ABSTRACT OF THESIS

The use of potassium carbonate-bicarbonate buffers as an
alternative to strong acids as CO2 rejecting electrolytes for low
temperature fuel cells has been investigated.
The physical properties which determine the suitability
of buffer electrolytes for fuel cells, conductivity and pu, have
been measured for solutions of i2CO3 (a) under

and (b) under

002 at 1 atmosphere pressure; and the behaviour of fuel cell
electrodes in these electrolytes has also been studied. These
conditions were chosen to represent the best and worst situations
likely to occur with potassium carbonate-bicarbonate electrolytes
in fuel cells.
Conductance measurements have been carried out at 25°C, 40°C,
6000 and 750C, easurements at low concentrations were carried
out with a conventional conductance cell, those at high concentrations
were carried out with an 'electrodeless' conductance cell.
Concentrations up to saturation have been studied. These experiments
represent the first complete study of such solutions over the full
concentration range and at temperatures other than 25°C.
pH measurements on these solutions were made by use of a
novel method in which e.m.fq values of cells containing hydrogen
ion responsive glass electrodes and potassium ion responsive glass
electrodes were determined. These measurements covered the full
concentration range at 25°C, 450C and 650C. (Attempts to obtain

reproducible results at 850C failed.)
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uensity measurements were de, primarily to interpret
trio conductivity results, by a pyknometrio technique over the full
range of concentration at 250C, 4u0C, 600C and 75°C. The results
obtained for te K2CO3 solutions under N2 are compared and
contrasted with the only available data and the values reported in
this work are shown to be preferable. The results obtained for
solutions under 002 are not available elsewhere.
The behaviour of fuel cell electrodes showed that
limiting current densities with hydrogen electrodes can be
increased by the use of thinner electrode substrates (a

quantitative analysis of these results is given).
'ohmic free' polarisation is reduced with oxygen electrodes as
the p11 of the buffer electrolyte is increased and a qunntita
tive description of the variation at two current densities is
given.
1mpirical expressions are given for the variaions of
conductivity and density with concentration. i method of
calculation of the ph values of the solutions under various
conditions of temperature and partial pressure of CO is reported
and is shown to agree well with the experimental results. The
sum of this information provides the means to estimate the optimum
conditions for the use of the potassium carbonate—bicrrbonate
electrolyte in fuel cells.
New values of limiting conductivity and apparent molal
volume have been obtained for the species K2003, thiCO3 and 002
(for 002 limiting apparent molal volume only) in aqueous solution
from the analysis of the results at low concentrations.
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ABSTRACT

The use of potassium carbonate-bicarbonate
buffers as an alternative to strong acids as CO2
rejecting electrolytes for low temperature fuel
cells has been investigated.
The physical properties which determine
the suitability of buffer electrolytes for fuel
cells, conductivity and pH, have been measured for
solutions of K2003 (a) under N2 and (b) under CO2
at 1 atmosphere pressure; and the behaviour of
fuel cell electrodes in these electrolytes has also
been studied. These conditions were chosen to
represent the best and worst situations likely to
occur with potassium carbonate-bicarbonate electrolytes
in fuel cells.
Conductance measurements have been carried
out at 25°C, 40°C, 60°C and 750C. Ileasurements at
low concentrations were carried out with a conventional
conductance cell, those at high concentrations were
carried out with an 'electrodeless' conductance
cell. Concentrations up to saturation have been
studied. These experiments represent the first
complete study of such solutions over the full
concentration range and at temperatures other than
25°C.

PH measurements on these solutions were
made by use of a novel method in which e.m.f.
values of cells containing hydrogen ion responsive
glass electrodes and potassium ion responsive
glass electrodes were determined. These measurements covered the full concentration range at 2500,
0
45 C and 65°C. (Attempts to obtain reproducible
results at 85°C failed.)
Density measurements were made, primarily
to interpret the conductivity results, by a
pyknometric technique over the full range of
concentration at 250C, 40°C, 60°C and 75°C. The
results obtained for the K2003 solutions under N2
are compared and contrasted with the only available
data and the values reported in this work are shown
to be preferable. The results obtained for
solutions under 002 are not available elsewhere.
The behaviour of fuel cell electrodes
showed that
limiting current densities with hydrogen electrodes
can be increased by the use of thinner electrode
substrates (a quantitative analysis of these
results is given).
'ohmic free' polarisation is reduced with oxygen
electrodes as the pH of the buffer electrolyte
is increased and a quantitative description of
the variation at two current densities is given.

Empirical expressions are given for the
variations of conductivity and density with
concentration. A method of calculation of the pH
values of the solutions under various conditions
of temperature and partial pressure of CO2 is
reported and is shown to agree well with the
experimental results. The sum of this information
provides the means to estimate the optimum conditions
for the use of the potassium carbonate-bicarbonate
electrolyte in fuel cells.
New values of limiting conductivity and
apparent molal volume have been obtained for the
species 1(2003, KHCO3 and 002 (for 002 limiting
apparent mol.l voliie only) in aqueous solution from
the analysis of the results at low concentrations.
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LIST OF sYImOLs

a

cell constant

a1

activity of species i also (1)
mean activity

c

concentration on molarity scale

C

concentration

Lx]

concentration of species X

CO

bulk concentration
concentration at electrode surface

d

density

D

diffusion coefficient

e

electron or electronic charge

E

equilibrium electrode potential; cell
electromotive force (e.m.f.)

E°

standard electrode potential

ELJ
f

liquid junction potential
activity coefficient on mole fraction
concentration scale

F

Faraday constant

H

enthalpy

I

current density

I1

limiting current density

I

current, ionic strength

K

thermodynamic equilibrium constant;
electrolytic conductivity

Kc

equilibrium constant in concentration terms

in

natural logarithm

log logarithm to base 10
m

concentration on inolality scale; also
used as unit i.e. m

P11

m

mol kg-1

molecular weight/g; molarity unit
i.e. M

n

m

mol dm

number of electrons
number of moles of species

P

pressure

pB

partial pressure of substance B in a gas
mixture

pci

-log10 [i]

pH

-log10 (H)

pK

-log10 K

pK n nth acidic dissociation constant
R

the Gas constant; rate of arrival of
diffusing species per unit area of electrode
surface; resistance

S

entropy

t

transport number

T

absolute temperature

V

partial molal volume

Wvac weight in vacuo
Wair weight in air
x
x

concentration on mole fraction scale
5 adsorbed species
charge number of ion i

Z

impedance

transfer coefficient, coefficient of linear
expansion
buffer capacity
T

activity coefficient on the ruolality
concentration scale
efficiency; dielectric constant
overpotential; viscosity

A, A equivalent conductivity
V1

number of ions of species i

P

specific resistance

0

apparent molal volume

Variations of the use of these symbols - i.e. with
subscripts and superscripts - are defined in the
text, as are other symbols used.
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INTRODUCTION

Chapter 1 : FUEL CELLS

1.1 •

Introduction
There is increasing concern over the possibility

of a forthcoming energy crisis caused by the growing
consumption of finite resources of mineral fuels.
Consequently, a great deal of research is being devoted
not only to finding alternative sources of energy but to
finding ways of using our present fuels more efficiently.
A primary source of fuel today is oil. This is
used for a great variety of purposes of which one of the
most important is as a fuel for the internal combustion
engine. This device, a heat engine, has a maximum
efficiency when working reversibly between absolute
temperatures T1 and T2 as given by Carnot's theorem:-

C = ( T1-T2 )/T1

In practice heat engines are irreversible and are limited
by the materials of their construction to operate over a
relatively small temperature range with a lower temperature of at least 3000 K. Their efficiency is therefore
low, seldom greater than 40/
6.
The device which has become known as the 'fuel
cell' is not limited by Carnot's theorem as it is not a
heat engine. All the free energy of the chemical reaction,

2
G, is theoretically available to do useful work whereas
a heat engine makes use of the enthalpy, W1, which is
smaller than aG by the quantity T1S, the product of the
absolute temperature and the entropy change.

1.1.1.

Principles
A fuel cell differs from primary and secondary

cells in having its chemical energy or fuel supplied from
an external source rather than being stored within the
device as part of the electrode. Whereas a secondary
cell such as a lead-acid accumulator will eventually
cease to supply electrical energy, having consumed its
internal fuel source, and can only be re-used by reversing
the process by recharging, a fuel cell remains, in
principle, unchanged by use. The fuel cell serves as a
means of converting an externally supplied source of
chemical energy - e.g. petroleum and air - into electrical
energy without undergoing any change in itself. In this
sense it is analogous to a heat engine. The fuel is fed
to one electrode, the oxidant to the other and an electrolyte separating the two electrodes completes the circuit
within the cell. Figure 1.1 shows diagrammatically the
concept as applied to converting the chemical energy of
the hydrogen/oxygen reaction into electrical energy.
In order to satisfy the condition that the system
is unchanged by use, the product, water, has to be removed
otherwise the electrolyte would become progressively
more dilute and incapable of completing the circuit

Figure 1 . 1
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within the cell. The example shown in Figure 1.1 is in
fact a very simple example of a fuel cell described
originally by Grove' and is the basis of the one which
to date has been the most successful in application.
More complicated fuel/oxidant reactions are more
difficult to control and often require complex auxiliary
equipment to maintain constant conditions and remove
unwanted products. However, a great deal of work has
been carried out on a large number of fuel cell systems
with a variety of electrode materials ranging from
carbon to nickel and platinum used with electrolytes
ranging from strong acids and strong alkaline solutions
to molten salts.

1.1.2.

Objectives
The purpose for which a fuel cell will be used

determines the objectives to be achieved in its design.
To provide the power source for an automobile the fuel
cell must be designed to satisfy various conditions.
Economic factors dictate the use of cheap materials and
to be an effective competitor with present internal
combustion engines the fuel cell must not only be cheap
but be at least as convenient to operate. In the interests
of quick starting and to allow the use of cheap
materials in construction such a unit would have to
operate at relatively low temperatures. This excludes
from consideration fuel cells with molten salt or other
similar electrolytes. However, for a unit operating as
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a fixed installation being fed by piped fuel and running
continuously (e.g. the power source for several houses)
a molten salt would be a suitable electrolyte.
For any application, design objectives to be
considered are the weight and volume of the unit, the
life, the cost and the efficiency expected. In these
considerations the unit has to be taken to be not only
the cell or battery of cells but includes the necessary
auxiliary equipment required such as electric motors,
pumps etc. Even if a fuel cell satisfies the primary
condition of using fuel efficiently, the failure to
achieve secondary objectives can render it unsuitable
for its intended purpose.

1.1.3.

yps of Fuel Cells
There are two main types of fuel cell, the main

distinction being the type of electrolyte used. (There
are many ways of classifying fuel cells - e.g. according
to the type of fuel etc - but the one chosen here is
convenient for a study mostly concerned with electrolytes.)
In the first kind the electrolyte is aqueous and the
transport processes within the cell involve the migration
of hydrated ions. In the second type the electrolyte is
non-aqueous.
Each of these two types can be subdivided into
further classes:Aqueous electrolytes:

These may be acid

solutions in which hydrogen ions are generated at the

fuel electrode by electrochemical oxidation of the fuel.
These hydrogen ions are ultimately discharged at the
oxidant (air) electrode to form water. In practice
sulphuric acid is usually used for such cells operating
below 8000 (low temperature cells) and phosphoric acid is
used at higher temperatures.
Alkaline electrolytes, e.g. potassium hydroxide
solution, are also used and with these hydroxide ion
migration is the basis of the transport processes within the
electrolyte. The hydroxide ions are generated at the
oxidant (air) electrode by electrochemical reduction of
oxygen in an aqueous medium.
Concentrated buffer solutions, neither very
strongly acidic or alkaline are a further alternative
electrolyte. In practice the most popular is the carbonate/
bicarbonate system in which hydroxyl ions are in
equilibrium with carbonate and bicarbonate. The
buffering action, hydrolysis of carbonate ions, replaces
hydroxide ions consumed at the fuel electrode. Acid
buffers, although in theory as useful as alkaline buffers,
suffer from practical difficulties (discussed in section
1.3.1.) and their use has been very limited.
A further class of aqueous electrolytes has been
proposed by several workers '3 ' 4 In this the electrolyte
is immobilised by gelling3 or by absorbing it into a
porous structure2 or onto fibres.4 There are practical
advantages with such a system - e.g. the electrolyte
will not spill or leak but there are also disadvantages
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with immobilised electrolytes (section 1.2.3.).
Ion exchange membranes have been used5 as the
electrolyte separating fuel and oxidant electrodes. Both
organic and inorganic, cationic and anionic materials
have been used although with air as oxidant the carbon
dioxide replaces the hydroxyl groups of an anionic
exchange membrane reducing its ability to function as an
electrolyte. Cationic exchange membranes have higher
conductivities than anionic ones. They are also more
stable used with 'air electrodes' and as a consequence
of these properties have been more extensively studied
than anionic membranes.
Non-aqueous electrolytes:

These have been

restricted in practice to two types of high temperature
electrolytes - fused alkali metal carbonates and solid
ionically conducting oxides. The fused carbonate
electrolytes, (typically a ternary eutectic mixture of
lithium, sodium and potassium carbonates) because of
their higher ionic conductivity, permit a lower temperature of operation than the oxide electrolytes do. They
have, however, the disadvantage shown by G-reger8 that to
maintain an invariant system with molten carbonate
electrolytes it is necessary to feed extra carbon dioxide
into the air supplying the oxidant electrode. The reaction
between oxygen and carbon dioxide at the electrode forms
carbonate ions,

02 + 2002 + 4e -

20032

A
These replace the carbonate ions discharged at the fuel
electrode. The oxide electrolytes have a simpler cathode
reaction,

02+4e __.: 20

This work is concerned with electrolytes for use
in low temperature fuel cells. The problems and techniques
peculiar to high temperature fuel cells are of little
relevance to the present study and are not considered
further.

1.2.1.

Problems with Fuel Cells
The primary objective - the achievement of the

high efficiency theoretically possible - becomes difficult
in practice. Unlike a heat engine, which is at its most
efficient at high loads, a fuel cell is most efficient
when doing least work. This is seen in Figures 1.2 and
1.3, polarisation and power curves for a hydrogen-air
fuel cell battery of five cells using a 6M KOH electrolyte
at 450C.' Figure 1.2 shows the fall in output volts as
the load or current density is increased. Figure 1.3
shows the corresponding power/current curve which
demonstrates that further increases of current beyond a
certain value can lead to a drop in power output. The
drop in voltage shown in Figure 1.2 is caused by 'polarisation'. There are three causes of polarisation.

Figure I. 2
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The fi:st and simplest cause of polarisation
arises from the internal resistance of the cell. The
drop in the terminal voltage of the cell which results
is called 'ohmic polarisation' and is equal to the
product of the current flowing and the total internal
resistance of the cell. This resistance is the sum of
the resistances of the electrodes and the resistance of
the electrolyte. To keep ohmic polarisation to a
minimum it is necessary to use both highly conducting
electrodes and electrolytes and to keep the electrode
separation to a minimum.
The second kind of polarisation, known as
concentration polarisation, arises from the depletion
of reactive species in the vicinity of the electrode.
At high current densities the rate of consumption of
these species reaches a limit when they are consumed as
fast as they can be replaced by diffusion or ionic
transport. The rate at which products are removed from
the vicinity of the electrode also limits the useful
current densities that can be drawn. Thermal and/or
mechanical agitation can be used to aid diffusion and
ionic transport processes and hence raise the terminal
voltage for a given current density and the limiting
current density.
While mechanical pumping of the electrolyte can
reduce concentration polarisation, the overall efficiency
of the system is reduced by the energy required to drive
the pump. When the current density reaches its limiting

value the terminal voltage of the cell falls to around
zero. In the case of fuel cells with the fuel dissolved
in the electrolyte the concentration polarisation is
predominantly caused by the rate at which the fuel is
supplied to the electrode. A high fuel concentration is
necessary for high current densities and this in turn
implies a high fuel concentration in the vicinity of the
oxidant electrode and its performance may suffer as a
result. In the case of gaseous reactants, however, the
relatively high mobility of gas molecules makes the
dominant source of concentration polarisation the finite
rate at which the ions of the electrolyte can be
replenished at the electrode surface. In some circumstances, however, it is found that the gas supply can
itself be a problem, especially in the case of air
electrodes. As oxygen is consumed the partial pressure
of nitrogen rises and the rate at which this gas can be
removed may become a limiting factor.
A simple treatments of concentration polarisation
can be used to calculate the concentration overpotential,
and the limiting current density. Assuming in the
first instance that transport is by diffusion only (the
case for non charged species, e.g. fuel molecules) we may
consider a layer of electrolyte of thickness ô (cm) to
exist adjacent and parallel to the electrode surface (taken
to be planar) and across which exists a concentration
gradient of diffusing species 0 given by,

12
gradient = (00-c5)/8

1.3

where C is the bulk concentration of the diffusing species
and C the concentration at the electrode surface. The
5

layer of thickness ô is a region of electrolyte depleted
in concentration as a result of the removal of the species

o from the solution by the electrode reaction. The rate
of arrival of the species at unit area of surface,
R(mcl cnr2sec), is given by,

R = D(00-05)/ô = I/nFA = i/nP

1.4

where D is the diffusion coefficient (cm 2 sec 1), I the
current (A) and i the current density (A c1f 2 ), A the
area (cm') and F the Faraday constant (9.6487 x 104
Cmol 1). The limiting current density occurs when
C5 —i' 0 and is given by,

= nFDC0/ô

1.5

For a charged species transport by migration may be
significant and a term has to be included to account for
the migration:

i/nP = t0i/nF + D(C0_05 )/o

where to is the transport number of the ion.

