2:1, 3:1 and 4:1 electrolytes show deviations from this

equation. Thus, for poly-valent electrolytes, the more complete Owen-Brinkley

equation® can be used to aid in the extrapolation to infinite dilution and to



29

adequately represent the concentration dependency of ¢. The Owen-Brinkley

equation® which includes the jon-size parameter, a {cm), is given by
by ="+ Sy t(xa) vc + 0.5 WiB(ka)e + 0.5 Kuc C (50

where the symbols have their usual significance. However, this equation is

not widely used for non-aqueous solutions.

Recently, the Pitzer formalism has been used by Pogue and Atkinson® and
Krumgalz et al.® to fit the apparent molal volume data. The Pitzer equation for the

apparent molar volume of a single salt Mvy Xvx s

b=0 v | ZnZx | Ad2bln(1+bVD 200X RTIm B axm?(vav) 2 Chux] - (51)
where the symbols have their usual significance.

2.4.1 Yonic Limiting Partial Molar Volumes

Most of the existing ionic limiting partial molar volumes in organic solvents
were obtained by the application of methods developed for aqueous solutions. For

some time, the method of Conway ef a/*® was widely used. They plotted the limiting

partial molar volume, VIR4NX for a series of homologous tetraatkylammonium

chlorides, bromides and iodides with a halide ion in common,

of the formula weight of the cation My N+, and obtained straight-line graphs

for each series, Their results were claimed to fit the equation.

VR X = Vo + b Mg vt (52)
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and the extrapolation to zero cationic formula weight gave the limiting partial molar
~volumes of the ﬁalide ions, V°y- Uosaki et a/*’ and later Krumgaiz®® applied the
same method to non-aqueous electrolyte solutions in a wide temperature range. In
our laboratory too we have used this method for the division of partial mblar

volumes into the ionic components in 2—meth0>£yethanol.3990
2.5 ULTRASONIC VELOCITY

In the last two decades there have been a number of studies on the ultrasonic
velocities and isentropic compressibilities of liquids, solutions and liguid mixtures”
because these data provide useful information about molecular interactions, =
association and dissociation. Various parameters like molar isentropic and .
isothermal compressibilities, apparent molal compressibility, isentropic
compressibility, deviation in isentropic compressibility from ideality, etc. can very
well be evaluated and studied from the measurement of ultrasonic speeds in
solutions. Isentropic compressibilities play a vital role in characterization of binary

liquid mixtures.
2.5.1 Apparent Molal Isentropic Compressibility

The apparent molal isentropic compressibility, the second derivative of the
Gibbs energy, is also a sensitive indicator of molecular interactions and can provide
useful information about these, particularly in cases where partial molal volume data
alone fail to provide an unequivocal interpretation of the interactions.’** The

isentropic compressibility (k) values are calculated using the Laplace equation
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K= 17’ p) (53)

where u is the sound velocity in solution and p is the solution density. The apparent
molal isentropic compressibility (k) of the liquid solution is calculated using the

relation

Ky = [(1000/mppo) (Kspo —ks"P)] + ks M/po (54)
where m is the molality of the solution; k" and «x; are the compressibility

cocfficients of the solvent and solution respectively.

Plotting of xy against the square-root of the molal concentration of solutes
and extrapolation to zero molal concentration gives the limiting apparent molal

isentropic compressibility(xs®) according to the equation.”*”®

Ky = K¢,c + S '\fIIl (55)
where Sy is the experimental slope.

The limiting molal isentropic compressibility (x:°) and the experimental .
slope (Sx) can be interpreted in terms of solute-solvent and solute-solute
interactions, respectively. It is well established that the solutes causing
electrostriction lead to a decrease in the compressibility of the solution.”””® This is
reflected by the negative values of x;° of electrolyte solutions. Hydrophobic solutes
often show negative compressibilities due to the ordering induced by them in the
water structure.”™  The compressibility of hydrogen-bonded structure, however,

varies depending on the nature of H-bonds involved,”” the poor fit of the solute
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molecules™ as well as the possibility of flexible H-bond formation causing a more
compressible environment (and hence a positive x,° value) in the agueous medium.

