
THE THERMODYNAMICS OF SULPHURIC ACID IN ALCOHOLS FROM
ELECTROMOTIVE FORCE MEASUREMENTS

F. HUSSAIN AND S. S. HAQ,UE

Institute of Chemistry, the University of the Panjab, Lahore

(ReceivedJanuary18,1963)

Electromotiveorce measurementshavebeen madeon the cell
Pr, H2 (I atm.)/H2S04 (m), S/Hg2S04. Hg

where'S' standsfor organicsolventslikemethanolandn-propanol.The molalityof theacidwasvariedfrom0.022 to 4.00M.
Standardpotentialshavebeen evaluatedby the applicationof Debye-Hueckel Iimiting equationwith a linear term. Mean
ionic activitvcoefficientswere calculatedon the assumptionthat the acidactsasa uni-bivalentclectrol yte. The valuesof the
standardpotentialswere found to be 0.3754and 0.2687at pOCo for methanol and n.-propanol,respectively. The values
of meanionicactivitycoefficientswerefoundto bemuchlowerthanthosein aqueoussolutionsat the correspondingmolalities.

Introduction

Much stress has been laid upon the measure-
ments of activity coefficients of sulphuric acid in
water-alcoholic mixtures, but no data in this
connection so far are available in pure anhyd-
rous alcohols except that in ethanol given by
Scholl, Hutchinson and Chandlee. I

Bronsted 2 first studied the electromotive force
of the cell Pt, H2 (1 atm.)/H4S04 (rn) H;;.O/
Hg2S04. Hg at various temperatures and over
a wide range of concentration. In order to review
the work of Bronsted,> Lewis and Lacey 3 again
studied the same cell, and found that the activity
is not equal to the concentration except at in-
finite dilution. Randal and Cushman 4 carried
out similar measurements with the main idea of
finding the free energy of dilution of H2S04,
Upto 1923 the thermodynamic studies of the
above mentioned cell did not attract much at-
tention due to the lack of theoretical develop-
ment of the subject. The determination of ac-
tivity coefficients, which has previously been
regarded as purely ernperical quantities received an
impetus after the work of Debye and Hueckel.

In a critical survey of the previous determina-:
tions of activity coefficients measured by different
methods, Harned and Hamer 5 undertook a
thorough investigation with the help of the above
mentioned cell, but they could not study it below
0.05M. of H2S04 due to the solubility of Hg2S04.
Work worth mentioning about the e.m.f. measure-
ments is that of l'vlcDougal and Blumer,» in aqueous
acetic acid, of Shibata and Oda? in methanol-
water mixtures, of Crockford and Widemanf
in ethanol-water mixtures, of Land and Crock-
ford 9 in aqueous propan-z-ol and of French and
Hussain-? in ethylene glycol-water mixtures.
The present investigation was designed to extend
the thermodynamic properties of the solute from
the aqueous to non-aqueous solvents by e.m.f.

measurements with the help of the following cell:

ExperiInental

Material.r.-Sulphuric acid 100 % was obtained
by mixing concentrated sui ph uric acid and fum-
ing sulphuric acid containing 65% free sulphur
trioxide as described by Lange.t" The acid thus
obtained was analysed gravimetrically by the
barium sulphate method. As sulphuric acid is
hygroscopic in nature, the 100% sulphuric acid was
prepared in small quantities for the experimental
work.

AnalaR methyl alcohol was further purified by
the method of Lund and Bjerrum-> as outlined
by Weisberger.I3 The distillate from magne-
sium methoxide was further distilled over 2,4-'
dinitrophenylhydrazine in an atmosphere of nitro- .
gen to remove aldehydes and ketones. The finally .
fractionated product had d425 0.7865, nD25 1.3275
(Lit.14,15 d425 0.78662, 0.78654, 0.7866; nD25.
1.3276).

n-Propanol was the analytical reagent supplied
by the B.D.H. It was further dried and redistilled-
until a constant value in refractive index was ,1
obtained (nD25 1.3834). c ,')

.!'~ ._3.J" ! f

AnalaR mercury supplied by the B.D.H. was 1

further purified by passing repeatedly through'
dilute nitric acid column containing mercurous,
nitrate which was dried at 1wOC. and filteredvr
Mercurous sulphate was prepared by the reduction,
of mercuric sulphate by formaldehyde at 50° to ..'
55°C.

H2S04 ~.
2HgS04+H20+HCHO HpS04+HCOOH+ihS04"

I

The unercurous sulphate.obtained was preserved.
in 3M H2S04,
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Hydrogen supplied by the British Oxygen
Company was purified through passage succes-
sively through concentrated silver nitrate, pota-
ssium permanganate in concentrated sulphuric
acid and a solution of pyrogallol in concentrated
potassium hydroxide.

Preparation oj Electrodes.-The hydrogen elec-
trode consisting of a centimeter square of plati-
num foil was welded at one end with 0.5 mm.
thick platinum wire. To remove the coating of
platinum black the platinum electrode was first
cleaned by making it the anode in 6m. hydro-
chloric acid. The cleaned electrode was plati-
nized by the method of Popoff, Kunz and Snow,I6
and kept in conductivity water in dark till used.