1.6
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Thus

i = nFD(00-05)/(1-t0)8

1.7

and

i4

1.8

= nFDC0/(1-t0)8

These equations are derived under the assumption that the
value of ô is constant. Solution of Pick's laws for
diffusion to a planar surface shows that in fact 8
increases with time. However, if the bulk concentration
and volume are sufficiently large and the solution is
stirred the assumption is reasonable. In a fuel cell
the species being removed at the electrode are continually
replenished by generation at the other electrode or by
external supply (e.g. fuel). This further justifies the
assumption and Williams and Gregory have shown that
limiting currents predicted by equation 1.8 agree well
with experimental values when the electrolyte is strong
acid, strong alkali or potassium carbonate solution.
From equations 1.7 and 1.8 we obtain

i/ioe = 1C/C

or

= 1-i/i
09

1.9

From the relationship between the concentrations of
electroactive species and electrode potentials as given
by the Nernst equation (equation 2.2 and section 3.2.)
the concentration overpotential, n, is obtained:

= RT/nF in

iJ(i4-i)

1.10
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The third type of polarisation is 'activation
polarisation'. The theoretical electrode potential (and
hence the fuel cell terminal voltage, the sum of two
such potentials) is calculated on the basis that the
electrode process is in a state of reversible equilibrium a state in which there is no net reaction - the forward
and backward reactions proceed at equal rates and
therefore the currents produced by these reactions a±'e
equal and opposite. However, when a finite net current
is drawn the state of reversible equilibrium is no longer
maintained. Even at low current densities this can lead
to considerable differences between the theoretical cell
voltage and the actual voltage, over and above the effects
of concentration and ohmic polarisation.
Nearly all chemical reactions proceed via a
transition state of higher energy than the initial
reactants. The reactants have to overcome an energy
barrier in becoming products. An electrode reaction such
as 1.11 is no exception:
kf
R

O+ne
kb

However, transition state theory does not adequately
describe the condition of an electrode reaction. There
is an electric field at the electrode-solution interface
which favours the reaction in one direction whilst hindering
it in the other. By taking this electric field and its

15

consequences into account, transition state theory has
been applied to electrode reactions"' and expressions
have been derived for the heterogeneous rate constants
for the forward and backward reactions (kf and kb
respectively) in terms of the standard free energy of
activation. From these expressions it can be shown"
that the current densities for the forward and backward
reactions, if and 1b' are related to the activation overby the expression:
potential,

nt

if = 10 exp(_anFa/RT)

= 1 exp([1_a]nFra/RT)

where

1.12

1.13

, the 'exchange current density, is defined as

i
0

the current density (Acm 2 ) flowing equally in each
direction at the electrode when rla=O. a, The 'transfer
coefficient', is that fraction of the potential (electric
field at the interface) assisting the forward reaction,
(1-a) being the fraction assisting the reverse process.
If we denote a net cathodic current density by IC'
(If >ib) and a net anodic current density by ia (ib )if),
appropriate subtraction of equations 1.12 and 1.13
followed by rearrangement yields the expressions 1.14
and 1.15

a

= RT(lni0 - ml C)/cnF

1.14

16
and

= RT (liii - lni0)/(1 -o)nP

1.15

where equation 1.14 expresses the activation overpotential
in terms of the current density for a net cathodic
reaction, 1.15 for a net anodic reaction. Equations 1.14
and 1.15 are of the same form as the experimental result
of Tafe]):

r=a+b log i

1.16

In general, equation 1.16 applies where the rate
determining step of the electrode reaction is a slow
electron transfer process, provided k1a > )2 3RT/flF
and that in the vicinity of the electrode the activities
of the reacting species are not markedly changed through
concentration polarisation. When, however,
ihIal<< 2.3RT/nF the result obtained is:

a = Ia RT/nFi0 = _iRT/nFi0

1 • 17

Equations 1.16 and 1.17 describe the activation
polarisation for the case of slow electron transfer,
the effects of which may be summarised:
a) Efficient electro-catalysis and a readily
established equilibrium result when the reaction is
characterised by a low energy of activation (energy to
reach the transition state). This is equivalent to a high
value of 10.
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The lower the energy of activation for the
fuel cell reaction the smaller is the activation overpotential.
As the effective area of the electrode increases
so the polarisation at a given current decreases.
This discussion of the three forms of polarisation
outlines briefly some of the problems associated with the
development of highly efficient fuel cells. Although
often treated as independent, the three types of
polarisation are in practice to some extent interdependent. Concentration polarisation leads to greater ohmic
polarisation by depleting a region of the solution of
ions, thereby reducing its conductivity, also the activities of the reactive species in the vicinity of the
electrodes are changed with consequent changes in the
activation polarisation.
There are further problems - slow cheraisorption
may limit the rate of reaction as can slow surface
reactions. These limit the current that can be drawn.
Side reactions can.reduce the current efficiency - i.e.
the efficiency of use of the fuel is reduced. The problem
is a complex one with many aspects which may have
conflicting solutions. It is just as important to solve
the problems associated with secondary objectives as it
is to solve those associated with the problems of the
primary objective of high efficiency. an efficient but
costly or unduly heavy unit is useless where a cheap or
light power source is required.

.

M
While the main aim of this work is to study electrolytes
and the associated problems in fuel cells, these problems
are often related to problems with other aspects of fuel
cell development. A study of electrolytes suitable for
use in low temperature fuel cells must therefore be
carried out with an awareness of the other problems
involved.

J.2.2.

Problems with Electrodes
A stringent requirement for all fuel cells is

that the electrode material and catalyst should not be
attacked by the electrolyte at any potential likely to
be encountered in the operation of the cell. The type
of electrode used depends not only on the electrolyte but
on the nature of the fuel. With a liquid fuel, soluble
in the electrolyte, a two phase system results. The
electrode is immersed in both electrolyte and fuel and
its physical form is not critical. However, if the fuel
is a gas - e.g. hydrogen or if we are considering the
oxidant (air) electrode, a three phase system results and
the physical form of the electrode becomes critical.
Usually a porous substrate onto which a particulate layer
of catalyst has been coated is used such that the liquid
phase seeps through the pores and the gas/liquid/solid
interfaces occur in the spaces between the granules Of
catalyst. With a three phase interface it is difficult
to achieve a very high effective electrode area even with
the porous electrodes described.
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It is found that the best catalysts are noble
metals - platinum, palladium, iridium etc., and in practice
these are usually combined with carbon. Use of these
expensive and rare materials is not a viable proposition
for a large scale commercial venture. However, it has
been found necessary to use expensive (and often toxic)
fuels - e.g. hydrazine - to achieve satisfactory results
with cheap catalysts such as nickel. So far no successful
commercial system has been devised based on the use of
cheap fuel with cheap electrode materials Certain
electrode materials suffer from the formation of surface
films with consequent deleterious effects on their
catalytic activity. Giner has analysed current voltage
curves obtained with platinum electrodes and methanol
fuel to show strong evidence of a poisoning reaction
between methanol and platinum. It was assumed that the
result of the reaction was to produce a chernisorbed
carbon monoxide layer which reduced the catalytic activity
of the platinum.
A further property which all electrode materials
must display is high conductivity. Without this property
they would contribute to ohmic polarisation. The
construction of the electrode must be carried out in such
a way that it is feasible to make a good electrical
connection with it.
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1.2.3._

Problems with Electrolytes
Like electrodes, electrolytes must have a high

electrical conductivity. Strong acids and strong alkalis
satisfy this criterion but are highly corrosive and thus
necessitate the use of expensive materials for the
electrocatalyst, construction of the cell and its
auxiliary equipment.
Corrosion problems are less severe with immobilised
electrolytes but these tend to produce more ohmic and
concentration polarisation than liquid electrolytes.
Ion exchange membranes of reasonable stability have been
demonstrated" but problems are encountered with gaseous
fuels which require the establishment of a satisfactory
three phase system. Electrodes have been developed"
which alleviate this problem but they have a relatively
high resistance.
The most satisfactory results obtained in low
temperature fuel cell development have been with liquid
electrolytes, either strong acids or alkalis. Although
a neutral salt would be much less corrosive, large pH
changes would occur at the electrodes as soon as a
current was drawn, causing severe polarisation. At the
anode the hydrogen ions produced would cause an enormous
pH drop while at the cathode a simultaneous corresponding
rise would occur due to the formation of hydroxide ions.
Obviously this situation does not arise in strong acid
or alkaline electrolytes.
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Alkaline electrolytes are found to be less
corrosive913 than acidic ones but the inability to reject
the carbon dioxide formed by the oxidation of carbonaceous
fuels is a severe restriction on their use.

1.3.1.

The Case for Buffer Electrolyte
Because of the highly corrosive nature of strong

acid electrolytes, whether they are strong oxidising
agents such as nitric acid or simply sources of hydrogen
ions such as sulphuric acid, it is necessary to find an
alternative, less corrosive electrolyte for a practical,
economic fuel cell. As discussed above, the less corrosive
alkaline electrolytes are unacceptable when used with
carbonaceous fuels. Neutral salts cause severe polarisation as a result of their zero buffer capacity. The
only alternative as a liquid electrolyte is a buffer
solution, neither strongly acid or alkaline and therefore
relatively non-corrosive, and of low enough pH to reject
the carbon dioxide formed by the oxidation of carbonaceous
fuels. From the corrosive standpoint, alkaline buffers
are preferable as the major problem faced by fuel cell
technologists is finding a cheap electrocatalyst. This
problem is more likely to be solved if the electrocatalyst
does not have to survive a corrosive environment. To
date, acid buffers have received little attention other
than as electrolytes in some 'biochemical' fuel cells
which use live bacteria or enzymes to catalyse the
electrode reactions. In general the low electrical
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conductivity and the poor performance of oxygen electrodes
in acid buffers has restricted the attention paid to
these electrolytes. There is a strong case, therefore,
for a study of alkaline buffers as fuel cell electrolytes.

1.3.2.

The Necessary Properties of a Practical Buffer
Electrolyte
The advantages of a buffer electrolyte are

discussed in the previous sectiona However, strong acids
and alkalis have a number of properties which have made
them obvious materials for study as low temperature fuel
cell electrolytes. It is important that a buffer electrolyte to be considered as an alternative also possesses
these properties. A high electrical conductivity and
buffer capacity are properties of strong acids and alkalis
which has led to their use in many fuel cell studies.
While a buffer electrolyte will not possess these properties to the same extent, its composition must be such
that its electrical conductivity and buffer capacity are
as high as possible and do not lead to serious ohmic and
concentration polarisation. The electrolytes used to form
the buffer solution must therefore be of high solubility
so that a high concentration may be achieved. (The
reasons for this are discussed in more detail in Chapter
2).
As discussed in the previous section, the buffer
would be an alkaline one and as such will have an upper
limit of pH above which it will be incapable of rejecting
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carbon dioxide and therefore will not satisfy the
criterion of invariance. As discussed in section 2.1
this upper limit is approximately equal to plC2 (10.3 at
250C), the negative logarithm of the second dissociation
constant of carbonic acid. Thus a necessary property of
the buffer electrolyte is that its p11 should be less than
or equal to plC2 at the temperature of operation of the
cell.
A further important property is that the buffer
should contain no powerful oxidising or reducing agents
as it would lose the advantage of non-corrosion and
there would be a risk of chemical reaction with the fuel.
Materials of which the buffer solution is composed
must be inexpensive and abundant, a criterion which must
be satisfied by all components of the cell if it is to be
used on a very large scale. Such use also demands a nontoxic composition and in this respect buffers have a
further advantage over strong acids and alkalis.

Carbonate/Bicarbonate as a Possibility

1.3.3.

Potassium carbonate is cheap, abundant and
relatively non-toxic. As a buffer system potassium
carbonate and bicarbonate are potentially capable of
satisfying the conditions outlined in the previous
section.
The carbonate and bicarbonate ions are the
negative ions primarily responsible for current transport
and are relatively mobile thus not giving rise to serious
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problems of ohmic or concentration polarisation. The
potassium salts are reasonably soluble and potassium ions
are also relatively mobile. High buffering capacity can
be achieved. The hydroxide ions are in equilibrium with
the carbonate and bicarbonate ions:

C032_+ 1120

'
1100 + 11 2 0
IF,
3

0H + H003

0H + H2003

Removal of hydroxide ions by reaction at the fuel electrode
is compensated by the hydrolysis of carbonate ions.
Carbonic acid, H2 CO is in equilibrium with a partial
39
pressure of carbon dioxide and hence the rejection of
this gas forms a part of the buffer system. This further
equilibrium enhances the buffer capacity but is limited
in the rate of establishment of the equilibrium by the
rate of the physical solution or desorption of the gas.
Carbonate solutions are not very corrosive and
the corrosion that does occur, as in general with alkaline
electrolytes, is the result of reactions such as the
formation of anionic metal complexes. These reactions
can be prevented by the correct choice of materials which
need not necessarily be uneconomically expensive.
The carbonate/bicarbonate system appears to be
capable of satisfying the necessary conditions required
of a buffer electrolyte. It has been the most popular
electrolyte in the study of buffer electrolytes in fuel
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cells and as the case for an alkaline buffer electrolyte
becomes stronger as a result of the failure to incorporate
acid or alkaline electrolytes in a practical economic low
temperature fuel cell the carbonate/bicarbonate system
becomes worthy of more intensive study.
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Chapter -2 : FUEL CELLS WITH BUFFER ELECTROLYTES

2.1.

Theoretical Considerations
The processes of oxidation or reduction occurring

at electrodes may reach a position of equilibrium which
can be represented by:

xO+ne___
yR
117

2.1

where 0 is the oxidised species, H the reduced species.
Jhen reaction 2.1 is in a state of reversible equilibrium,
there will be a difference in potential between the
electrode and electrolyte directly related to what is
called the electrode potential of the system. (It is
not equal to the defined electrode potential as that
depends on the choice of the standard reference potential,
which is that of the standard hydrogen electrode.) It is
possible to calculate the equilibrium potential, B, as
a function of the activities of the species involved in
the reaction. Use is made of the general form of the
equation derived by Nernst' (called the Nernst equation).
For reaction 2.1 this may be written as:

B =0 + (RT/nF)ln(0)X/(R)Y

2.2

where ii is the gas constant (J mol'K 1), T is
the absolute temperature (°K), F is the Faraday
(9.6487 x 104 C mo1 1 ), ( ) represents the activity of
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the species involved and n is the number of electrons
involved (equivalents mole-'). Ji is defined as the
potential of the system when all the species, 0 and R,
involved in the equilibrium are at unit activity.
In a fuel cell reaction the species involved
include hydrogen or hydroxide ions. (Hydrogen ions are
produced at the anode, hydroxide ions at the cathode.)
Thus the electrode potential depends on the activities
of hydrogen or hydroxide ions. These activities are
related by the expression:

= (H)(OH)

2.3

with the assumption that (H20) = 1.
The pH of a solution is defined as:

pH = -log1

2.4

Thus the electrode potential is dependent on the
electrolyte pH. Therefore, an important property which
a fuel cell buffer electrolyte must possess is the ability
to maintain the pH of the solution at a given value.
The quantitative expression of this ability is defined
in terms of the buffer capacity'3, 3, where

?b/pH = -a/pH

2.5

'ib is an increment of strong base in gram equivalents
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the species involved and n is the number of electrons
involved (equivalents mole-'). Eo is defined as the
potential of the system when all the species, 0 and R,
involved in the equilibrium are at unit activity.
In a fuel cell reaction the species involved
include hydrogen or hydroxide ions. (Hydrogen ions are
produced at the anode, hydroxide ions at the cathode.)
Thus the electrode potential depends on the activities
of hydrogen or hydroxide ions. These activities are
related by the expression:

= (H)(0uT)

2.3

with the assumption that (H20) = 1.
The pH of a solution is defined as:

pH = -log1 0(H)

2.4

Thus the electrode potential is dependent on the
electrolyte pH. Therefore, an important property which
a fuel cell buffer electrolyte must possess is the ability
to maintain the pH of the solution at a given value.
The quantitative expression of this ability is defined
in terms of the buffer capacity9 R, where

= b/pH = -a/pH

2.5

ib is an increment of strong base in gram equivalents
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per litre, a is an increment of strong acid, the negative
sign indicating a decrease in pH when acid is added. A
solution of high buffer capacity shows little change
in p1-I for a given amount of added acid or alkali. A
strong acid or strong base has a high buffer capacity
in solution - a neutral salt has very low buffer capacity.
This is well illustrated by reference to the titration
curve for a strong acid titrated with a strong base.
Very little change in pH occurs until the end point
(neutrality) is approached when very small additions of
titrant cause large changes in pH. Once the end point
is passed the pH again undergoes little change with
added titrant, now assuming values close to that of the
titrant. A buffer solution may be composed of a mixture
of a weak acid and its salt with a strong base. The salt
is completely dissociated into cationic and anionic
species, the acid is only partially dissociated. The
equilibria 2.6 and 2.7 are established

2.6

HA

A+H20

where

- HA+OH—

2.7

HA represents a simple weak acid, such as acetic

acid, and A is the anion produced by its dissociation
and by dissociation of the salt. The equilibrium constant
for 2.6 is known as the acid dissociation constant, KA,
and is given by:
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2.8

KA = (H)(A)/(HA)

The activity of the acid, (HA), is considered equal to
its concentration, [HA], as it is an uncharged species.
(Activities and activity coefficients are discussed in
detail in Chapter 3.) Addition of acid or alkali to
such a buffer solution is compensated in terms of ph
change by the re-establishment of the equilibria 2.6 and
2.7. The pH of a buffer solution is given by the
Henderson-Hasselbach approximation

pH = pKA + log1 0[A]/[HA]