00

Positive «;° values have been reported in aqueous non-electrolytes’® and non-

electrolyte — non-electrolyte solutions.''

2.6 SOME RECENT TRENDS IN SOLVATION MODELS

The last decade (1990-2000) witnessed some interesting trends in
development of some solvation models and computer software. Based on a vast .
collection of experimental free energy of solvation data, Cramer, Truhlar and co-
workers  constructed a series of solvation models (SM1 — SM5 series) to predict
and calculate the free energy of solvation of a chemical compound.'”*% These
models are applicable to virtually any substance ccﬁnposed of H, C, N, O, F, P, §,
Cl, Br and / or 1. The only input data required are molecular formula, geometry,
refractive index, surface tension, Abraham’s « (acidity parameter) and § (basicity
parameter) values, and, in the latest models, the dielectric constants. Many of these

. . ' 107
parameters for a number of compounds are available in the internet.

The advantage of models like SMS5 series is that they can be used to predict -

the free energy of self-solvation to better than 1 kcal/mol. They can also be used to

predict the vapour pressure at 298.15K with useful accuracy. They are especially

useful when other methods are not available. One can also analyse factors like,
electrostatics, dispersion, hydrogen bonding, etc, using these tools. They are also

relatively inexpensive and available in easy to use computer codes.
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Galindo et al'®'” have developed Statistical Associating Fluid Theory for
Variable Range (SAFT-VR) to model the thermodynamics and phase equilibria of
electrolyte aqueous solutions. The water molecules are modeled as hard s;;heres with
four short range attractive sites to account for the hydrogen-bond interactions. The
electrolyte is modeled as two hard spheres of different. diameter to descfibe the
anion and cation. The Debye-Hiickel and mean spherical approximations are used
to describe the interactions. Good agreement with experimental data is found for a
number of agqueous eléctrolyte solutions, The relative permittivity takes values very
close to unity, especially in the case in which the mean spherical approximation is
used, indicating a good description of the solvent. Bosch er a/*'’ have compared
several Preferential Solvation Models especially for describing the polarity of

dipolar hydrogen bond acceptor — cosolvent mixtures.

2.7 A BRIEF LITERATURE SURVEY OF THE SOLVENTS
USED FOR THIS INVESTIGATION

2.7.1 N,N —~ Dimethylacetamide (DMA)

N,N-Dimethylacetamide has a liquid range of 253.15 to 438.15K and a
dielectric constant of 37.78 at 298.15K.° It is miscible with water and is generally
similar in its properties to N,N-dimethylformamide (BDMF). It is a dipolar aprotic ‘
solvent and due to the presence of the two methyl groups attached to the nitrogen, it
is more electron donating. Its ability to solvate cations is greater than that of DMF,

.. .. 11
acetone, acetonitrile and benzonitrile.?



34

Solubilities of several alkali and alkaline earth metal halides and traosition’

12 The solubilities

metal halides in DMA were measured by Pistoia and Scrosati.
increase in the order Cl<Br<I. Alexander et al'"* reported sdlﬁbility product values
for numerous silver salts in DMA. The solubilities of silver halides show the same
trend as in water. Cations, particularly small cations (Ag" and K ) and even large
ones like trans- and cis- [CoCly(en),]” which possess H-bond donor sites, are
substantially better solvated in strongly dipolar aprotic solvents like DMA. Sears et
al'" measured the conductances of some alkali and tetraalkylammonium salts in
pure DMA. at 298.15K. Large polarisable anions, like picrate, perchlorate, AgCly’
are better solvated by the sirong dipolar solvents, presumably through dipole-

induced dipole interactions.'**

Studies on binary mixtures of DMA have also been reported in the literature,
mostly as a comparative study of different amides. Gomaa''® and also Pal et al''’
investigated the interactions of DMF and DMA with water. Conductance

measurements of some tetraalkylammonium bromides in DMA + water binary

mixtures have also been reported by Ramanamurti ef af''®
2.7.2 Formamide

Formamide has received considerable attention as a solvent for various
' electrochemical study, mainly because it is an example of a solvent with a higher
dielectric constant {&¢ = 109.5 at 298.15K)° than water and thus can dissolve many

electrolytes. The oxygen and nitrogen atoms within a formamide molecule are
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negatively charged and the carbon and hydrogen atoms have partially positive
charges and has a dipole moment{pt) of about 3.68D at 298.15K’ Formamide
molecules in their liquid state are strongly self-associated through extensive