For the preparation of the mercury-mercurous
sulphate electrode, mercurous sulphate stored in
3M. H<S04 was separated by suction and washed
several times with the solution of which the e.m.f.
was to be measured; it was then made into a
thin paste with the same solution and of such
consistency that it flowed readily from a 5mm.
diameter tube. This paste was transfered to one
of the limbs of the cell so that it covered the
mercury electrode to a depth of about I cm.
In all these operations exposure to bright light
was avoided as far as possible, since such exposure
causes a darkening of the Hg2S04 and the e.m.f.
values obtained under such conditions are some-
what higher and less reliable._

Apparatus and Procedure.--The apparatus em-
ployed in this investigation is shown in Fig. I.

The external saturator and the hydrogen supply
line was connected to the glass tripod separately.
1he connection between the hydrogen supply line
and the top of the tripod was made with the
help of the rubber pressure tubing. The ex-
ternal saturator and the hydrogen supply line
were also connected together via a solution flask.
This device was sufficient to saturate the solution
externally as well as in the cell. Moreover, the in-
ternal, external saturators and the cell could be
filled with the solution by the hydrogen pressure
only .. Purified hydrogen after bubbling through
the external saturator was allowed to pass through
the solution in the flask whose e.m.f. was to be
measured for two hours. As hydrogen is four
times more solubleI7,I8 in alcohols than- in I

water, this time was sufficient for the removal of
oxygen from the solution. The saturated solu-
tion ·VXt;l.S then drawn into the cell (previously
swept with hydrogen) by the pressure of hydrogen
and left in contact with the electrodes for several
hq1Y'~s~efqrJ feqdings were. commenced. For the
purpose of accuracy a triplicate reading was taken
irf.each:run and the mean of the three readings

was regarded as the measnred electromotive
force at the given molality.

Electromotive forces were measured by a Pye-
precision Vernier Potentiometer. A Cambridge
Weston Standard Cell with a built-in thermometer
was used as the working standard. The balance
point was observed by using a lamp and scale-
arrangement in conjunction with a high sensi-
tivity mirror galvanometer. This arrangement
enabled the measurement to be made with an
accuracy of 0.0 I mv. The time required for
equilibrium was 2-3 hours in the case of dilute
solutions and 6-8 hours in the case of concen-
trated solutions.

Results and Discussion

The values of the electromotive forces given in
the table at definite molalities were read from
large curves obtained by plotting the square root
of the molality against the measured electromotive
force corrected to one atmosphere pressure of
dry hydrogen. The density values were also
obtained by a similar procedure. These e.m.f.
data are compared with similar data for solution
in pure water obtained hy Harned and Hamero
in Fig. 2

Values of the standard potential for the two
solvent media were obtained as follows. The
electromotive force of the cell under investigation
may be expressed by the equation

E = EO - 3:F
T

In m±y± (I)

EO is the standard potential in the solvent in
question, and y and m are the mean activity
coefficient and molality of the acid respectively.
The rational mean activity coefficient f± is re-
lated to y± according to the equation:

a± = m]. y± = f± N± S (2)

where a± is the mean activity and N± IS the
mean mole fraction of the acid and S is a cons-
tant factor. From this we find that:

logy± = log f± + log N± -log m± + log S
(3)

log y± = log f± - log (I + .001 11mM) +
log .001 M + logS (4)

where M is the molecular weight of the solvent
and II is the number of ions produced by the
dissociation of one molecule of the electrolyte.
According to equation (4) when m approaches
zero, then log .001 M + log S also approaches
zero. So at infinite dilution equation (4) reduces
to: ..



THERMODYNAMICS OF SJ~PHUl,UC ACID IN ALCOHOLS 253
iq ;.

j.

The Debye Hueckel limiting eq.uation with a linear
term, in the case of sulphuric acid can be written
as:

6 322 X 106 - 0, 1-log f± = .,.",; I vi C + BC= - [1-rv C + BC,
(D t)2 (6)

Combining equations (I), (5) and (6) we
obtain the desired equation for the extrapolation

Fig l.--=-Design of the apparatus.

log r± = log f± -log (I + 0.001 v m M) (5) where do is the density of the pure solvent.

E + 2.303 X 3RT [IOgm41/3- [1-,10---2F-- v

where D is the dielectric constant of the solvent, log (I + .003 m M)
T is the absolute temperature and C = m do

TABLE I.

]

I I
=E=Eo-Bm

3
XIO
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If the left hand side of equation (7) which we
represent by E" is plotted against m, its value at
zero m would be the desired standard potential
EO, as is shown in Fig. 3.
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Fig 2.-Electromotive force (E) versus square root of the
molality (m)l- for various solvents.
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; Fig. 3.-Plots of function E' against the molality (m).

The. values of the dielectric constants of the
pure solvents required for the computation of the
limiting slopes f1. were taken from the literature.
The values of the densities, and dielectric
constants given in the table when combined with
the electromotive force data made possible the
computation of the left side of equation (7).
Values of all fundamental constants employed in
these computations were those adopted by the
International Critical Tables.

The activity coefficients were calculated from
the .equation :

0.5 1.0 *. 2.01.5

Fig. 4.-Plot of • log y± against the square root of
the molality of the acid in different media.

E = Eo _ ,3RT I2F" f14t m y±

Plots of - log y± against the square root
of molality of the acid shown in Fig. 4 give
curves which show a similar shape to that ob-
tained for pure water. For solvents of low dielec-
tric constants, association into ion pairs becomes
an appreciable one. Such an association into
ion pairs lowers the values of the activity
~oefficients. Consequently the low values of y±
In n- propanol whose dielectric constant at the
experimental temperature is 19. I is due to the
considerable association of the ions only.
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