2.9

where pKA = _log10K. The buffer capacity of such a
solution may be calculated" as follows:For an initial concentration of weak acid and salt, C,
(C = [HA] + [f]) and with b gram equivalents of strong
alkali added, the total volume remaining constant, the
condition of electroneutrality can be expressed by:

b = [A] - [H) + [o11] = [Kb ]

- [H]

+
2.10

where KCW = [H][0H], the ion product constant for water.
If the dissociation constant of the acid is expressed in
terms of concentrations rather than activities we have

= [H][A]/[HA]
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Thus

[A] = KCA[HA]/[H]

and therefore
[A] = KCAfC_[A])/[H] = KCAC/tKCA + [H])

2.11

Substitution of equation 2.11 into equation 2.10 and
differentiation with respect to pH gives:

= b/pH = 2.303[KCA[H]/(KCA + [H])2

+ [

H] + [OH])
2.12

Similar reasoning shows the expression for strong acid
or alkali to be:

= b/pH = 2.303[[H] + [OH])

2.13

With a low concentration, C, 0.01 to 0.1, and with a pH
value of between 3 and 11, the buffer capacity is almost
entirely determined by the term KCA[H]/(KCA + [H])2
in equation 2.12. At low or high pH values, however,
the terms [H] or [OH] dominate and we have the situation
of the high buffer capacity of the free hydroxide or
hydrogen ions as expressed by equation 2.13. It is
found that the maximum buffer capacity for a weak acid
system of given concentration, C, occurs when [H] = KCA.
Thus from equation 2.12:

max = 2.3030/4 = 0.5760

2.14

31

The maximum value is, to a first approximation,
independent of KCA. The above arguments neglect any
changes in activity coefficients due to changes in C.
It has been observed" that interionic effects put a
practical upper limit of about 0.2 on the buffer
capacity.
Another criterion by which the success of a
buffer electrolyte used in a fuel cell is judged, is its
ability to reject carbon dioxide. The reaction which
determines this can be written for a general buffer
system as:
CO2 + H2 0 + 2H 1A (m+1)

2HA_m + CO -

The extent of this reaction is a measure of the inability
to reject 002. The equilibrium constant for this reaction
is:
K = LHA_mf[0O2]/LH_1A_(m+1)]2[OO2] = K1K2/KA2

2.15

where K1 and K2 are the first and second ionisation
constants of carbonic acid, and K is the ionisation
constant of buffer acid, HA_m. For finite carbon
dioxide pressures it can be shown that the formation of
carbonate becomes appreciable when K

is of the order of

10 1 or smaller. When large quantities of carbonate are
formed the buffer has been largely converted to its acid
form and can no longer function effectively as a buffer.
Further reaction with carbon dioxide occurs -
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H0
2 + CO+
2 Co3:8- -

- 2H003

for which the equilibrium constant is K1 /K2. This is
the equilibrium constant, K, of equation 2.15, when the
buffer system is a bicarbonate-carbonate buffer.
Here
HA-m = HCO 3 p Un 1 (m+1) = CO 3 2 and K

= K2

Work 21,2 carried out on the equilibrium system, potassium
carbonate, potassium bicarbonate, carbon dioxide and
water, over the range of conditions useful for the
removal of 002 from gases by such solutions, cover
the temperatures and partial pressures of carbon dioxide
of interest in fuel cell studies. The results show that
under the conditions that would be found in a fuel cell
system, the equilibrium solution is capable of acting as
a buffer. Any buffer system with an acid, component which
is a weaker acid than bicarbonate ion cannot be invariant
when used with carbonaceous fuels. Thus, the upper pH
limit for electrolyte invariance is approximately equal
to pK2, the negative logarithm of the second dissociation
constant of carbonic acid. If the carbonate/bicarbonate
equilibrium has the necessary properties of conductivity
and buffering capacity it would represent a very cheap
and convenient electrolyte for a practical cell capable
of operation at the highest pH consistent with invariance
while consuming carbonaceous fuel.
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The experimental work of Beltzer23

9 24

has

demonstrated that buffer electrolytes show considerably
more concentration polarisation than do acid or alkaline
electrolytes. The sources of polarisation with buffer
electrolytes were discussed by Beltzer in the following
terms: the sequence of reaction occurring at the anode
of a fuel cell employing a buffer electrolyte can be
expressed as:

1H2 + H
20

>H 0 + e
3

H_1A-(m+1) + H3 O

> HA

(anodic discharge)

(fast recombination)

i) and 2) occur at the electrode. In step 2 the buffer
is functioning to prevent large pH changes due to the
hydrogen ions produced by the electrochemical oxidation,
step 1. The hydrogen ions react with the basic buffer
component. Step 3 below is a slow diffusion/migration
process.

r
L

H_1 A (m1)

solution) - H_1 A_(m+1 )(electrode)

HAm (electrode)

Hfm (bulk solution)

That step 2 is very fast has been established by Eigen.25
The rate limiting step is step 3, involving the simultaneous diffusion of the basic and acidic buffer components respectively, into and out from the region of the
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electrode, which is taken to be a layer of solution in
contact with the electrode. In this layer the concentration of ionic species involved in the reaction is different from that in the bulk solution. Using the
assumption that a linear concentration gradient exists
across this layer for each reacting species, and that
Pick's law of diffusion is applicable, the steady-state
concentration of the buffer components at the electrodeelectrolyte boundary can be calculated. Hence the
change in pH at the boundary and the concentration
polarisation can be calculated as a function of current
density.
Under steady state conditions the rate of
consumption of the basic buffer component equals the
rate at which it is replaced by mass transfer. This is
expressed as:

2.16

i/F = DB(OB°-CB)/ô + tBi/P

where OB° is the bulk concentration of the basic component
(equivalents cm), 0B is the concentration at the
electrode due to current density, ± (A cm), t

and

DB are the transport number and diffusion coefficient
respectively of the basic component. 8 is the thickness
of the boundary layer. By rearrangement, the limiting
obtained
anodic current density, LA' is

CB/CB° = 1_i(1_tB)8/CB0DB F = 11/LA

2.17

where

11A = DBCB°P/(1_tB)ô

2.18

which results from substitution of 0B = 0 in equation
2.16. A similar argument leads to the expression for
the limiting cathodic current density

1LC = DA0F/(1+tA)ó

2.19

To achieve minimum concentration polarisation and the
highest possible limiting currents, the properties
required of a buffer are high concentration and high
values of DA, DB, t

and tBlI

The Henderson-Hasselbach approximation (equation
2.9) may be expressed in terms of OB° and CA° as:

PH = PK + logC/C °

2.20

By substitution of the expressions for 0A and 0B in terms
of i and 1LA' i and 1L0 respectively (equations 2.17 and
2.21) into the Henderson-Hasselbach equation, the pH at
the electrode can be calculated.

CA /CA = 1 +i(1 +tA)8/ODAF = 1+i/iLC

2.21

Subtraction of this value from that obtained by equation
2.20, the pH of the bulk solution, gives the pH change
produced at the electrode (anode) as a result of the flow
of the current density, i. This value, LPHAP is given
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by the expression

PHA = logC[1_i/LA
i]/[1+i/iQ])
L

2.22

From this, using the Nernst equation (2.2), the anodic
concentration polarisation, rAC, can be calculated as:

Ac = _2.3(RT/F)(pHA)

2.23

The analogous reasoning for the processes occurring at
the cathode yield the expressions

and

pH0 = log1L1+i/i1/[1_i/i 0]1

2.24

Cc = 2.3 (RT/P) [pH0]

2.25

By contrast with acidic or alkaline electrolytes a
limiting current is obtained at both anode and cathode.
In an acid electrolyte a limiting current is found only
at the cathode."' Here the diffusing species is hydrogen
ion and the limiting current given by

iLC (acid) = DTCH OF/ (1_tH)ô

2.26

where t11, C110 and D are the transport number, bulk
concentration and diffusion coefficient of the hydrogen
ions. In alkaline electrolytes, the limiting current
arises at the anode as a result of the finite diffusion
of hydroxide ions.
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1LA (alkali) = DOH OP/(1 _tQH)ô

2.27

Here, tOH C0 and DOH are parameters referring to the
hydroxide ion. The limiting currents obtained in acids
and alkalis are considerably greater than those that can
be obtained in a buffer system. This is due to the
peculiarly high ionic mobilities of hydrogen and hydroxide
ions. Taking dihydrogen phosphate as an example of a
buffer ion whose finite diffusion gives rise to limiting
currents, Beltzer23 has calculated that the limiting
current density for an acid electrolyte (e.g. Hal) is
over 40 times greater than that for the buffer at the same
concentration. The polarisation at currents less than
the limiting value is greater in a buffer than in an
acid or alkaline electrolyte. Beltzer's calculations
concerning concentration polarisation at the anode in
buffer and in alkaline electrolyte at the same current
density show that the ratio 6pH (buffer)/PHA (alkali)
is approximately 50 and this equals the ratio of the
polarisation, nA (buffer)/r (alkali). This ratio is
the result of the larger mobility of hydroxide ions
coupled with the larger buffering capacity of a strong
alkali over a buffer solution. Similar results are
obtained in the comparison with acids. Despite the
enormous advantages these results seem to indicate for
acids or alkalis over buffers, the disadvantages previously
mentioned may, in many cases, outweigh these advantages.
The relatively poor performance of buffer electrolytes

does not necessarily render them useless or unworthy of
consideration. As discussed in the next section, the
high performance of acid or alkaline electrolytes with
respect to concentration polarisation is more than is
required in a practical cell.

2.2

Extent of Other Work
There has been a considerable disincentive to

study buffer systems as fuel cell electrolytes resulting
from some pessimistic publications regarding their
suitability, especially when compared to the acid or
alkaline alternatives. A notable example of this is the
paper by Williams and Gregory" who conclude
'... in order to have a satisfactory power/volume ratio,
the low temperature fuel cell must use either a strong
acid or strong alkali electrolyte. On economic grounds,
a carbonaceous fuel is essential, but this precludes the
use of alkali. ... there is no fundamental objection to
the acid fuel cell.' The first sentence of the abstract s
reads: It is suggested that because of concentration
polarisation only strong acids or strong bases are
suitable as electrolytes for commercially acceptable
low temperature fuel cells.' These conclusions ignore
the problem caused by the highly corrosive nature of acid
electrolytes. Cairns and 7iacDonald27 carried out a study
of low temperature fuel cells using hydrocarbon or carbon
monoxide fuel and employing electrolytes composed of
aqueous solutions of the carbonates and bicarbonates of
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caesium or rubidium. They have shown that these electrolytes are invariant - they maintain an alkaline pH while
rejecting 002. The caesium and rubidium salts were
chosen for their high solubilities which led to several
advantages. The high concentrations possible enabled
buffers of high capacity and electrical conductivity to
be prepared. Because of the high concentrations of
electrolyte, higher operating temperatures were made
possible (up to 200°C) as the solution boiling point was
correspondingly high. This ability to operate at high
temperatures aided the rejection of carbon dioxide as
gas solubility decreases with increasing temperature.
The most significant work advancing the case for
buffer electrolytes is that of Beltzer.23 Besides the
theoretical work discussed in the previous section,
important experimental work was carried out to verify
the theoretical conclusions and which demonstrates that
buffer electrolytes are worthy of serious consideration
for use in a practical low-temperature cell. Polarisation
measurements were carried out using the buffers:

im

'2°4 +

iN K2HPO4 and 2M RbH2PO4 + 2M Rb2HPO4

and these have shown that the differences predicted by
theory between the polarisation obtained with strong
acid or alkali electrolytes (3010 H2SO4, 3M KOH)
and those obtained with buffer solutions are found in

practice. Beltzer has calculated that for a 3M acid
electrolyte, assuming a boundary layer thickness, 5, of
10cm, the limiting current density is approximately
6000 m cm

The practical current density range,

1 00-400 mA cif2 is therefore far below the value for 3M
acid. A buffer electrolyte would have a limiting current
density of approximately 120niA cif2 which is within the
required range.
Beltzer has shown that electrode structure is
siificant in determining the success or failure of a
buffer electrolyte in terms of the limiting currents
obtained. The structure effect is not observed with
acids and alkalis as the high mobilities of the hydrogen
and hydroxide ions swamp the effect, which is due to
localised concentration polarisation within the structure
of the electrode. He has demonstrated the large differences of polarisation obtained with hydrogen electrodes
in phosphate buffer (iM K2HPO4 + iN KH2PO4) on differently
constructed electrodes. The polarisation is particularly
severe with membrane electrodes. Similar effects have
been observed with carbonate buffers. Both buffers
exhibit varying degrees of polarisation on various types
of porous diffusion electrodes with which the problem is
generally much less severe than with membrane electrodes.
The structure of the electrode used with a buffer
electrolyte is very much less important when the fuel
is dissolved in the electrolyte. In this case the
electrode does not contribute so significantly to

41
concentration polarisation by imposing a physical
restriction on diffusion processes. By stirring the
electrolyte, Beltzer found that significant decreases in
polarisation were observed in carbonate and phosphate
buffers containing methanol fuel and operating at 6000.
He was able to obtain current-voltage curves with methanol
fuel in phosphate buffer (iN K2HPO4 + iN KH2PO4 - pH 6.6
at 25°C) and carbonate buffer (iN K2003 + iN KHCO3 PH 10.2 at 25 0C) which were stirred. These curves
displayed considerably less polarisation than the curves
obtained with unstirred 30 sulphuric acid. It has been
shown" that stirring sulphuric acid solutions containing
iN methanol has no effect on anode performance. It has
also been shown" that with low methanol concentrations
(.1N), identical steady state current-voltage curves
are obtained in quiescent as well as in stirred
strong acid and strong base electrolytes. That stirring
has a beneficial effect with buffer electrolytes is
due to the relatively high concentration polarisation
in these buffers. An increase in buffer concentration
would be expected to reduce the concentration polarisation and the stirring effect. The use of buffers which
are salts of polybasic acids having successive ionisation
constants sufficiently close in value to avoid large
differences in buffering capacity would also be expected
to reduce concentration polarisation. Beltzer 23 carried
out tests with methanol electrodes in stirred and unstirred solutions, 2M in each of RbH2PO4 and Rb2HPO4 and in
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solutions iN in each of K311P207 and K4P207, the latter
being an example of a buffer with more than one ionisation
constant of similar value. The reduction in concentration
polarisation obtained with both of these solutions was
demonstrated by the greatly reduced effect of stirring
the solutions.

2.3

The Carbonate-Bicarbonate System
The work of Cairns and MacDonald" has shown the

success of the carbonate/bicarbonate system when used as
solutions of the caesium or rubidium salts. However, the
cost and availability of these metals restricts the use
to which a cell containing such an electrolyte might be
put. No study has been carried out with cheaper salts
such as potassium carbonate/bicarbonate to determine the
composition and properties of such a solution which will
give optimum performance when they are used as electrolytes
in a fuel cell. That such solutions have potential value
for use in fuel cells is demonstrated by the work of
Beltzer23 already discussed. Because of the complex
equilibria existing in these solutions it is unlikely
that a particular composition of solution at a given
temperature will give the optimum results in terms of all
three types of polarisation and in terms of carbon dioxide
rejection. It is believed that the lack of fuel cell
research with these electrolytes results at least partly
from the dearth of published data concerning the relevant
physical properties of such solutions at the temperatures
and concentrations of interest.
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Such properties include ionic conductivity and
pH, both of which are important in determining the success
or failure of such a solution as a fuel cell electrolyte.
A major proportion of this work is devoted to the
determination of these and other physical properties of
solutions of potassium carbonate and bicarbonate under
various conditions of interest to fuel cell research.
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Chapter 3
THE PHYSICAL PR0PEftTIES OF JLUCTROLYTE SOLUTIONS

3.1.

Introduction
In order to reduce ohmic and concentration

polarisation, aqueous fuel cell electrolytes
invariably have very high solute concentrations.
The physical properties of these solutions, unlike
those of dilute solutions, cannot be reliably
estimated by theoretical treatments and they must
therefore be determined experimentally.
The experimental section of this thesis
describes pH, density and conductivity measurements
on potassium carbonate and bicarbonate solutions
over a wide range of concentrations. To interpret
the results, the available theories for dilute
solutions and their empirical extensions to higher
concentrations have, where possible, been used. The
theoretical expressions for the variation of
activities and activity coefficients, apparent
inolal volumes and electrolytic conductivity with
electrolyte concentration, which are required for
this interpretation, are outlined in sections 3.2 3.4.

3.2.

Activities and Activity Coefficients
The pH of a solution is defined as the negative

logarithm (to base 10) of the hydrogen ion activity.
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The pH of an electrolyte solution is a function
of the equilibria present in the solution, in so far
as these equilibria involve hydrogen ions. Thus the
pH is related to the activities of other ionic
species present in the equilibrium. Activities are
related to concentration through the following
expressions:

a = Ym
a = fx
a = yc

where in, x and c are the concentrations of solute
on the molality, mole fraction and molarity scales
respectively. Y, f and y are the corresponding
activity coefficients. The molality, In, of a solute
is defined as the number of gram moles of solute per
kg of solvent (naol kg 1 or in), the mole fraction of
solute (for a binary solution) is the ratio of the
number of gram moles of solute to the sum of the
number of gram moles of solute and solvent. The
molarity, c, is defined as the number of gram moles
of solute per din3 of solution (mol dm or M). The
differences between the three concentration scales
diminish with decreasing concentration and below
0.05 N they are less than 0.1. However, at concentra—
tions used in fuel cells (i.e. above 1 molal) the
differences between values on different scales are large.