119

networks of hydrogen bonds.”” The molecular and liquid structures of formamide

12 From the X-ray diffraction

have been studied by means of X-ray diffraction.
experiment we know that liquid formamide mainiy consists of chain-like hydrogen
bonded structure combining through -NH;...O = CH — interactions. However, the
stable ring structure existing in the solid state may be rather unfavourable to give the
high dielectric constant of formamide and high solubilities of electrolytes in it in the
liquid phase. Spiro'*! combined the value obtained for the limiting transference
number, using moving boundary method with the data for the limiting equivalent

conductance to generate a set of individual ionic conductances for a variety of ions -

in formamide.

Formamide along with other amides is also used as one of the component in
the binary mixture with different alcohols and water. Ali er al'" reported the
thermodynamic properties of formamide + ethanol binary mixtures as a function of
concentration and temperature. Leal and co-workers'” investigated  the
thermodynamic broperties of the aqueous binary mixtures of different amides
including formamide also and the results were used to make a comparison with
amide — alcohol mixtures. The changes in dielectric constant of formamide with
respect to concentration in its aqueous binary mixture was measured by Rohdewald

et al '
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2.7.3 N,N-Dimethylformamide (DMF)

N,N-Dirnethylformainide (DMF) is an aprotic, protophylic and a potentiaily
basic medium. Owing to its easy miscibility with almost all common polar and non
polar solvents and high solvating power DMF is largely utilized in analytical and
electrochemical applications. DMF has a quite large dipole moment {u=3.28D at.
25°C)’ and a moderately high dielectric constant (€ = 37.5 at 25°C)°. The striking
tendency to provide hydrogen bonds via acceptor sites — C (== O) —N =, makes DMF
a powerful breaker of polymerized structure of hydroxy compounds.’** Raman and
infrared spectra of liquid DMF have been recorded by Fini and Mirone,'? X-ray
diffraction'®® and NMR'¥®  study of liquid DMF indicates that there is no
significant interactions, only a weak hydrogen bonded interaction existed between

DMF molecules.

Several papers have been published on the measurements of transport and
‘thermodynamic properties in pure DMF and also its binary mixture with Iot'her
organic solvents. Physicochemical Data of pure DMF and its aqueous binary
mixture have been reported by Rohdewald ef al.'® Excess properties of aqueous
binary mixtures of a series of amides including N,N-dimethyiformamide were

calculated from density and viscosity measurements,'*?

2.7.4 2-Ethoxyethanol (EE)

2-Ethoxyethano! is a bifunctional, versatile organic liquid commonly known

as ‘cellosolve’™" and is widely used in chemical industries as a solvent for
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lacquers, oils, resins, dyes and as an antifreeze for explosives."*? They can be
considered to be ethylene glycol derivatives obtained by the replacement of one of
the hydroxy groups by an alkoxy group. Generally the ‘cellosolves’ are self
associated through intramolecular hydrogen bond formation and further it exists as a

13133 The physical properties of 2-

five membered ring monomers also,
ethoxyethanol are obtained from the literature.>**® Thermochemical properties of
aqueous binary mixture of 2-ethoxyethanol along with other alkanols have been

! Density, refractive index, speed of sound and their

reported in the literature.
related excess properties in the binary mixtures of 2-ethoxyethanol with a number
of important industrial liquids that find applications in a variety of areas have also

been reported. '

In this dissertation we have devoted our attention to the study of transport
and thermodynamic properties of some selected alkali-metal and
tetraalkaliammonium salts in DMA and aqueous binary mixture of DMA and the
excess properties of non-aqueous binary mixtures of DMA with formamide,

dimethyiformamide and 2-ethoxy ethanol.

The results have been described in subsequent chapters.



38

References

1.

Y. Marcus, Introduction to Liquid State Chemistry, wiley-Interscience, New
York, 1997,

G.A Krestov, Thermodynamics of Solvation, Ellis Horwood, Chichester,
1991.