In an electrolyte solution in which the solute
is dissociated into ions the individual ionic activity
coefficients cannot be measured. Instead the activities
of such solutes are described by mean ionic activities
and activity coefficients. The mean activity, a±,
for a 1:1 salt, NX is defined by:

a = (aa)

3.1

Thus the mean activity coefficient, (,is given by:
= (m2 i+_ )
= (T_)2

where

a± =

For an unsymmetrical electrolyte of
v

3.2

cations and

anions, N X\'_ , the mean activity is defined:
++\)-) = a+ a_ —

3.3

and the mean activity coefficient, Y+, is given by:

±—

,i+

Y_ i,

3.4

Equation 3.4 relates the mean ionic activity coefficient
of the electrolyte in solution to the individual ionic
activity coefficients of the constituent ions. These

47
activity coefficients differ from unity primarily
because of ionic interactions which cause non-ideal
behaviour, and by use of a suitable model to describe
these interactions an estimate of + can be made.
This was done by JJebye and Huickel2 , whose
calculations of activity coefficients are based on the
assumption that the deviations from ideal behaviour are
entirely due to the interactions of the electrical
charges of the ions. Each ion is assumed to be spherical
and undeformable. It has a mean diameter, a, which is
the distance of closest approach of the charges, the
charge, Ze, being carried at the centre of the ion.
In the absence of interionic attraction and repulsion
the ionic distribution would be random throughout the
solution. However, each cation attracts anions and
repels other cations (and vice versa), and thus any
individual ion will, over an average time, exist in
an 'ionic atmosphere' of opposite sign. Debye and
}iickel obtained expressions for the distribution of
ions in this atmosphere and the electric potentials
arising from it and hence they obtained an equation
for the change in the free energy of an ion arising from
ionic interactions. This in turn gave the DebyeHckel equation:

log y+ = _AIZ+Z_(12/(1+Ba12 )
where A and B are constants:

3•5

-3
S
A = (2rrN/103)(e3 / 2.303 k )(€T)
= 1.8246 x 10/(cT) mo1 i2 dm2 KI
B = (8Ne2 / 1 0k)(cT)_
1

_.

= 50.29 x 108/(cT)2 cm mol dm K12
k = R/N, i.e. Boltzmann constant (1.3805 x 10-3 JK-1);
is the dielectric constant of the solvent. I, the
ionic strength, is defined as:

3.6
1

For very low ionic strengths the term Ba12 becomes
negligible compared to unity and equation 3.5 approaches
the form:
log ± -Al Z+Z_lI2

3.7

which is known as the Debye-liUckel limiting law. It
is only obeyed with precision at very low concentrations;
1

the error in -log y caused by neglecting Ba12 is
approximately 3 for solutions of concentration 10M.
Equation 3.5 can often be used to represent activity
coefficients up to an ionic strength of 0.1 mol dm
The rigid spheres model does, however, ignore
short range ion-solvent interactions and ionic interactions which require a non-rigid spheres description.
Such phenomena are all likely to give rise to linear

variations in activity coefficients with concentration,30
and by adding a term linear in ionic strength to the
right hand side of equation 3.5 the following
expression is obtained:

log y+

_AZ+ZI2/(1+BaI2) + bI

3.8

In this form, b and a are parameters which can be
adjusted to fit the experimental data, and equation
3.8 finds wide application for the representation of
activity coefficients, especially for non-associated
1:1 electrolytes, where it is often capable of fitting
the data within experimental accuracy up to one molar
concentration. Simplified with the assumption that
Ba

=

1, equation 3.8 fits the experimental results

almost as well.3' Davies" has shown that the
expression:

log Y±

=

Z~

z_1 I/

(i +I) +

0.11

zzjI

can be used to predict activity coefficients when
experimental results are not available.
Equations 3.5, 3.7 and 3.8 may also be applied
to solutions which contain more than one electrolyte
when I is defined as in equation 3.6.

The ions of

other electrolytes contribute to the ionic atmosphere
of the species of interest. The values Z. and Z_
pertain to the electrolyte whose activity is determined.
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If one ion of this electrolyte is common to other
electrolytes present then the activity coefficient
is an average one for all of both species of ion,
irrespective of their source. The physical meaning
of the parameter, a, becomes obscure in this context.
Equations 3.5,

3.7

and 3.9 can also be used to estimate

single ion activity coefficients, a being the 'ion size
parameter' for the specific ion. The quantity lZ+Zj
is replaced by Z. Thus for carbonate ion, CO'-,
equation

3.8

would become:

log Y002_ = -4AI/1+Ba002_ I) + b002_ I
3
3
3
(on the molality scale of concentration).
Equation

3.8

is best used to analyse experimental

results and to determine the ion size parameter, a.
This ensures that the value of a found to give the best
fit to the data does not have imposed on it the
responsibility for a term linear in concentration,
likely to exist at the concentrations convenient for
experimental work. Use of equation

3.5

is likely to

show these variations in a with concentration. However
the concentration range over which equation 3.8 can be
used in such a manner is limited as the linearity of
the short range effects is itself limited to moderately
dilute solutions.33 More sophisticated treatments of
the free energy of electrical interactions have been
put forward by several workers''
4 37 and these have
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had varying degrees of success for limited numbers
of electrolytes. The theory of ion association put
forward by Bjerrum 3 and developed by Fuoss and
Kraus S9 has helped to extend the range of substances
whose solution properties can be explained theoretically.
The range of concentration over which these
treatments can successfully represent observed data
remains low, falling well below the concentrations
which are often experienced in practice - e.g. with
fuel cell electrolytes.
For the purposes of the present work, both in
the interpretation of experimental results, curve
fitting and theoretical prediction, all of the treatments
can only be applied to the lower concentrations studied.
Equation 3.8 provides the most useful form of expression
for the above purposes. Jhat is lost as a consequence
of the relative simplicity of the treatment is
negligible when compared to the defects of all
available treatments in terms of the low range of
concentration to which they each apply.

3.3.

The Densities of lectrolyte Solutions

3.3.1. -

Introduction
The densities of the solutions studied in this

work were required so that their molar concentrations,
c, (moles of solute per d2 of solution) could be
calculated. These were needed for the interpretation

OJE
of conductance results which were obtained for
solutions prepared by weight and for which concentrations were initially obtained as molalities, m.
It is convenient to express extensive properties
(such as volume) of pure substances as the value of the
property per mole of substance. iiensity measurements
for pure substances are in fact determinations of
molal volumes. The total volume of a substance is its
molal volume multiplied by the number of moles of
substance present, and the density of a substance is
the ratio of its molecular weight to its molal volume.
In a multi-component system such as an
electrolyte solution the thermodynamic equivalent to
molal volume is the partial molal volume of each
individual component. The partial molal volume, V,
of a species, i, in a solution containing species
i, j, ... is defined by the relation:

vi = (

v/nj)T,p,fl ...

where n, n .., are the numbers of moles of species
i, j, ... present in the solution. The total volume
of the solution, V, is given by:

V = n.V1 + n.V.

+

00.

Thus the partial molal volume of a solute species,
i, is the rate of change of the volume of the solution

53
with the amount of solute, i, added, and for an
infinitely large volume of solution, V, is the increase
in volume when one mole of solute, i, is added.
As we cannot deal with infinite volumes
experimentally it is usual to measure the apparent
molal volume, 0vi, defined as:
= (V -

3.9

where subscript i refers to the solvent and V is the
molal volume of the pure solvent. If a solution has
molality, m, and density, d, and the molecular weight
of the solute is N, then equation 3.9 is equivalent to:

01

1

(1/m)[((1 000 + m]1)/d) - (1000/a0 )]
3.10

where d0 is the density of the pure solvent. It is
possible, therefore, to obtain the quantity

0vi by

measuring the density of a solution of known molality.
The apparent molal volume approaches the
partial molal volume as n tends to zero, that is, as
we approach infinite dilution. If we denote the
properties of a solution at infinite dilution by the
superscript o, then OvO = V i a.

Constant differences

are obtainea between the values of

0 0 for pairs of

salts with a common ion. This shows that the ionic
contributions to

0 0 nre additive and hence the
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contribution of any specific ion is independent of the
other ions present. The significance of the additive
properties to the present work is discussed later.

3.3.2.

The concentration dependence of 0vi
The Debye-Hückel expression for activity

coefficients has been used by Redlich and Rosenfeld 40
to derive a limiting law for the apparent molal volumes
of electrolytes. A common limiting slope was obtained
which is valid over the range of concentration for which
the Debye-Hückel limiting law holds. The limiting law
relationship has the form:

+kw%02

øv=O

3.11

The two terms of the limiting slope are given by:

k = N2 e3 (8/1000eRT)(dln/dP-/3)

3.12

where e is the electronic charge, E is the dielectric
constant of the solvent and P is the compressibility
of the solution, and

= 0.5 E

3.13

1

where v is the number of ions of species, i, and
valency, Z, formed by one molecule of electrolyte.
For electrolytes of fixed valency type (w constant),

the limiting slope depends only on the temperature and
physical properties of the solvent.
Accurate dielectric constant41 and compressibility42P43 measurements have been used by Redlich and
Meyer" to calculate values for k over the temperature
range 0 - 7000. Results

at 2500 have confirmed

the work of Redlich and Rosenfeld"'" by demonstrating
that the apparent molal limiting slope for an electrolyte in water is independent of the nature of the
electrolyte except for its valency type, and have
confirmed experimentally the value of 1.868 x 10
9
_3
dm2 mol 2 for 1:1 electrolytes, as calculated by

Redlich and Meyer." Apparent molal volume limiting
slopes of (9.706, 27.453 and 59.066) x iO
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dm

mol

for some 2:1, 3:1 and 4:1 electrolytes respectively
have also been confirmed experimentally45 '46
As discussed in the previous section (3.2)
the model of Debye and Hiickel is often not an adequate
representation of real solutions and a more satisfactory
representation of experimental data can be achieved
with the extended form of the Debye-HUckel equation
(equation 3.8) which contains a term linear in
concentration. Harned and Owen" showed that the use
of the extended Debye-Hiickel expression to derive an
equation for the concentration dependence of the
apparent molal volume led to the addition of a term,
linear in concentration, to equation 3.11. The equation
may be written:
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Ø=Ø+k wt c2+jc

3.14

The coefficient, j, contains terms related to pressure
derivatives of terms in the extended Debye-Hiickel
expression. As these pressure derivatives are unknown
quantities, experimental verification of the theoretical
concentration dependence of OVis restricted to the
limiting law as given by equations 3.11, 3.1 2 and
3.13. Expression 3.14, however, provides a useful
semi-empirical equation to which Øv(c) results may
be fitted.
The above discussions are relevant to the
present work in several ways. The additive nature of
the values of 00 provides a method of checking density
results against established data. 0 0 for Na2003 is
accurately known"P S5,66 as is Ø. 0(K+) - Ø. 0 (Na+)58
and hence 00for 1(2003 may be calculated and compared
with the experimentally determined value. As density
determinations could not be made for the solutions
used in the conductance work it was necessary to
establish an equation relating density and concentration.
This could then be used to convert the weight
concentrations of the solutions prepared for the
conductance experiments to volume concentrations. By
combining equations 3.10 and 3.14 with the relation
between molality, m, and molarity, c, (equation 3.15):
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rn=c/(d-1OcM)

3.15

it can be shown that an expression of the form:

d = d0 + a1 c + a2 c + ac

where a1 = 10 (M-t. d0), a2

Ad° and a3

= -

3.16

= -jd0

is obtained. Attempts to fit the density data to
equations of the form of 3.16 with a1, a2 and as as
adjustable parameters are therefore justified on the
basis of apparent molal volume theory.
However, as discussed in section 3.2, the
treatments of electrolyte solution properties based
on the Debye-Hückel theory only apply over a limited
concentration range. In concentrated solutions, ion
pairing, complex ion formation or ion association
(e.g. with weak acids, etc) become significant
phenomena. Above a concentration of one molal the
extended Debye-Huckel type expressions (3.14. 3.16)
become increasingly inadequate. There is no satisfactory
theory to describe the behaviour of electrolyte
solutions at high concentrations and often the data
are best represented by expressions of a purely
empirical nature rather than by expressiorisbaseci on
the theoretical equations.
For the purposes of this work both the purely
empirical and semi-empirical/theoretical approaches
are of interest. The former (as is discussed in

Chapter ii) was found to be necessary to obtain an
expression which gave the 'best fit' to the data, and
with which to compare the data with the only other
results available" for potassium carbonate solutions
over the full concentration range. The latter approach
provides a means for checking the data against those
of others through the additive properties of the
values of

00

and for assessing the extent to which

the solutions studied deviate from theoretical behaviour.

3.4.

The Conductivity of 3lectrolyte Solutions

3.4.1. Introduction
The resistance, R, of a uniform conductor is
directly proportional to its length, 1, and inversely
proportional to its cross-sectional area, A. The
specific resistance of the material, p, is defined:

R = p1/A
and is equal to the resistance between opposite faces
of a cube of material of volume 1 cii? . The specific
conductance, IT.sp , is the reciprocal of the specific
resistance.
The specific conductance of an electrolyte
solution, K, (the electrolytic conductivity) depends
on the concentration of electrolyte present. It rises
with jncreasin concentration but for some electrolytes
at relatively high concentrations a maximum conductivity
may occur. This is clearly of importance when such
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electrolytes are used in fuel cells. It is convenient
to express the conductivity of an electrolyte in
terms of the molar or equivalent conductivity, A:

A = K/c'
The concentration scale employed is always one directly
related to volume as would be expected from the
definition of specific resistance. If the scale is
in terms of moles per unit volume (cm 3) then the
quantity, A, is a molar conductivity, but if the
concentration scale used is that of equivalents per
unit volume (cm')

A

is the equivalent conductivity.

The units of A are therefore either cm2 f
or cm'

mol 1

equiv'. For molar concentrations, c,

(mol drf'), A = 103 K/c.

3.4.2. Theoretical treatments of electrolytic conductivity
The current that flows through an electrolyte
solution results from the motion in opposite directions
of oppositely charged ions. The equivalent conductivity
can be considered as the sum of the ionic conductivities.
Thus for a binary electrolyte:

it infinite dilution this becomes:

A° = 40 + NO

Experimental values of A were found by
1

Kohlrausch to vary linearly with c, up to c =
2 x 10M. Above this concentration the values of A
were higher than the linear relationship wou.ld predict.
Kohlrausch predicted that a theoretical explanation of
the linear relationship between the values of A and
c2 would be found and this came when Onsager5 applied
the Debye-Hiickel theory of ionic interactions to
electrolytic conductivity. The ionic atmosphere affects
the mobility of an ion in two ways. The finite time
required for decay of the atmosphere from its original
position and its build up in the new one implies that
the ion is retarded as it moves from a region of
greater opposite charge than that of the region into
which it arrives. This phenomenon is known as the
relaxation effect. The other effect, known as the
electrophoretic effect, arises in the following way.
An ion which moves through a viscous medium tends to
drag along with it the solution in its vicinity.
Thus neighbouring ions must move not in a stationary
medium but with or against the stream depending on
whether they are moving in the same or opposite
direction to the first ion. Thus opposite ions which
move in opposite directions retard each other. Onsager's
treatment of these effects and their concentration
dependence included several approximations and led to
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a limiting law:

A
1

lz_t )/r(cT)2]I

1
3.17

where
q

=

(J

ZA_j

~Izl °

3.18

and £ is the dielectric constant of the solvent,
is the viscosity and I the ionic strength. The
approximations made by Onsager were justified in terms
of the derivation of a limiting law but equation 3.17
only applies at extremely low concentrations.
Equation 3.17 has been extensively tested and has been
shown to apply within the limits of experimental
error up to a concentration of 10 equiv dm. This
is in very good agreement with the expected upper
limit of concentration when the errors arising from
Onsager's approximations are calculated. The limiting
law may be written:

A =

3.19

where the parameters B1 and B2, the relaxation and
electrophoretic terms, contain no arbitrary or empirical
constants.
Attempts to increase the concentration range
over which conductance expressions apply have been
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made by several workers 9'6 ° 3hedlovsky59 used an
empirical approach, with an added coefficient, b,
chosen to fit the data. On rearrangement of equation
319 toi

3.20

A° = (A+B2 c)/(1-B1 0)

Shedlovsky observed that for strong 1:1 electrolytes
A° is not constant as it would be if equation 3.17 were
obeyed exactly, but varies linearly with c up to
concentrations of approximately 0.1 equiv dm-3 . Thus
he proposed:
1

1

A = A°-(B1 A°+B2 )c + bc(1-B1c2 )

3.21

which was successful up to 0.1 equiv dm. This
approach has the inherent disadvantage of the einpirisal
nature of the coefficient, b, to which no physical
significance was attached.
It was approximately 25 years after the
Onsager treatment before further rigorous theoretical
approaches extended the concentration range beyond
that satisfied by equation 3.17. E1.oss and Onsager'
achieved this by using fewer approximations in the
derivation of the relaxation and electrophoretic terms
as have others, in similar sophisticated treatments,
notable amongst which are those of Pitts2,e3
Fa1kenhagen 4 and Mirtskhulava. 5 These theoretical
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treatments, however, still only apply to relatively
low concentrations and expressions for higher
concentrations require the addition of empirical
parameters.
Most experimental work has been carried out
with 1:1 electrolytes at low concentrations and at
25°C. This work has been carried out chiefly to
test the various theoretical expressions proposed for
low concentrations and by comparison there has been
relatively little work done at high concentrations.
Even when the primary aim is to investigate the
conductance of concentrated solutions, measurements
on dilute solutions are of use, since values of

10

allow comparison with the results of other workers.
Values of A° also provide two terms in empirical
expressions for higher concentrations such as
equation 3.21.
The limited conductance data which has been
obtained at temperatures other than 25°C has served
to show the importance of the effect of solvent
viscosity in the modification of the mobility of a
given ionic species. This has been well demonstrated
by plots of 7.° Ti

against temperature which show that

the former quantity displays little change with changes
in temperature. This is particularly so for the
larger ions which suggests that ordinary viscous forces
dominate the effects which combine to resist the
passage of such ions through water. Other effects are