J.Padova, in Water and Aqueous Solutions, Ed. R.A Home, Wiley-
Interscience, New York, 1972, chapter 4.

R. Fernandez-Prini, H.Corti and M. Japas, High Temperature Aqueous
Solutions: Thermodynamic Properties, CR.C. Press, Boca Raton, Florida, -
1992,

V.N.Afanasyev and LE Korolev, Thermodynamics of Electrolyte Solutions,

Institute of Non-Aqueous Solution Chemistry, Ivarovo, Russia, 1992.

J Barthel, H-J. Gores, G.Schmeer and R. Water, i Non-aqueous Flectrolyie
Solutions in Chemistry and Modern Technology, Topics in Current

Chemistry, Vol.3, Springer Verlag, Berlin-Heidelberg, New York, 1983.

O. Popovych and R.P.T.Tomkins, Nonaqueous Solution Chemistry, Wiley-

Interscience, New York, 1981].

J.Berthel, R. Buchner, C.G.Hglzl, M. Miinsterer, Z. Phys.Chem., 214, 1213,
2000.

Physical Chemistry of Organic Solvent Systems, Eds. AK Covington and T A
Dickinson, Plenum Press, New York, 1973, Chapter L.

10. J.D.Pandey and A.Yasmin, Proc./nd Acad.Sci., 109, 289, 1997.

11. J.D.Pandey, Y. Akhtar and A K.Sharma, Ind. J. Chem., 37A, 1094, 1998,



12

13.

14.

13.

16.

17.

18,

15.

20.

21,

22,

23.

24,

25.

26.

27.

28.

29.

30.

39

. F. Comelli, R Francesconi and C. Castellari, J. Chem. Fng. Data, 44, 739,
1999. |

J1Kim, J Phys. Chem., 82, 191, 1978.
D EIrish, in Ref. 9, Chapter 4,

W.Kemp, Organic Spectroscopy, 3 (ELBS) ed., Macmillan Press,
Hampshire, U. K., 1993.

J.Barthel, R, Buchner, E. Wismeth, J. Solution Chem., 29, 953, 2000.
G. Jones and M. Dole, J. Amer. Chem. Soc., 51, 2950, 1929,

P. Debye and E. Huckel, Z Phys., 24, 185, 1923,

H. Falkenhagen, Z. Phys., 32,745, 1931,

Hf.Falkenhagep and E.L Vernon, Phil. Mag., 14, 537, 1932,

L .Onsager and R M.Fuoss, J Phys.Chem., 36, 2689, 1932,

J. Crudden, G. M. Delaney, D. Feakins, P. . O'Reiliey and W.E. Waghorne,
K.G Lawrence, J. Chem.Soc., Faraday Trans., 1, 82, 2195, 1986.

R.H.Stokes and R. Mills, Viscosities of Electrolytes and Related Properties,
Pergamon Press Litd., 1965.

H. Donald, B. Jenkins and Y. Marcus, Chent. Rev., 95, 2695, 1995,
W.M.Cox and J.H. Wolfenden, Proc. Roy. Soc., London, 1454, 475, 1934,
R.W.Gurney, fonic Processes in Solution, McGraw Hill, New York, 1954,

A. Sacco, A. D.Giglio and A. Dell’ Atti, J.Chem . Soc., Faraday Trans., 1,
77, 2693, 1981. '

D F.Tuan and R. M Fuoss, JPhys. Chem., 67, 1343, 1963,
B.S Krumgalz, J.Chem. Soc., Faraday Trans., I, 76, 1275, 1980.

B.S Krumgalz, Russ. JPhys. Chem., 46, 858, 1972, 47, 528, 1973.



3]

32.

33.

34.

35.

36.

37

38.

39.

40.

41].

42.

43.

44,

45.

46.

47.

40

B.S Krumgalz, Russ, J.Phys. Chem., 45, 1448, 1971.
D.S.Gill and A N.Sharma, J.Chem.Soc., Z*braday Trans., 1,78, 475, 1982.

K.G.Lawrence and A. Sacco, JChem.Soc., Faraday Trams., 1, 79, 615,
1983.

A. Sacco, M.D.Monica, A.D.Giglio and K.GLawrence, JChem.Soc.,
Faraday Trans., 1,79, 2631, 1983.

P_.T.Thomson, B. Fischer and R H. Wood, J Soln. Chem., 11, 1, 1982.

D. Feakins, D.JFreemantle and K.G.Lawrence, JChem.Soc., Faraday
Trans., 1,70, 795, 1974.

D. Feakins and K.G.Lawrence, J.Chem. Soc., A, 212, 1966.

R.T.M.Bicknell, K.G.Lawrence, M.A Scelay, D. Feakins and L Werblan,
J.Chem.Soc., Faraday Trans., 1, 72, 307, 1976.

D. Feakins, W.E.Waghomme and K.G.Lawrence, JChem.Soc., Faraday
Trams., 1, 82, 563, 1986. |

D. Nandi and D K. Hazra, J.Chem.Soc., Faraday Trans., 1, 85, 4227, 1989.
B. Das and D K. Hazra, Bull. Chem. Soc: Jpn. 65, 3470, 1992.

AP.Abbott and C.A Eardley, J Phys.Chem. B., 104, 9351, 2000.

R Fernandez-Prini, in Ref. 9, Chapter 5.

L. Onsager , Z. Phys., 28,277, 1927.

E Pitts, Proc. Roy, Soc., 217A, 43, 1953,

R.M.Fuoss and F. Accascina; Electrolytic Conductance, Interscience, New |
York, 1959.

R M Fuoss and L. Onsager, J. Phys. Chem., 61, 663, 1957.



48.

49.

50.

51.

52.

53.

54.

55.

56.

57

58.

59.

60.

61.

62.

63.

64.

63.

41

R.M Fuoss and K L. Hsia, Proc. Natl. Acad.Sci., 59, 1550, 1967, J.Am.Chem.
Soc., 90, 3055, 1968.

D .E Arrington and E. Grinswold, J. Phys.Chem., 74, 123, 1970.
R.M.Fuoss and C. A Kraus, J.Am.Chem. Soc., 55, 476, 1933.

T. Shedlovsky, J Franklin, Instt., 225, 739, 1938.

R.M.Fuoss and T.Shedlovsky, JAm.Chem.Soc., 71, 1496, 1949,
J.C.Justice, R.Bury and C.Treiner, J.Chim.Phys., 65, 1707, 1968.
R.M.Fuoss, J Phys.Chem., 49, 525, 1975; 82, 2427, 1978 .

P Walden, H.Ulich and G. Busch, Z. Phys.Chem., 123, 429, 1926.

AD.” Aprano and R M.Fuoss, J.Soln.Chem., 4, 175, 1975.

D.S.Gill and M.B.Sekhri, J. Chem.Soc., Faraday Trans., 1,78, 119, 1982,

B.S Xrumgalz, J Chem.Soc., Faraday Trans., 1, 79, 571, 1983; 81, 241,
1985.

D.S.Gill, N.Kumari and M.S. Chauhan, J. Chem.Soc., Faraday Trans., 1, 81,
687, 1985.

JO’M. Bockris and A K.NReddy, Modern Electrochemistry, Vol. 1,
Plenum Press, New York, 1971. '

R.H.Stokes and R.A. Robinson, Trams. Faraday Soc., 53, 301, 1957.

R.T.M. Bicknell, K.G.Lawrence and D.Feakins, J Chem.Soc.,, Faraday
Trans., 1, 76, 637, 1980. '

R. Zwanzig, J.Chem.Phys., 38, 1603, 1605, 1963.
E. J.Passeron, J Phys.Chem., 68, 2728, 1964.

P Walden, Z . Phys.Chem., 35,207, 1906



66.

67.

68.
69.
70.
71.

72,

73.
74,

75.

76.

77.

78.

79.

80.
81.

82.

42

N.Papadopoulos, G. Ritzoulis and D. Jannakoudakis, Anali di Chimica, 76,
307, 1986.

W.Lee and R Wheaton, J.Chem.Soc., Faraday Trans., 1I, 74, 743, 1456,
1978.