64
sufficiently significant, however, to render a simple
Stokes law treatment of the conductivities of such
ions inadequate.8 '
As mentioned in Section 3.4.1., some electrolyte solutions display a maximum electrolytic
conductivity at relatively high concentrations. The
reasons for this are not fully understood in that
quantitative predictions of such effects are extremely
inadequate, particularly for polyvalent electrolytes.
However, it is thought that an important parameter
which influences changes in the conductivity of
concentrated solutions with changes in concentration
is viscosity. A tiaw of diminishing returns' may operate
in the sense that although an increase in concentration
provides more ions per unit volume to carry charge
through the solution their effect is also to increase
the solution viscosity and this reduces the mobility
of the ions. At high concentrations some electrolytes
display tendencies to form ion pairs and there is
evidence" to suggest that this occurs with carbonatebicarbonate electrolytes. The effect of ion pairing
would be to reinforce the 'law of diminishing returns'.
With a fuel cell operating with a buffer
electrolyte such as the carbonate-bicarbonate electrolyte, it is particularly important to determine where
these maxima occur for a given temperature in order
that optimum concentrations may be used to minimise
ohmic polarisation.
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Chapter 4 :
THE CBONAT -BICRBONATE'ELECTROLYTE

4.1.1. The extent of other work
Aqueous carbonate equilibria play an important
role in both natural and industrial processes. The
pH of many natural water systems and soils is largely
determined by these equilibria which are also important
in maintaining the correct function of the blood of
mammals (including Man). Carbonate solutions are used
industrially to remove 002 from compressed gases in
the Fischer-Tropsch process, a process of increased
importance with diminishing supplies of crude oil.
Potassium carbonate is used in mixtures with potassium
hydroxide as an electrolyte in the industrial
electrolysis of water.
It is not surprising, therefore, that carbonate
systems have been the subject of extensive investigation. However, most of this work has been concerned
with the specific processes in which the aqueous
carbonate equilibria play a part. The temperature,
concentration and pressure ranges covered in the
individual studies are usually restricted to those of
the process involved, and are, in general, narrow.
However, these studies illustrate the nature of the
difficulties often encountered in experimental studies
of such systems. Benson et. al.21 '22 have studied
the potassium bicarbonate, carbonate, carbon dioxide

and water system in the range 7000 - 140°C. This
was an investigation of the use of potassium carbonate
solutions in removing CO2 from gas mixtures. A very
complex rocking autoclave system was used to achieve
equilibrium between solution and gas phases. With the
assumption that equilibrium had been achieved 30
minutes after the apparatus had attained the desired
temperature, gas samples were withdrawn for mass
spectrometric analysis for 002 and H20. In this way
equilibrium partial pressures of 002 and H2 0 were
obtained over 20% and 30% equivalent potassium
carbonate solutions (i.e. for solutions prepared from
K2003 and H20, 20 g K2003, 80 g 1120 and 30 g K2003 ,

70 g H20) from 70°C - 1300C and over a 40',4 solution
from 7000 - 14000. The autoclave system has also been
used by Ryzhenko,99 '

° in

a determination of the first

and second dissociation constants of carbonic acid
(10000 - 2180C) by means of conductivity measurements
of 002 solutions and of NaHCO3/Na2003 solutions. In
this work the concentrations studied were much lower,
only up to 10' M.
A study related to fuel cell operation has
been carried out by Matusevich et. al..?' 972 In this
the potassium carbonate-bicarbonate electrolyte was
studied alone and in mixtures containing potassium
formate over the temperature range 70°C - 10000. p11
and conductivity values were obtained for concentrations
of 3-7 equiv dm, the solution being equilibrated with
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002 by bubbling the gas through them for 2

-3

days.

No control was applied to the 002 pressure, other than
that the system was allowed to remain at atmospheric
pressure, and,f or reasons discussed further in Chapter
6,it is likely that these results do not represent
the true equilibrium values. No attempt was made
to interpret the results in theoretical terms. No
comparison was made with other work and the significance
of the results was not discussed in terms of the use
of such electrolytes in fuel cells.
Usanovich has studied the conductivities
and viscosities of aqueous KOH solutions, containing
various proportions of K2003, from 25°C to 100°C.
Again, no attempt is made to interpret the data.
These examples serve to show that a great
deal of the data available for the aqueous carbonatebicarbonate system have not been obtained for the
purposes of a complete study. Much of it forms a
collection of somewhat isolated, disconnected and, in
some cases, unreliable measurements. This situation
almost certainly results from two main causes. The
first is associated with the complex nature of the
equilibria involved which leads to difficulty in the
interpretation of the experimental results. The
second cause is probably associated with both the
variety and difficulty of experimental techniques
necessarily involved in a complete study. However,
several workers have carried out more fundamental

work to obtain equilibrium constants and activity
coefficients in aqueous carbonate systems, and these
investigations are discussed in the next section.

4.1.2. Equilibrium studies in aqueous carbonate systems
The experimental work carried out to characterice carbonate equilibria in terms of basic thermodynamic parameters has, in general, been restricted to
low solute concentrations and to the temperature
range 0 - 50°C. The first attempt to carry out a
precise study was that of 1lalker, Bray and Johnston.'74
In this the total base and bicarbonate concentrations
were determined analytically for solutions of the
carbonates of potassium, sodium and lithium after
equilibration with 002 at 25CC for solute concentrations
in the range 0.01 - 2.5 M. Subtraction of the
bicarbonate concentration from the total base gave the
carbonate concentration. The concentrations obtained
were used to calculate a function containing the ratio
K1/K2 (the ratio of the first and second dissociation
constants of carbonic acid) and the activity
coefficients for I-100 and CO'- ions. By extrapolation
to infinite dilution, where the activity coefficients
are unity, K1/K2 was obtained and by re-substitution
the activity coefficients were calculated. It is
doubtful, however, if the techniques used in this work
to obtain equilibrium with the carbon dioxide gave
sufficient control. The total pressure was allowed to

vary with atmospheric pressure during equilibration
(4 - 5 days) and by bubbling the gas through the
solution these workers almost certainly obtained an
'equilibrium' containing a supersaturated concentration of CO2 in solution. (This effect is discussed
in more detail in Chapter 6.) Nevertheless, the
work did demonstrate the need for careful experimentation to determine the fundamental parameters pertaining
to the carbonate-bicarbonate system.
K1 was determined six years later by
Macinnes and Belcher" in an experiment in which
equilibrium was achieved in 4 hours by rocking the
cell while passing the 002 gas over the solution.
They obtained the value 4.5 x 10 at 25°C by use of
the cell:

Glass electrodeNaHCO3(m1), NaC1(m2), CO2(mg )AgCl-Ag

and equilibration with the gas phase was indicated by
steady em.f. values. Until this result was obtained
the value of 3.5 x 10 had been generally accepted.
At that time glass electrodes were not well developed
so it was necessary to check this result. This was
done by 'Jhedlovsky and MacIimes7 who repeated the
determination by a different method, in which they
measured the conductivities of aqueous solutions of
carbon dioxide and of aqueous potassium bicarbonate
solutions. The temperature range of these experiments
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was extended to cover the range 0 - 380C and the
results confirmed the previous result at 2500 in that
the average value of 20 experiments at 2500 gave
K1

= ( 4.310

± 0.004) x iO. This work used a

technique whereby it was possible to prepare solutions
by dissolving measured volumes of gas in a known
volume of water, leaving no residual gas phase. The
composition was calculated from the volumes and the
molal volume of CO2 at the pressure and temperature of
the experiment. The calculated concentrations were
checked analytically and agreement was within 0.2.
The results obtained this way agreed with those made
on water saturated with CO2, prepared by use of a
rocking cell similar to that of Naclnnes and Belcher.'
They also agreed with the results obtained from
conductance measurements on potassium bicarbonate
solutions, prepared under carbon dioxide.
These two papers"'" demonstrated the experimental care necessary to make meaningful determinations
in the bicarbonate-CO2 system, particularly in achieving
the correct equilibrium with the gas phase.
Earned and Davis" later used the cell:

Pt-H2, CO2INaHCO3(m1), NaCl(m2), CO2(m3 )AgCl-Ag
II
to extend the temperature range of the measurements
to cover the range 0 - 5000, and simultaneously they
determined the solubility of carbon dioxide in water
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and aqueous salt solutions. They also used a rocking
cell to achieve equilibrium with the carbon dioxide.
Cell II, very similar to cell I, also had no liquid
junction and had the added advantage that there was
no risk of the glass electrode asymmetry potential
altering over the rather long time required for
equilibration (6 - 8 hours). The solubility measurements were made by analysis of the solutions after
equilibration. Since the solubility experiments were
carried out in the same cell as the e.m.f. measurements,
the values of K1 and of k, the Henry's law constant,
obtained can be assumed to be self consistent. The
value of K1 obtained at 000 is in good agreement with
the results of Shedlovaky and Naclnnes76 although
there is an increasing deviation with rising temperature,
the difference being 0o at 38°C.
Maclnnes and Belcher" also used the cell:

Pt-H2 Na2CO3(m1), NaHCO3(m2 ), NaCl(n )JAgOl-Ag

III

to determine K2 , the second dissociation constant of
carbonic acid at 250 and 3800. Harned and jcholes'9
used the same cell to extend the temperature range to
0 - 500C. The solutions were prepared by adding half
an equivalent of hydrochloric acid solution to sodium
carbonate solution giving a composition of carbonate:
bicarbonate:chloride of approximately 1:1:1. The acid
was added drop-wise very slowly to avoid loss of 002
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by local action. The expression for the cell e.m.f.
can be written to contain an apparent ionisation
constant for H00, K:, which is equal to the true
ionisation constant at zero ionic strength. flamed
and Scholes used a different method of extrapolation
to zero ionic strength from that used by Maclnnes and
Belcher.78 In both analyses it was necessary to take
account of the hydrolysis:

'HCO+OH_
002 +HO
2 .
3
and again the methods used were different. Despite
this difference the hydrolysis corrections obtained
by both workers were very similar, and the main
difference between the two treatments lies in the
extrapolation technique used to obtain K2. flamed and
Scholes make approximate calculations of the activity
coefficients using a simple Debye-.Hückel expression
whereas Maclnnes and Belcher ignore the activity
coefficients, with the justification that on extrapolation to infinite dilution these become equal to
one and the ignored term disappears. However, as
Hamned and Scholes point out, the linear function
extrapolated by Maclnnes and Belcher has a slope
less than one-half of that required by theory which
gives rise to doubt concerning the validity of the
extrapolation. flamed and Scholes suggest that this
is the reason for the discrepancy ("0.1 log unit in
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plC2 at 25°C) between the value they obtain and that
of the earlier workers. They show by analysing the
earlier data in the same manner as they did for their
own that the two sets of data are in very good
agreement.
The values of Harned et. al.77 '79 represent
the most comprehensive (in terms of temperature range)
and self consistent data available for the first and
second dissociation constants of carbonic acid and
they have been widely used since their publication.
A determination of activity coefficients of
sodium chloride and a study of ion pairing in the
systems:
NaCl - Na11003 - 1120

and

NaCl - Na2CO3 - H2 0
has been carried out recently by Butler and Huston - 68
In this, both Na+ responsive glass electrodes and
Na (Hg) electrodes were used, and discrepancies were
found between the results obtained with the two
electrodes. The cell used was:

Na(Hg) or Na glassNaCl, NaX, H2OAgCl-Ag

IV

(where X represents H00 or 1
2 cO)
The differences obtained were ascribed to deviations
in the behaviour of the Na+ responsive glass electrode
at pH 8-9 and ionic strengths less than 1.0. The
deviations in this region were of several millivolts
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but outside the region there was good agreement
between the results obtained with the two electrodes.
This work demonstrates that cation responsive glass
electrodes may be suitable for use in carbonatebicarbonate systems but that care is necessary to
ensure proper response. Although the authors gave
no explanation or suggestion as to the cause of the
deviations it is possible that it was due to limited
selectivity towards the Na ion in the region of
pH 8-9, where some response to H+ ion may have
occurred. Evidence for the formation of ion pairs
between Na and COI- or 1100 is given in this work

3

but there is no similar data available for experiments
in which the cation was K+. However, Butler and
Huston suggest that ion pairing is likely to be much
weaker with K+ than with Na
While the dissociation constants K1 and K2
are reliably known from 0 - 5000, there is a lack of
data for the equilibrium concentrations of the various
species present - H00, CO

in concentrated solutions

under carbon dioxide in this temperature range. The
solubility of carbon dioxide in water and salt solutions
has been studied recentlye 't"992 but over large
pressure ranges beyond the regions of interest in a
low temperature fuel cell system (around 1 atmosphere).
The significance of the partial molal volume of 002 in
aqueous solutions obtained in these investigations is
discussed in Chapter

11. Various determinations of
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partial molal volumes of K, H00 and CO ions are
also discussed in Chapter 11. There are no values for
the densities of potassium carbonate solutions over
a wide range of concentrations other than those of
Gerlach,5' which are restricted to 25 00. There is a
similar lack of data for sodium carbonate solutions.
Conductance work in aqueous carbonate systems
has, as already discussed, been largely restricted to
specific conditions with little attempt to interpret
the data on a theoretical basis. An exception to
this is the work of Monk" who studied dilute sodium
carbonate solutions at 2500 and of Shedlovsky and
MacIrines who studied dilute potassium bicarbonate
solutions at 25 00. Both of these studies were carried
out in the concentration region suitable for extrapolation to infinite dilution. Monk corrected his
data for the hydrolysis of carbonate ion, taking the
hydroxide and bicarbonate ions formed into account by
use of a mixture rule. To do this he used the value
of Ke reported by Harned and Scholes19 and the value
for

llico-3

reported by Shedlovsky and Maclnnes.'6 His

results are further discussed in Chapter 12 where they
are compared with the values obtained for potassium
carbonate solutions in the present investigation.
84
At higher concentrations, Manvelyan et. al.
have investigated the effect of temnerature on the
conductivity of aqueous solutions of NaOH, KOH, Na2003
and K2003 in the temperature range 25 - 85°C. This
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work provides comparison with the results obtained
in the present investigation for K2003 solutions and
is also further discussed in Chapter 12.
Although there is little information on
carbonate-bicarbonate systems at temperatures above
5000 and concentrations greater than 1 N, there is
sufficient to make an approximate estimate of the pH
and buffer capacity of these solutions and this is
discussed in the following section. A theoretical
description of aqueous carbonate equilibria has been
given byPonnamperuma 5 and a similar approach is
adopted here.
4.2.1. Theoretical estimation of pH of the aqueous
carbonate-bicarbonate-Carbon dioxide system
The hydrogen ion activity in aqueous carbonatebicarbonate systems, in equilibrium with carbon dioxide,
can be related to the first and second dissociation
constants of carbonic acid, the Henry's law constant
for the solubility of 002, the partial pressure of 002
and the cation concentration, [M+]. The species involved are CO2 gas, H2003 in solution, HCO 3 COY, H,
011 and M+. The usual convention regarding hydrated
solutes" is adopted; that for

CO2(aq) + H2 0

H2003(aq); LG = 0

Thus the equilibria involved are:
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112 003(aq)

H2 0(1) + 002 (g)

4.1

1100
23-

HC0+H
3

4.2

1100
3

CO

+H

4.3

H+OH-

4.4

H20
Iz—

3

The respective equilibrium constants may be written:

k = (Co2)/P00 = [co2 11/p00
2
2

4.5
4.6

= (H)(Hao)/(H2co3) = [H][HC0]TYJ[CO2 ]i
K2

= (

H)(co)/(Hco) = [H][co]?Y2_/[Hco]Y_ 4.7

(H)(oH) = [1f][oH]Y7_

4.8

We also have the condition of electroneutrality:

[nt] + [N] = [0H] + [1100]+ 2[Co;-]
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From equations 4.5 - 4.9 substitution yields:

[H+]3+[if]2[M+] = (kp00
2

+
K[H]

4.10

which is an expression relating [11+] to the various
equilibrium constants, p002 and [M] • For pH >7 r

K[H]

[H] and equation 4.10 becomes a quadratic

ig
f+1
r+i
in LH
j from which LH
j and (H+) (hence p11) may be

found provided K1 , K2 , k and the activity coefficients
are known. A computer program using the quadratic
form of equation 4.10 to calculate pcH (-iog1o[if])
+
and pH (-log10(H+ )) for cation concentrations [M
up to 7.5 molal and for temperatures in the range
0 - 10000 is given in Appendix 1 (Fortran IV EROC
I.B.M. 360-50). The calculations are carried out
for PCO2 = 0.00036 atm. (normal atmospheric partial
pressure) and for pCO = 1.0 atm. (This represents
2
the two extremes of 002 partial pressure likely to be
encountered by a low temperature fuel cell with a
carbonate electrolyte.) The calculations are based
on the following assumptions:

i) That equations 4.11 and 4.12 which were obtained"'79
for temperatures in the range 50°0>t)0°0 may be
used outside this range and over wide concentration
ranges.
pK1

= (

3404.71/T) - 14.8435 + 0.032786 T

4.11

plC2

= (

2902.39/T) - 6.4980 + 0.02379 T

4.12

[T in °K]

2) That equation 4.13 which refers to the solubility
of 002 in water over the temperature range 50°C >t)0°C
may be used for higher temperatures.

4.13

log k = (2385.73/T) - 14.0184 + 0.0152642 T
That the solubility of 002 in K2 003—KHCO3
solutions is the same as that in water.