R.L.Kay, C.Zawoyski and D.F Evans, JPhys.Chem. 70, 2336, 1966,

O. Bernard, W .Kunz, P. Turg and L. Blum, J Phys.Chem., 96, 3833, 1992,
P. Turq, L. Blum, O. Bernard and W.Kunz, J. Phys. Chem. 99, 822, 1995.

S.Durand-Vidal, P.Turq and O.Bernard, J. Phys. Chem., 100, 17345, 1996,

H.L.Bianchi, I. Dujovne and R. Fernandez-Prini, J. Soln.Chem., 29, 237,
2000,

A. Chandra and B .Bagchi, J Phys.Chem. B., 104, 9067, 2000.
P.J.Victor, B. Das and D K Hazra, J Phys.Chem. A., 185, 5960, 2001.

P.J Victor, P.X Muhuri, B.Das and D.K Hazra, J Phys.Chem. B, 103, 11227,
1969,

P.J Victor, B.Das and D K.Hazra, J. Soln. Chem., 30, 435, 2001,

C. Tanford, Hydrophobic Effect : Formation of Micelles and Biological
Membranes, 2™ edn., Wiley-Interscience, New York, 1980.

E.Vikingstad, Aggregation Process in Solutions, Eds. E. Wyn-Jones and J.

Gormally, Elsevier, Amsterdam, 1983, pp. 100-117.

J E.Desnoyers, M. Arel, G. Perron and CJolicoeur, J Phys. Chenf., 73,
3347, 1969

D.O.Masson, Phil, Mag, 8,218, 1929,
O.Redlich and D.M.Meyer, Chem.Rev., 64,221, 1964,

L.A.Dunn, Trans. Faraday Soc., 64,2951, 1968.



43

83. B.B.Owen and S.R Brinkley, Ji., Ann, N.¥.Acad. Sci., §1, 753, 1949,
84. R.Pogue and G.Atkinson, J. Chem.Fng.Data, 33, 1988, 370,

85. B.S Krumgalz, R. Pogorelski, A. Sokolov and K.S.Pitzer, J. Phys. Chem.
Ref, Data, 29, 1123, 2000,

86. B.E:.Conway, R E.Verral and J.E.Desnoyers, Trans. Faraday Soc ., 62, 2738,
1966.

87. K.Uosaki, Y.Kondo and N. Tokura, Bull. Chem. Soc. Jpn., 45,871, 1972.
88, B.S Krumgalz, J.Chem.Soc., Faraday Trans., 1, 76, 1887, 1980,

89. B.Das and D.K Hazra, J. Chem. Ling. Data, 36, 403, 1991,

90. B.Das and D K .Hazra, Bull. Chem.Soc.Jpn., 68, 734, 1995,

91. G.Douheret and M.1.Davis, Chem. Soc. Rev., 22, 43, 1993, _
92. B.Das, P.K Muhuri and D.K.Hazra, Acoustics Letters, 18, 69, 1994.

93. N.Rohman and S. Mohiuddin, J.Chem. Soc. Faraday Trans., 93, 2053,
1997.

94. M.V Kaulgud and K.S.Mohan Rao, /nd. J. Chem., 27A, 12, 1988,
95. A Kumar, JAm. Chem.Soc., 115,9243 1993.
96. M.Igbal and R.E. Verral, Can. .J. Chem., 67, 727, 1989.
97. B.E.Conway and R.E.Verral, ./ Phys.Chem., 70, 3952, 1966.
98. K.Gekko and H. Noguchi, J. Phys.Chem., 83, 2706, 1979.
99. L..G. Hepler, Can. J. Chem., 4'?;, 4613, 1969.
100. M.V, Kaulgud and K J.Patil, .JPhys. Chem., 80, 138, 1976.

10]1. K.JPatil, GRMehta and R.K.Chandewar, Ind JChem. , 25A, 1147,
1986.

102. C.J.Cramer and D.G.Truhlar, J Am.Chem. Soc., 113, 8305, 1991,



103.

104.

105.

106.

107.

108.

109.

110.

111.

112.

114.

115.
A K .Covington and T Dickinson, (Plenum Press, New York), 1973, p. 689.

116.

117.