That the single ion activity coefficients may be
expressed by:
3.
log Y = _AZ212/(1+Ba12 )

The calculations are carried out with three values of
O
a, the ion size parameter, 3, 4.5 and 6.0 A

(i =

10 nm), the value of 4.5 being that suggested by
Kielland 27 for both the carbonate and bicarbonate
ions. (Kielland gives the value of

3.0

0

A for the

potassium ion).
Allowance for the variation of A and B with
dielectric constant and temperature is made in the
calculations:

A = (1.82455 x 106 )/( E T) mol
1

dm2 K2
1

9

1

B = (50.2904 x 10 8 )/(cT)2 cm' mo1 2 dm2 K2
with"

log CH20 = 1.9446 - 0.00198 t

Figures 4.1 - 43 show the calculated values
of pH from

0.5 - 7.0

m for both values of p00 at

FIGURE 4.1
Variation of pH with 7M']____at 250 C
(Theoretical Curves)
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2500, 45°C and 6500. Some of these curves are in
part hypothetical as they exceed the solubility limits
of the HCO and 00 ions (depending on the species
N+). The upper curves represent the best conditions
likely to be encountered with such an electrolyte in a
fuel cell - a partial pressure of 002 of .00036 atm.
The lower curves represent the worst conditions for
a fuel cell working at normal pressures with a
carbonaceous fuel. Intermediate partial pressures
give intermediate pH values, easily calculated by use
of the program given in Appendix 1 • The variation
of pH with temperature for various molalities with
respect to

is shown in Figure 4.4 for p002 = 1 atm.

Temperature makes very little difference to pH at
p00 = .00036 atm. Because of the approximations
2
outlined above, pH values obtained with the program
given in Appendix 1 can only be taken as estimates.

4.2.2. Buffer capacity in the carbonate-bicarbonatesystem
The buffer capacity of weak acid systems
containing carbonate and bicarbonate ions in equilibrium
with 002 in the gas phase can also be estimated. For
these calculations a conventional buffer system such
as a weak acid, HA, and its conjugate base, A, is
considered. For a ratio HA/A-= 1, at various
concentrations, the buffer capacities under CO2
are cctcu1&ted

rejecting conditions

(When HA = A = 0, the system

FIGURE 4.4

Calculated Variation of pH with Temperature
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is the carbonate-bicarbonate system alone.) For a
given partial pressure of 002 the concentration of
carbonic acid is constant provided the assumption
(2) and (3) outlined in the previous section hold.
If this constant concentration is g, the total base
concentration, b, in the buffer:

b = [M] = [A] + [0H] + [Hco] + 2[00] - [nJ
may be expressed in terms of the equilibrium constants
K1 ,

K2,

K w and KA (the dissociation constant of HA),

g and the hydrogen ion concentration [H+] = h as:

b = tLA/(h+KA) + Ks/h + gK1/h + 2gK1K2/h2-h

4.14

where t = [A] + [HA]
Neglecting activity coefficients in the above
expression leads to simplicity without seriously
affecting the conclusions. Differentiation of 4.14
leads to an expression for the buffer capacity, ,
equal to b/pH (Chapter 2)
b/pH = 2.3[htK/(h+K)2+K/h+h+gK1/h+4gK1K2/h2]

4.15

The computer program shown in Appendix 2 uses this
expression to calculate the buffer capacities of
solutions containing various concentrations of HA and
under partial pressures of 002 of 1 atm. and 0.00036 atm.

at a temperature of 25°C. (The values of K11 K2
were the calculated values from expressions 4.11 and
4.12.) The five terms on the right hand side of
equation 4.15 refer to contributions made to the
buffer capacity by:
1) The weak acid HA, P, = 2.3htKA/ (h+KA)2

4.16

2) The 0H ion,

82 = 2.3 K/h

4.17

3) The H ion,

83 = 2.3 h

418

4) The CO2 -HCO

buffer

P4 =

2.3 g K1/h

4.19

5) The HC0_C0 buffer Ps = 2.3(4 g K1 K2/h2 ) 4.20
The behaviour of the first three expressions is well
understood;90 equation 4.16 shows that the buffer
capacity of a weak acid system goes through a
maximum (s,. max = 2.3 t/4) when h = KA and equations

4.17 and 4.18 show that the buffer capacities of a
solution of a strong base or strong acid are
U +1
r —,
respectively proportional to [OH j and LH j.
Expressions 4.19 and 4.20 show that 04 and Os are
respectively directly proportional to [0H] and
[0H]2 and do not pass through a maximum. Thus the
contribution to the buffer capacity of the 002-HCO
and HC0-00 systems resemble those of a strong base
rather than those of a weak acid. That 04 and Ps are
also both proportional to g shows that an increase in

p00 will result in an 1w rease in the buffer
2
capacities of both systems provided that equilibration
between the gas and solution phases is maintained.
The relative contribution of the CO2-H00 and
HC0-00 systems to the buffer capacity are
independent of 002 pressure as shown by the expression:

= h/4K2

4.21

It follows from equation 4.21 that 06 exceeds I4 when
h falls below 4K2 although N and Ps both continue to
increase as h is reduced.
Figure 4.5 shows the buffer capacity of the
CO2-HC0-00 system plotted as a function of the
cation concentration as calculated by the program
given in Appendix 2. The curves shown are for PCO =
2
.00036 atm. and p00 = 1 atm., compared with that for
2
a strong acid (calculated using equation 4.18).
Comparison is also made with the weak acid system
under 002 rejecting conditions for weak acids whose
dissociation constants lie in the range 7,(pK4( 10.
The buffer capacities of these systems are plotted
against the sum of the concentrations:

([OH] + [Hco] + 2[C0] - [H])
which is equal to [M] for[HAi=rA]= 0. The calculations
were carried out for solutions in which [HA] = [A] = 2.0
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(the condition [HA] = [A] represents the maximum
buffer capacity for a weak acid system), hence the
ordinate represents values of [M+] - 2.0.
The main conclusions of these calculations
are:
that provided the 002 (gas phase)-002 (solution
phase) equilibrium is rapidly established and
maintained the buffer capacity of the carbonatebicarbonate-carbon dioxide system exceeds that of
strong acids of similar concentration.
that 002 rejecting buffers made from weak acids
with 7pKA(10 have no advantages over the carbonatebicarbonate buffer in terms of pH and buffer capacity.

EXPERIMENTAL

AM
EXPERIMENTAL

Chapter 5 : MATERIALS

5.1.

Water
For all conductance and e.m.f. measurements,

laboratory distilled water which had been passed through
a column of mixed cationic and anionic exchange resins
(Amberlite Monobed Ion Exchange Resin MB-1 [B.D.H. Ltd.])
was used. The specific conductance of this water was
never found to be greater than 2 x 10 7 ohm'cm' at 25°C
and an average of fifteen separate measurements made on
different occasions during the work was 1.4 x 10obm 1cm'.
These measurements were made with a Wayne Kerr bridge
type B221A at a frequency of 1600 Hz provided by an
Advance oscillator type SG-66 and detected with a General
Radio frequency selective null detector type 1232-A.
Laboratory distilled water was used without
further purification for all density measurements.

5.2.

Potassium Carbonate
The potassium carbonate used was B.D.H. 'Analar'

grade with stated purity of not less than 99.9/o after
drying at 300°C. The carbonate was in fact dried at
approximately 200°C for several days before use. It was
considered necessary to avoid exposure to very high
temperatures as there is a risk of decomposition with
loss of carbon dioxide. Small portions were removed
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from the oven as required and stored in a vacuum dessicator
which contained silica gel drying agent. The purity of
the carbonate dried in this manner was checked by
potentiornetric titration with standard (B.D.H. C.V.S.)
iN hydrochloric acid solution. The purity as measured
in this way was (100.07 ± 0.15)% by weight.

5.3.

Potassium Bicarbonate
This was used in small quantities at a time for

the preparation of the reference buffer for e.m.f.
measurements. It was also used to prepare the titrant
required for the determination of log10(H)/(K) in the
reference buffer. For these purposes, B.D.H. 'Analar'
grade material was sufficiently pure for use without
further treatment. There is a risk of decomposition by
loss of carbon dioxide when potassium bicarbonate is heated
or put under vacuum. Consequently, samples were stored
in a dessicator with silica gel drying agent.

5.4

Potassium Chloride
B.D.H. 'Analar' grade potassium chloride was

recrystallised from a filtered, hot saturated solution
in laboratory distilled water. The crystals were dried
at 20000 in an oven, removed, crushed in a mortar and then
redried at 200°C. The material was stored in tightly
sealed containers.
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5.5.

Carbon Dioxide
Carbon dioxide was obtained from the Distillers

Company Ltd. The purity was checked by three independent
methods.

Method (i)
Apparatus (Figure 5.1) similar to that of
Shedlovsky and MacInnes 7a was used. In this method a
fixed volume of gas is reacted with an excess of potassium
hydroxide solution. When reaction is complete any volume
of gas remaining is determined and is a measure of the
insoluble impurities present. The 200 cm3 volume was
swept out with the carbon dioxide by connecting tap 2 to
the 002 cylinder. Tap I was then closed, and after
closing tap 2 the apparatus was disconnected from the
cylinder and attached to the reservoir by means of the
rubber tube. The reservoir and tube were filled with
concentrated potassium hydroxide solution and any air
bubbles trapped between the reservoir and tap 2 were
removed. Tap 2 was then opened and when all the carbon
dioxide had been absorbed the volume of the residual
bubble of undissolved gas was measured in the graduated
pipette. The total volume of the pipette and attached
bulb determined with water and measuring cylinder was
200 ± 0.5

c2. Several tests were carried out and the

residual volume was never found to be more than 0.06 cm3 .
Thus the carbon dioxide contained 0.03,, v/v of a gaseous
impurity which was insoluble in alkaline solution.

FIGURE 5.1
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This test could not be used to detect the presence
of any acidic or water-soluble impurities, for example,
sulphur dioxide, and therefore other tests for impurities
were also used.

Method (ii)
The infra-red spectrum of a sample of the gas was
recorded. This showed all the characteristic absorption
peaks of carbon dioxide but none of those for sulphur
dioxide or any other impurities.

Method (iii)
A range of samples taken from a source of carbon
dioxide will have, for any given temperature, a constant,
well defined vapour pressure. Failure to observe a
constant value indicates that the source is inhotnogeneous
and impure. Highly homogeneous samples will almost
certainly be pure but a further check can be obtained by
comparing the measured values with those reported by
other workers.
A convenient temperature for the determination of
the vapour pressures of carbon dioxide samples was
provided by a toluene 'sludge' bath. This was prepared
by cooling toluene to its melting point with liquid
nitrogen. Contained in a dewar flask this mixture
0
maintained a steady temperature of approximately -95 C
over a considerable period of time. Care was taken to
ensure that the bath contained toluene in both solid and

OR
liquid form throughout the period of time during which
measurements were made.
The vapour pressures were measured with the
apparatus shown in Figure 5.2e

With volumes A, B and C

evacuated and the 002 trapped in the cold finger by
immersion in liquid nitrogen, the spiral gauge was
adjusted until the spot rested on the scale at zero. The
liquid nitrogen was removed and replaced by the toluene
sludge bath. When the spot came to rest on the scale
the pressure in A was adjusted by admitting air through
tap 1 until the spot returned to zero. The vapour
pressure of the sample was then read on the manometer.
Samples were taken from the 002 cylinder by freezing in
the cold finger with liquid nitrogen. Six samples were
taken in this way and the measured vapour pressures were

171, 175, 178, 175, 175 and 175 mm Hg. The standard
deviation of these values from the mean (174.8 mm Hg) is
2.0 mm Hg. This is typical of the standard deviation
obtained with this apparatus and a homogeneous sample.
The constancy of the latter three tests (all giving the
value 175 mm Hg) is strong evidence that the source of
carbon dioxide is homogeneous.
Stock et. al.92 reports the vapour pressure of
carbon dioxide at temperatures close to that of the
toluene sludge bath:

-96°C
0
-95 C

157.4 mm
173.7 mm

-94°C

191.4 mm

FIGURE 5.2
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The vapour pressure is very sensitive to temperature and
the slight difference between the value found in the
sludge bath and that reported by stock at -95C C is most
likely due to a slight temperature difference. That the
values observed were in good agreement with that of
Stock is strong evidence that the carbon dioxide did not
contain significant impurities.
The combined results of the three methods
indicate a high degree of purity of the carbon dioxide.

Chap er 6 : pH MEASUREMENTS

6.1.

Introduction
The pH of the carbonate—bicarbonate buffer

system was studied as a function of concentration and
temperature. With potassium ion as the cation, the
pH values of solutions of the pure carbonate under
an inert nitrogen atmosphere and of carbonate solutions
equilibrated with carbon dioxide at a partial pressure
of almost one atmosphere were determined. The two
systems represent the best and worst conditions of
operation of a low temperature fuel cell with a buffer
electrolyte. With carbonaceous fuels the real
situation is likely to be intermediate in terms of
the partial pressure of carbon dioxide.

6.2.

Methods of pH Determination
Cells of the form:

Indicator electrode/Test solution/Reference electrode
I

may be used to determine the pH of the test solution.
This represents the most commonly used general method,
often called the electrometric method.
The indicator electrode is any electrode
with a potential which is determined by the activity
of hydrogen ions in the test solution. Changes in the

potential of the indicator electrode can be directly
related to changes in the hydrogen ion activity.
The reference electrode is chosen to provide a
reference potential which is either constant and does
not change with different test solutions or which
changes in a manner which can readily be calculated.
The properties required of both of the electrodes
are such that the e.mf. measurements may be conveniently
interpreted in terms of the pH of the test solution.
A suitable indicator electrode responding to hydrogen
ion activity takes up an equilibrium potential
consistent with the existence of a thermodynamically
reversible reaction with hydrogen ions in solution.
This behaviour is represented by a form of the Nernst
equation (see Chapter

2 9

section 2) which we may write

as:
E =

+ RT/nF ln(ox)/(red)

6.1

where E is the equilibrium potential and BO is defined
as the electrode potential when the activities of the
oxidised and reduced species are equal.
Hydrogen gas and hydrogen ions in solutions
form a reversible redox couple at a platinised platinum
electrode with an overall reaction which may be written:

21I

6.2

+ 2e± H.2 (g)
4z

6.3

= E° + RT/P ln(H)/P11
2
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Equation 6.3 expresses the lectrode potential as a
function of the hydrogen ion activity and the partial
pressure of the hydrogen gas. Thus provided p is
2
accurately known this electrode may be used as an
indicator electrode for the determination of pH.
However, the accurate control and determination of
the partial pressure of the hydrogen are difficult
to achieve and this restricts its use in practical
systems.
No single electrode potential can be determined
in isolation. It is necessary to compare its potential
with that of another, reference electrode; that is,
to measure a cell e.m.f. The choice of reference
electrode used depends on the system being studied.
As it is difficult to avoid the differences between
test solutions causing changes in the potential of the
reference electrode, this is usually immersed in a
separate solution and electrical contact between the
two solutions is made by a salt bridge or by using a
porous plug to separate the solutions. In certain
circumstances, however, it is possible to immerse the
reference electrode in the test solution. This may be
done for example when the test solutions all contain
equal activities of an ion to which the reference
electrode responds and the indicator electrode does not.
The silver-silver chloride (Ag/AgOl) electrode may be
used as a reference electrode in solutions of known
or identical chloride ion activity, provided no other
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ions, such as bromide, to which the silver-silver
chloride electrode also responds, are present.
The advantage of reference electrodes directly
immersed in the test solution is that there is no
potential associated with the junction between the
test solution and the reference solution or salt
bridge solution. These liquid junction potentials
are liable to vary with changes in the test solutions.
The variations are difficult to predict and to take
into account. Large variations in the ionic strengths
of the test solutions can lead to considerable errors
from this source.
The correct choice of indicator and reference
electrodes for any given series of measurements is
therefore important. In a study of solutions of
potassium carbonate under nitrogen and under equilibrium
with controlled carbon dioxide partial pressures over
a relatively large range of concentration and temperature
there are several difficulties restricting the choice
of electrode systems.
The experimental difficulties associated
with control of the carbon dioxide partial pressure
necessitated the use of electrodes which did not upset
or interfere with the gas phase/liquid phase equilibrium.
The large range of concentrations to
be studied meant that the use of liquid junctions in
the cell would introduce large errors.
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The relatively long times needed for
the test solution to achieve equilibrium with the
carbon dioxide required electrodes capable of giving
reproducible potentials after considerable times in
solutions which were often both highly caustic and
at high temperatures.
The large range of ionic strengths
studied made it impracticable to use a reference
electrode immersed directly in the test solution.
The mercury/mercury oxide electrode was
considered for use as the indicator electrode. The
electrode reaction is

Hg + 20H - HgO + 1120 + 2e

6.4

The activities of the solid HgO and metallic Hg are
by convention assumed equal to unity and hence the
electrode potential is a function of hydroxide ion
activity (and hence pH) and of water activity. The
dependence on water activity leads to inaccuracies at
high concentrations where the activity can no longer
be assumed to be unity although at low concentrations
this assumption is nearly always used with little error.
Trial experiments with this electrode showed however
that even at low concentrations it was unsuitable when
the solutions were equilibrated with carbon dioxide.
The pH under these conditions was sufficiently low for
the mercuric oxide to dissolve and by the time that
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equilibrium with the gas had been established the red
solid had disappeared from the surface of the electrode.
The Pt/H2 electrode has been used by Harned
and Davis 77 in the cell;

Pt-H2, c02 NaHCO3(m1), NaCl(m2), c02(m3 )jAgCl-Ag

II

for the determination of the ionisation constant of
carbonic acid in water and in sodium chloride solutions.
In these experiments the salt concentrations used were
much lower than studied in this work and in determining
the partial pressures of the gases in the cell, p11 ,
2
p00 and PH o, it was unnecessary to take account of
2
2
the removal of carbon dioxide from the solution phase
during equilibration. The computation of p11 , PCO
2
2
and PH 0 was based on analysis of the 112/002 gas
2
mixture supplied from the cylinder, the barometric
pressure and available data of water vapour pressures.
In the present work it was found necessary to equilibrate
with solutions prepared with potassium carbonate
(section 6.7). While at the relatively low concentrations
used by Harned and Davis,no serious error was incurred,
the larger change in p00 through equilibration with
2
potassium carbonate solution would lead to a build up
in hydrogen partial pressure giving rise to difficulties
in interpreting e .m.f. measurements made using a
Pt/H2 electrode. Thus the Pt/H2 electrode was not
considered for use in this work as it did not satisfy
the condition described in (i) above.
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The difficulties outlined in (iv) prevented
the use of a directly immersed conventional reference
electrode. However it was decided that by the use of
an electrode which responded to potassium ions a
suitable reference potential could be achieved.
Such electrodes are available in the form of glass
electrodes, constructed of glass of such composition
that a 'Nernstian' response is achieved with respect
to changes in potassium ion activity. Glass electrodes
have several disadvantages in use, one of which is a
tendency to display a slow drift in potential with
time. (Glass electrodes are described in detail in
section 6.3.) Thus, (iii) above becomes a pertinent
problem if these electrodes are used in the system
under study. No system of electrodes could be
envisaged which would avoid all of the difficulties
(i)-(iv) and it was therefore decided to use a hydrogen
ion responsive glass electrode as the indicator
electrode, with a potassium ion responsive glass
electrode as the reference. The potassium ion
responsive electrode is normally used as an indicator
electrode and indeed does not behave as a conventional
reference electrode which has a constant potential.
Experimental difficulties resulting from the high
impedances of glass electrodes made it necessary to
measure the potentials of the two electrodes against a
third, conventional reference electrode with liquid
junction. Subtraction of the two cell e.mf. values

1 05
yielded the cell e.m.f. for

G.E. (H) fl Test solution fl G.E. (K)

fl

with elimination of the liquid junction potential
and the potential of the third, reference electrode.
The theory of the method is given in section 6.4.
In view of the importance of glass electrodes in this
work, the problems associated with their use are
examined further in section 6.3.

6.3.

The Glass Electrode
A typical glass electrode is shown in

Figure 6.1a. A thin glass membrane in the form of
a bulb is joined to tubing of a different composition
and very much thicker construction. The bulb is
filled with a buffered solution containing ions to
which an inner reference electrode is reversible.
Figure 6.1b. shows a 'combination' electrode for PH
measurement of the type used in this work. A concentric
external glass tube is built over the stem of the
simple electrode shown in Figure 6.1a. and contains a
reference electrode and solution - commonly calomel
in potassium chloride solution. A porous ceramic plug
at the bottom, near the bulb, forms the liquid junction
when the electrode is immersed in the test solution.
A typical arrangement would consist of a cell similar
to IV:

FIGURES 6.1a and 6.1b
Construction of Glass Electrodes
simple glass electrode
combination glass electrode
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Ag; AgOl, HC1(0.1 'i)H iasl Test Solutionj Sat. KC1,
IV

Calomel

where 11 denotes a glass surface,J denotes a liquid
junction.
The pH response of the glass electrode, RPH
can be expressed in terms of the electromotive forces
J and E2 of the cell, IV, with test solutions of pH
values p111 and pH2 respectively, as:

RpH = (E2-E1)/(pH2 -PHI

)

6.5

Ideal response values are identical to those which
would be obtained with the cell:

Pt.H2

1

test solutionj Sat. KCl, Calomel

which, provided the liquid junction potential remained
constant, would obey equation 6.6, a form of the Nernst
equation:

E2-E1 = 2.3026 RT(pH2-PH,)/F

6.6

Thus the ideal pH response value of a glass electrode
is equal to 2.3026 RT,/F volts per pH unit. Such ideal
behaviour is often described as 'Nernstian' behaviour.
The major disadvantage in the use of glass electrodes
is that they often display non-'Nernstiafl' behaviour
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which can often lead to false resilts. There is a
variety of reasons for non-ideal response and in some
instances allowance can be made where the effect is
reproducible and the causes are known. The 'sodium
ion error' is an example of non-Nernstian behaviour
arising from a partial response to sodium ions. This
error is especially serious in strongly alkaline
solutions but may often be allowed for by use of a
calibration curve for a particular electrode.
Generally, potassium ions do not cause as large
deviations as do sodium ions.
The external and internal surfaces of the
glass membrane are unavoidably subjected to different
treatments in manufacture and in use. The curvature
of the membrane causes unequal strain in the two
surfaces and these differences give rise to an 'asymmetry
potential' of the glass membrane. This asymmetry
potential may vary with time when the electrode is
immersed in a test solution, and a slow drift of
potential is observed. These effects have been studied
by Wynne-Jones et. al. 92 who have found that pretreatment of the electrodes in solutions similar to
the test solution reduces time variations in potential
due to asymmetry potential changes. Different patterns
of 'drifting' were recognised;
"A) a rapid change over the first few minutes which
is largely independent of solution composition and
concentration and is probably electrical rather than

109
electrochemical in origin.
a zero, or slight and approximately linear, change.
a rapid change, the rate of which slowly decreases,
but a steady value is rarely being reached even after
many hours and occasionally turning values are
observed. There is evidence that other ions and
probably water participate in reactions at the
glass surface during (C)."
Because of the changes in asymmetry potential
it is necessary to calibrate the electrode by the
determination of the cell e.m.f. with a reference
solution or buffer in place of the test solution.
Care must be taken to avoid alteration of the asymmetry
potential in transferring the electrode to the test
solution. Accepted technique is to wash the electrode
by immersion in distilled water or in a small sample
of test solution, removing any adhering drops of
liquid by allowing them to drain into a paper tissue.
Despite careful handling to avoid physical shock
slow changes in asymmetry potential occur with the
ageing of the electrode and it is necessary to
recalibrate before each set of measurements.
To maintain near ideal response of a glass
'electrode various conditions of care are necessary.
It has been demonstrate 3 that the hygroscopicity
of the glass surface has a very great effect on the
response observed. Any treatment therefore that alters
this property in an ideally responding electrode must
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be avoided. It is known that p.or results are obtained
with electrodes that are allowed to become dry.
Such electrodes can often display very prolonged
drifting as they slowly recover the water lost from
the glass structure. Abnormally high resistances
are observed in electrodes that have been allowed
to dry out, and these resistances decrease slowly
with immersion in aqueous media. Glass electrodes
are therefore stored immersed in water or aqueous
solution. All pH glass electrodes used in this work
were stored in 0.1 P11 hydrochloric acid and pretreated
by overnight storage in the reference buffer used for
calibration. The potassium ion selective glass
electrodes were stored in 0.1 N KC1 solution and also
pretreated in the reference buffer.
The errors most likely to arise from the use
of glass electrodes in this work were associated
with the high pH and high temperatures of some of
the test solutions studied. A range of commercially
available high temperature pH electrodes were used
for these experiments and the structure of the glass
used for their construction was such that chemical
durability and the stability of the asymmetry potential
were particularly high. In high pH solutions where
the sodium ion error' becomes significant the
response to other cations such as postasium is much
less serious. In general the problem of errors
produced by penetration of the glass by cations has

been greatly reduced by using glassek containing
lithium, caesium, barium and lanthanum oxides. The
errors depend in part on the cation size and solvating
power and the strength of the anionic electrostatic
forces in the glass. With modern glasses and the
relatively large cation, K+, it was assumed that
errors of this type would be small. With the
potassium ion selective glass electrode chemical
durability is a greater problem, these electrodes
are relatively new and there is a much smaller range
of glasses to chose from. No high temperature
electrodes of this type were available therefore
great care in technique was necessary to avoid
unnecessary shock to these electrodes. This is
discussed in detail in section 6.7. The most common
cationic selective glass electrodes other than the
pH electrode are the sodium and potassium electrodes.
They both respond to hydrogen ions however and it
was necessary to ensure that the contribution to the
potential of the iC responsive electrode arising from
the response to hydrogen ions was an insignificant
or at least calculable part of the total response.
As the solutions under study were of high K activity
and low H activity it was thought that the contribution
from H ions to the potential of this electrode would
be negligible. However, experiments were carried out
to test the validity of this assumption and they are
described in section 6.9.
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The high resistance of glass electrodes
(10-500 NCat room temperature) means that only very
small currents can be drawn. To avoid polarisation
effects the method of measurement used in this work
was a compensation method in which the cell e.m.f.
was opposed by a potential of equal magnitude by use
of a vernier potentiometer. This zero current method
theoretically enables an 'open circuit e.m.f.' to
be obtained. The null detector used was a vibrating
reed electrometer (IL Vibron Electrometer Type 1B).
A full description of the circuit used is given in
section 6.6.

6.4. Theoretical Basis of the Method
The e.m.f. of cell V was determined by
subtraction of the cell e.m.fe values for the cells

G.E. (H+)11 Test solutionj Sat. KC1, Calomel

and G.E.

W)11 Test solutionj Sat. KC1, Calomel

VI

VII

If we denote the cell e.m.f. values of VI and VII as
and E

respectively, then

= jO_

(RT/F)ln(H) + E1. + E f

6.7

= EK0 - (RT/F)ln(K) + EU + E f 6.8
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are the standard potentials of

and

where

and K+ responsive glass electrodes under conditions
of unit activity of H and K ions respectively.
Subtraction of 6.8 from 6.7 gives:

-E'f) - (RT/F) in (H) + (RT/F) in (K)

= (E'1 -Et) - (RT/F) in

6.9

Due to the variations in asymmetry potentials,
and EK01 were not constant values and required
re-determination for each series of measurements. A
suitable reference buffer (see section 6.5) was used
to calibrate both electrodes. Denoting measurements
in the reference buffer by the suffix r,

'h-Kr = ( Hbl _EK0l )

- (RT/F)lnL(H)/(K)]r

6.10

subtracting 6.10 from 6.9

L(EH_EK) -

=
6.11

-(RT/P) in[(H)/(K)] + (RT/F) in

i.e. the difference
The value [(Eff_EK) between the cell e.m.f. values for cell V with test
solution and with reference buffer is called 6.
Thus,
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6.12

where k = 2.3026 RT/P. In terms of concentrations
and activity coefficients expression 6.12 becomes:

t/k = log10 [[H+]rYH+[K+]YIC+/[H]YH+[K]rYK+)

6.13

Defining P as:
P = (LH+YYH+/[K+YtK+)r•([K]YK+/[H]YH+)

then P P' = ([H]/[KDr•([K]/[H])

6.14

6.15

making the approximation that the activity coefficients
of the species E+ and

e are equal in a given solution,

either reference buffer or test solution. Thus,
provided the ratio

is known, the method

gives values of ([K]/[H]) for the test solution. As
each test solution is prepared with a known concentration of potassium, the value of the hydrogen ion
concentration is obtained, and hence pcH (_log1o[H')
obtained as a function of the composition of the carbonate/
bicarbonate solution. These values are not pH values
(_loglo[H]Y+) but a reasonable estimation of the
differences between the poll and pH values can be made
by use of the Debye-llückel expression for activity
coefficient.
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6.5.

The Reference Buffer
The conditions of high concentration and

high temperature, which applied to many of the test
solutions studied, imposed restrictions on the choice
of buffer for calibrating the electrodes. The choice
was already restricted by the pH range to be studied
and the method used, to an alkaline buffer containing
potassium ions.

Physical shock to the electrodes

with consequent change in asymmetry potentials had
to be avoided. This was particularly important in the
experiments under carbon dioxde, due to the long
equilibration times needed as described in section 6.7.
Such shock was most likely to occur when transferring
the electrodes from the buffer to the test solution.
Cooling by exposure to the air was a likely source of
shock and this was avoided by use of a buffer to which
solid potassium carbonate was added to prepare the test
solution. A buffer composed of a potassium carbonate/
bicarbonate mixture served this purpose for the
experiments under carbon dioxide but not for those
under nitrogen where the bicarbonate content of the
buffer caused very large changes in the pH of pure
carbonate solutions. In these latter experiments the
electrodes were transferred via a water-dip at the
temperature of the experiment as rapidly as possible.
Any shock which did occur appeared as an excessive
drift in potential when the electrode was immersed in
the test solution indicating that the asymmetry of the
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electrode had been disturbed. In these circumstances
the calibration was repeated.
Bates, Pinching and Smith94 studied a solution
of composition 0.025 N Na2CO3/0.025 N NaI{003 as a
reference buffer and found it to have a high buffer
capacity and good keeping qualities although it suffered
from rather large changes of pH on dilution. The
equivalent buffer containing the potassium salts was
used in this work. This solution, 0.025 N K2003/
0.025 N KHCO3 was first prepared by volume while
noting the composition by weight:

3.4553 g K2CO3; 2.5030 g KHCO3; 1001.51 g solution

All subsequent preparations were carried out by weight
according to these values.
A comparison of the pH of this buffer with
0.01 N borax (Na2B407.10H20) solutions was made. A
glass electrode with internal reference electrode and
liquid junction was transferred from the carbonate/
bicarbonate buffer to the borax buffer and back again,
each time noting the cell e.m.f. As the two solutions
were of similar ionic strengths (o.i N and 0.03 14 for
carbonate and borax respectively) it was assumed that
liquid junction potential changes would be negligible.
A variety of electrode types and makes were used in a
series of these experiments over the temperature range
250C - 6000. No consistent bias was observed to result
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from the use of any particular type of liquid junction.
Figure 6.2 shows the National Bureau of Standards
(N-B.S.) values for the standard pH of 0.01 N borax
solution as a function of temperature between 25°C
and 60°C. Also plotted are the values obtained in a
typical transfer experiment for the pH values of the
carbonate/bicarbonate buffer, calculated from the
difference in the cell e.m.f. values between the two
buffers, assuming ideal electrode response and taking
the N.B.S. values for the borax buffer solution. The
values for the carbonate/bicarbonate buffer form a
smooth curve, nearly parallel to that for the borax
buffer. The spread of pH values obtained for the
carbonate/bicarbonate buffer at any particular
temperature did not exceed 0.1 pH unit and surprisingly
the highest spread was obtained at the lowest temp—
eratures. In view of these results it was decided to
use the 0.025 N K2003/0.025 N KHCO3 as the reference
buffer for all of the experiments.
The theoretical basis for the determination
of the ratio [(H)/(K)]r is as follows:
Taking concentrations in the reference buffer
as K2003 = m1, IIC03 = m2 , then [K] = m9+2m1 .
Rewriting the expression for the difference between
the cell e.m.f. values as given by equation 6.10 by

E = B° - k log[(H)/(K)]

6.16

FIGURE 62
Variation of pH with Temperature
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where E = H-Kr and I° = (EH01 -BK°1 ), we may
substitute for (H) using the expression for K2, the
second dissociation constant of carbonic acid:

u)(oo3 )/(Hco3 )

6.17

E = BO - k log K2[(HCO3 )/(CO3 )(K)]

6.18

K2

= (

which gives:

Now [H] + [K] = [11003 ] + 2[CO3 ]

for

charge balance, so letting [H+] = h, we have:

h + m2 + 2m1 = [HCO3 J + 2[CO3 ]
[H003 ] + [C03 1 =

therefore, Ii +

in2

in2

+

+ 2m1 = in1 +

thus,

[c03 ] = h +

and

[H003 ] =

m

in2

+ [

CO]

6.20

in1

in2 -

6.19

h

6.21

Using 6.20 and 6.21 we may rewrite 6.18 as:

E = E°+kpK2 -k log[ [ (m2-h)/(h+m1 ) ( m2 +2m1)
6.22
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The ionic strength, I

=

Czi2 ,

is given by 6.239

neglecting h,
I

[(M2+2m,)(+1)2 + m2(-1)2 + ml(-2)']

= 2
1

i.e.

6.23

I=m2 +3m1

Using the extended Debye-Hiickel equation for activity
coefficients we may write
1

1

logY0Q = _7,2AI/(1+BaI2) + b1100 I

6.24

logy 00. = _ z2 AI/(1+BaI2 )

+

b00 j

6.25

AI2/(1+Ba12 )

+

bI

6.26

logY+

= -z2

hence,
k logY1100 - k logY = kb0.I - kbK+I = kbl
where

6.27

b= b1100 - be

Thus,
E = B°+ kpK2

-

k log( (m2-h)/(h+m1Xm2+2m1)) - kbl
- k 4AI

1

1

+ kbCO3 =I

6.28

Defining B1 by
B1 = B + k 109((m2-h)/(h+mi )(m e+2m1 )1 + 4kAI2/(1+Ba12 )
6.29
then,
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E'=E°+kpK2 +kBI

where

6.30

B = bco + by -

Thus, a plot of B' vs I for a series of
solutions of constant values of the ratio rn2/rfl1 is
to a first approximation linear with slope kB and
intercept (B° + kpK2 ). As pK2 is known,the intercept
gives values of B° which yields in turn log[(H)/(K)]
by substitution in equation 6.16. Thus by calibration
of the electrodes in the reference buffer, for which
the value of [(H)/(K)] has been determined using the
principles outlined above, the experimental values
of the cell e.m.f. in the test solutions may be interpreted in terms of the quantity ([H]/[K)), (and
hence [H+J) as described in section 6.4.

6.6.