44

D.J. Giesen, J. W Storer, C.J.Cramer and D.G.Truhlar, JAm. Chem.Soc.,
117, 1057, 1995, |

C.J.Cramer and D.G.Truhlar, .J. Org.Chem., 61, 8720, 1996, erratum, 101,
309, 1999, |

G.D.Hawkins, C.J.Cramer and D.G Truhlar, JPhys.Chem., B, 101, 7147,
1997, |

G.D.Hawkins, C.J.Cramer and D.G.Truhlar, J. Phys.Chem., B, 102, 3257,
1998.

P.Winget, G.D.Hawkins, C.J.Cramer and D.G Truhlar, J.Phys.Chem., B.,
104, 4726, 2000.

A. (l-Villegas, A. Galindo, P. J. Whitehead, S.JMills, G. Jackson and
AN.Burgess, J. Chem. Phys., 106, 4168, 1997,

A. Galindo, L.A Davies, A Gil-Villegas and G.Jackson, Mol Phys., 93,
241, 1998,

M.Roses, C. Rafols, J.Ortega and E.Bosch, J.Chem.Soc., Perkin Trans., 2,
1607, 1995,

A.J Parker, Quart. Kev., 16, 162, 1962,

(3.Pistoia and B.Scrosati, Ric. Sci.,, 37, 1173, 1967.

. R Alexander, E.C.F. Ko, Y.C.Mac and A.Jl.Parker, JAm. Chem. Soc., 89,

3703, 1967
G.R Lester, T.A.Gover and P.G.Sears, J. Phys. Chem., 60, 1076, 1956

D.W.Walts in Physical Chemistry of Organic Solvent Systems, Eds.

A.LE.Gomasz, /nd. J Techn., 26, 461, 1988

A.Pal, Y.P.Singh and W .Singh, /nd. ./ Chem., 33A, 1083, 1994.



45

118. L. Bahadur and M.V .Ramanamurti., J.Chem.Soc., Faraday Trans., 1, 76,

1409, 1980.
119. A. Ali and A K.Nain, /nd J.Chem., 35A, 751, 1996.

120, H.Ohtaki, A Funaki, B.M.Rode and G.J.Reibnegger, Bull. Chem. Soc. Jpn.,

56,2116, 1983.
121. J.M.Notley and M.Spiro, J. Phys.Chem., 70, 1502, 1966.
122. B.Garcia, R.Alcalde and J.M.Leal, J Phys.Chem., B, 101, 7991, 1997.
123. P.Rohdewald and M. Moldner, J Phys.Chem., 77,373, 1973.

124, F.Corradini, L.Marcheselli, A Marchetti, M. Tagliazucchi, L.Tassi and

G.Tosi, Bull. Chem.Soc.Jpn., 65,503, 1992,
125. G Fini and P.Mirone, J. Chem.Soc.,Faraday Trans., 2, 70, 1776, 1974.

126. H.Ohtaki, S.Itoh, T.Yamaguchi, S.Ishiguro and B.M.Rode, Bull. Chem.

Soc. Jpn., 56,3406, 1983.
127. A.G.Whittaker and S Siegel, J. Chem.Phys., 42,3320, 1965,
128. R.C Neuman, Jr., W Suider and V.Jonas, J Phys.Chem., 72,2469, 1968.
129. W.T.Raynes and M.A Raza, Mol Phys., 20,339, 1971.
130. H.I Rittrich and D Xirsch, Z Phys.Chem. (Leipzig), 257, 403, 1976.

131. HPiekarski and M.Tkaczyk, J.Chem.Soc., Faraday Trans., 91, 2299,

1965,



132

133,

134,

135,

136.

46

MIAralaguppi, C.VJadar and T.MAminabhavi, J.D.Ortego, -

S.C.Mehrotra, J.Chem.Eng Data, 42,301, 1997
S.Prabhumirashi, J Chem.Soc. Faraday frans., 174(2), 1567, 1978.
H.Takeuchi and M. Tasumi , Chem.Phys., 77,21, 1983 -

P.Buckley and M Brochu., Can. J. Chem., 50, 1149, 1972.

G.Douheret and A.Pal, J. Chem. Eng, Data, 33, 40, 1988,