The Electrical Circuit
The circuit used to measure the cell e.m.f.

values is shown in figure 6.3. As described in
section 6.3 a 'Vibron Electrometer' was used. The
'high' or floating terminal was connected directly to
the glass electrode while the 'low' terminal, which was
maintained at earth potential, was separated from the
'high' terminal by the series combination of the
Tinsley vernier potentiometer (a conventional D.C.
potentiometer calibrated using a Weston Standard Cell),
the reference electrode and liquid junction, the test

FIGURE 6.3
Circuit for EI' Measurements
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solution and the glass electrode. The potentiometer
was adjusted so that the reading on the 'Vibron' scale
was zero, indicating no potential difference between
the 'high' and 'low' terminals. In this circumstance
the potentiometer e.m.f. directly opposed the cell
e.m.f. which was therefore given by the potentiometer
setting. The output terminal of the 'Vibron' was used
to feed the signal to a flat-bed chart recorder
(Servoscribe-Smiths Instruments Ltd) which enabled
any drifting of the electrode potentials to be monitored.

6.7.

Experimental Methods and Gas Pressure Control
The experiments with I2CO3 solutions under

nitrogen were carried out over a range of concentrations
up to saturation by adding known weights of carbonate
to a known weight of water. With the experiments
under CO2 however it was not obvious whether the
addition of carbonate or of bicarbonate would be the
most convenient way of increasing the potassium ion
concentration. A series of trial experiments were
carried out to compare the two methods. The response
of a 'combination' pH glass electrode was monitored
with the chart recorder as described in the previous
section. Carbon dioxide was bubbled through a solution
of carbonate or of bicarbonate which was stirred. The
absorption of the gas (in the case of carbonate solutions)
or desorption (bicarbonate solutions) was observed as
changes in e.m.f. towards values indicative of lower
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or higher pH. Jquilibrium. was seen to have been
achieved when no further change in e.rn.f* occurred*
Equilibrium arising through the absorption of the gas
generally took longer than by desorption, but the
traces of e.m.f. versus time obtained in the experiments
with carbonate were far smoother, steadier and gave a
more clearly defined 'end point' than those obtained
in the experiments with bicarbonate. Potassium carbonate
was more conveniently obtained in a pure dry state
than potassium bicarbonate, which could not be dried
by heating due to the loss of carbon dioxide which was
likely to occur. For these reasons it was decided to
use potassium carbonate for these experiments. The
solutions for test were then prepared by adding a
known weight of potassium carbonate to a known weight
of the reference buffer. The molality of the solution,
(in), equal to the number of gram molecules per kilogram
of solvent, could then be calculated.
An investigation of possible methods for the
control of the gas pressure was carried out. Initial
experiments were conducted using a flow through cell,
fitted with a glass frit inlet at the bottom of the
cell with the exhaust gas leaving via a reflux
condenser at the top. The apparatus was immersed in
a water thermostat bath, which was controlled by a
mercury thermometer with adjustable internal contact,
operating a 'Sunvic' relay which switched power off and
on to low wattage heaters in the bath. For high

12 15

temperature work a 3kw kettle heater provided ad.jutable
background heat, controlled by a 'Variac' variable
voltage controller. Plastic balls on the surface of
the water cut down evaporation and heat losses and the
tank was lagged with several layers of felt. The
temperature was held constant to within ± 0.05°C at
temperatures in the range 250_7000 by these means.
Pressure within the cell was controlled by
means of a mercury release valve system attached to
the gas outlet line. The exhausting gas was fed through
a glass sinter mounted in such a way that the flow
could be stopped by mercury rising to envelop the
surface of the sinter. This mercury was held in a
reservoir below the sinter and connected to the
reservoir by a U—tube filled with mercury was another
reservoir filled with air at one atmosphere (760 mm Hg)
pressure. A fall in pressure of the exhausting gas
and hence in the pressure of the gas above the test
solution to a value below one atmosphere caused the
mercury to rise and stop the flow through the sinter.
This caused the pressure in the system to rise until
it reached one atmosphere when the mercury level fell
just allowing gas to escape through the sinter,
preventing the pressure in the system from exceeding
one atmosphere.
This system soon proved to be impractical,
suffering from several disadvantages both in cell
design and in pressure controlling apparatus itself.
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Some of the liquid from the cell leaked down through
the gas inlet sinter into the attached tubing. This
loss caused a small error in the calculated concentration of the solution made by subsequent additions of
carbonate. More seriously, however, the sinter
frequently became blocked at high concentrations of
carbonate in the cell. A further error arose from the
fact that the true pressure of carbon dioxide in
equilibrium with the solutions included a contribution
arising from the depth below the surface of the liquid
at which the gas entered the cell.
The pressure control apparatus itself was
cumbersome and imprecise, and required the separate
thermostatting of the enclosed volume of air at one
atmosphere of pressure. The mercury/sinter interface
did not function as a particularly sensitive valve and
the pressure in the system tended to oscillate about
the required value.
To overcome these disadvantages a new manostatting system was designed (Figure 6.4). With this
design the gas did not flow through the solution but
the required pressure was maintained above it as
absorption of 002 took place. A drop in pressure
occurring as a result of the absorption caused a fall
in the level of mercury in a single column manometer,
M. Thus the contact between the mercury and a tungsten
wire sealed in a vertical position through the top of
the manostat was broken, operating a relay circuit and

F]

Manostat System Using the Magnetically
Operated Solenoid Valve
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opening a solenoid valve (s.v.). With the valve
open to a source of carbon dioxide at a pressure
greater than 760 mm Hg, gas entered the system,
restoring the pressure until at a value of 760 mm Hg
the mercury in the manometer made contact again with
the tungsten wire and the solenoid valve closed. A
large ballast volume included in the system and
capillary tubing fitted at the inlet from the solenoid
valve prevented surges of pressure and very fine
control was achieved. A conventional U-tube manometer
with mirror scales attached to the system made it
possible to make an accurate determination of the
pressure maintained in this way. The manostat, M,
could be raised or lowered in its reservoir of mercury
to adjust the pressure in the system which in all
experiments was kept at one atmosphere. A further
precaution to prevent surges was taken by maintaining
the source pressure at a value just greater than one
atmosphere by allowing the gas to leak slowly through
a needle valve and escape from a tube a few centimetres
below the surface of a mercury pool.
With this apparatus it was found that under
circumstances in which the test solution was rapidly
absorbing carbon dioxide the relay circuit operated
at very high frequency indicating that the valve was
rapidly opening and closing but no visible rise and
fall in the mercury level of the manometer, N, could
be seen. Very fine control of the pressure above the
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test solution was thus achieved and the value was
maintained at 760 mm Hg with a high degree of precision.
The experimental cell used with this apparatus
was very similar to that used with the previous system
but the gas inlet was at the top of the cell, above
the test solution rather than below the surface.
The solution was stirred continuously whilst equilibra—
tion took place and when equilibrium was achieved the
cell e.m.f. values were determined both with the
stirrer running and with it switched off. This
indicated whether the electrodes were displaying
'stirring' potential resulting from the streaming of
solution round the glass bulbs. No significant
effects of this kind were observed. However the
results of these experiments were highly irreproducible.
It was found that the results showed a marked dependence
on the stirrer speed used. This indicated that the
degree of absorption of the carbon dioxide was seriously
affected by the rate of stirring. In a study of the
solubility of argon, Nain95 has shown that solutions
of gases can display a high degree of supersaturation
induced by excessive mechanical agitation, especially
stirring. Pressures in excess of the pressure of the
bulk gas can be induced inavor-tex, created by rapid
stirring, giving rise to a much greater degree of
solution of gas than the true equilibrium concentration
of the gas with its partial pressure in the bulk gas
phase. In their study of the ionisation constant of

130
carbonic acid in water, Harned and DaviS77 used a
cell which was mounted in a device which enabled
gentle rocking of the apparatus. By this means
sufficient agitation was created to achieve equilibrium
within six to eight hours as indicated by the constancy
of e.m.f. measurements determined after this time.
In view of the degree of irreproducibility found on
using a stirrer it was decided to use the method of
Harned and Davis and a new cell was constructed which
could be conveniently rocked. Experiments with this
cell were considerably more reproducible and this
apparatus was adopted for use in all the e.m.f.
experiments involving equilibration with carbon
dioxide. The cell is shown in Figure 6.5.
Runs were carried out by first filling the
cell with a known weight of the reference buffer
solution under nitrogen. -,.Ihen steady e.m.f. readings
were obtained in the reference buffer the first
addition of carbonate was made using the addition tube
and adapter shown in Figure 6.6. These were weighed
before the addition after filling the tube with the
required amount of potassium carbonate. After the
addition both were reweighed to determine the weight
of carbonate added to the cell. The cell was flushed
out with carbon dioxide and connected via the reflux
condenser to the manostatting system filled with
carbon dioxide. A simple mechanical rocking device
into which the cell was clamped was switched on and

Cell for Experiments Under CO 2
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the cell allowed to rock until equilibrium was reached,
as indicated by no further change in e.m.f. from the
hydrogen ion responsive glass electrode/reference
electrode couple, and also by the cessation of the
operation of the relay, indicating no further uptake of
carbon dioxide. When the e.m.f. measurements had been
made the process was repeated with a further addition
of carbonate. In this mariner individual runs were
carried out enabling measurements to be made at two
to three concentrations of potassium. As equilibration
was a lengthy process often requiring up to one hour
or more before no further absorption occurred, each
run was restricted to no more than three additions.
Four temperatures were studied - 2500, 450C, 6500
and 85°C, although at the latter temperature only very
few runs were completed beyond one or two additions
due to serious drifting of the e.m.f.'s.
The experiments on potassium carbonate solu—
tions under nitrogen were carried out at the same
temperatures in the cell shown in Figure 6.7. This
was the cell used for the experiments under carbon
dioxide with stirring, prior to the use of the cell
shown in Figure 6.5. The electrodes were calibrated
in the reference buffer contained in the cell used for
the carbon dioxide experiments and transferred to the
cell fitted with the stirrer. Before insertion in the
cell they were dipped in distilled water contained in
open vessels mounted in the thermostat bath. Excess
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drops of liquid adhering to the electrodes were removed
by touching the drops with paper tissue before inserting
the electrodes in place in the 'stirring' cell. The
transfer of the electrodes was carried out as quickly
as possible.
The cell was prepared for a run by filling
with a known weight of distilled water, mounting in
the bath, flushing with nitrogen and the water was
slowly stirred for some time to achieve thermal
equilibrium with the bath water. Additions of potassium
carbonate were made in an identical manner to that used
in the experiments under carbon dioxide, but a positive
pressure of nitrogen rather than of carbon dioxide
was maintained within the cell whilst making the
addition. The first addition was made before the
electrodes were transferred to the cell. By successive
additions the runs covered the full concentration
range up to saturation of potassium carbonate. Here
also, considerable difficulty was experienced with the
electrodes in runs at 8500.
At the end of each run the electrodes were
re-transferred to the reference buffer for recalibration.
It was found that for most runs very little change had
occurred in the calibration values of e.m.f., the
larger differences occurring with the runs at 8500.
However, it is uncertain how significant these changes
were, as the electrodes suffered much more shock in
being transferred from a highly concentrated alkaline
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medium back to th reference buffer after a run than
in being transferred at the beginning of a run.
Changes in the asymmetry potential arising from
immersion in the hot caustic solutions would be
expected to be most serious for those concentrations
at the end of runs and these points are therefore the
least reliable. The only measure of their reliability
is the reproducibility of successive runs, as discussed
in Chapter 10. Several experiments were carried out
in which only concentrations near to saturation were
studied and by this means the effect of lengthier
immersion in the caustic solutions on the glass
electrodes was estimated. The differences obtained
in the values of the calibrated cell e.m.f., A,
indicated that errors from this source were insignificant compared with other sources of error. The spread
in values of A for given concentrations was not
increased by including values measured in both ways.

6.8.

Characterisation of the Reference Buffer
The experiments to determine

were carried out in the cell used for the experiments
under nitrogen. A weighed quantity of the standard
reference buffer was placed in the cell under nitrogen
and the electrodes were allowed to soak in this until
steady e.m.f. values were obtained. Additions of a
stock solution, 1.25 N in each of potassium
carbonate and potassium bicarbonate were made. The
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stock solution was prepared by volume but the weight
composition was noted at the first preparation and was
used for further preparation. The weight composition
used was 86.3800 g K2CO3; 62.5600 g KHCO3 and made
up with distilled water to give 602.71 g of solution.
The runs were carried out in a manner very
similar to those using K2CO3 solutions under nitrogen.
The additions were made by use of an 'Aglal micrometer
syringe, weighed before and after each addition.
Each addition was of approximately 1 g of stock
solution to an initial weight of standard reference
buffer of approximately 200 g. By this means a series
of values of B for known values of the molality, m,
of potassium in solutions of equal concentrations of
carbonate and bicarbonate ions were obtained, where
B = ER-BK. BR and E

are the cell e.m.f. values for

the cells VI and VII respectively. Hence by expression
6.29 values of B' could be calculated from the
experimental values of B.
The results and their analyses are discussed
in Chapter 10.

6.9.

The Selectivity Constant of the

e Responsive

Electrode
The potassium responsive glass electrodes used
are sensitive to ions other than potassium. In the
system studied the only ioi other than potassium to
which the electrode shows significant response is the
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hydrogen ion. As all of the solutions studied were
of very high (K)/(H) values it was thought very
unlikely that the degree of response of the potassium
selective electrodes to hydrogen ions would be
significant. Experiments were set up to verify this
assumption.
Theoretical consideration of the origins
of the potential of glass electrodes have been made
by many workers, notably Eisenman .9 e

Taking the

total potential to be the sum of two boundary potentials
(at the internal and external glass surfaces) and a
diffusion potential in the interior of the glass, an
expression can be derived of the form:
11h

E = const. - nRT/Fln[a

+ (K a)

6.31

]

ij u. and u. are the relative
where K.
"
13 = K[u./u.]
3
3 1 • 1
mobilities of the ions i and j within the glass membrane;
K is the ion-exchange equilibrium constant of the
is an empirical
ii
constant describing the relative selectivity of the

membrane-solution interfaces.

membrane with regard to cation j vs cation i. K is
called the selectivity constant and it is this
parameter that the experiments described below are
designed to measure. The empirical parameter nij

V

which

appears in the theoretical treatment as a consequence
of the assumption that the glass behaves as a perfect
cation exchanger obeying n-type, non-ideal behaviour
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(ideal, n=1) has been shown by ]isenman et. al.96 to
be equal to unity at pH values above 6. This allows
the simplification of 6.31

E = E01 _ RT/F ln[(K) + K(H)]

where, K+

a

species i, H+

m

6.32

species j.

A value of K1RHof 0.01 indicates that 0.01 moles of
are equivalent to 1.0 moles of 11+ in determining
the electrode potential.
The experimental determinations were carried
out using the cell used for the experiments on KC0
solutions under nitrogen. A known weight of 0.067 N
KC1 solution was put in the cell and the electrodes
allowed to equilibrate in this solution. The potentials
were measured and successive additions of 1.0 N HC1
solution were made by volume from a burette. The
solution was stirred after each addition and the
electrode potentials re-determined. The experiments
were carried out at 25°C. 450C and 650C under an
atmosphere of nitrogen.
The results obtained and their significance
is discussed in Chapter 10.
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Chapter 7 : DENSITY MEASUREMENTS

7.1.

Introduction
To interpret conductance measurements on aqueous

solutions it is necessary to know their molarity

(i.e.

concentration in moles of solute per de of solution).
As this is temperature dependent, it is experimentally
difficult to prepare solutions of known molarity,
especially for work at temperatures removed from room
temperature. For this reason, all solutions prepared for
conductance measurements were made up by weight and their
concentrations calculated as molality (moles of solute
per kg of solvent), which is temperature independent.
Their molarities, c, were then calculated from their
molalities, m, with equation 7.1

C=

lO3 dm/ (Mm + iO)

7.1

in which d is the density of the solution (kg dm-3 )
and M is the molecular weight of the solute in grams.
The densities of the solutions were obtained as a function
of molality from a separate series of experiments.

7.2.

Apparatus and Technique
The apparatus used for the density measurements

is illustrated in Figure 7.1. All measurements were made
with one of three single capillary pyknoTneters. For the
most concentrated solutions, measurements were made with

FIGURE 7.1

Apparatus Used for Density Measurements

ICU
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the smallest pyknometer (approximate volume 34 cm3 ) as
the weights of the two larger pyknometers (approximate
volumes 112 and 124 cm), when filled with very concentrated solutions, were beyond the capacity (200 g) of the
balance (Stanton Instruments Ltd., C.L.I.).
The solutions were prepared by weighing out the
carbonate in the dry conical flask (see Figure 7.1) on
the Stanton balance. Water was then added and its weight
determined on a top pan balance (Torbal Model PL-800).
The magnetic stirrer bar was added, the flask flushed
with nitrogen to prevent absorption of atmospheric carbon
dioxide and the stopper and plastic cap seal fitted. The
flask was then placed in the thermostat bath and stirred by
means of the magnetic stirrer bar, until all the solid
had dissolved and the solution was in thermal equilibrium
with the bath. The bath temperature was maintained by
means of a Shandon 'Circotherm II' and was constant to
within ± 0.01 Co at 25°C and ± 0.05 0° at 75CC. For
measurements on solutions under carbon dioxide the flask
was swept out with 002 and the solution gently shaken
under a total pressure (of H20 vapour and 002) of
1 atmosphere. The apparatus used to control the pressure
is described in Chapter 6. When equilibrium had been
achieved the flask was raised until the capillary side
arm was above water level, the plastic cap seal was then
removed and replaced with the one fitted with the transfer
tube. The flask was then lowered to its original position.
The solution was flushed through the transfer tube by a
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slight increase in the pressure of nitrogen or carbon
dioxide. The pressure was then reduced by opening a
release valve and the transfer tube was inserted into the
pyknometer. On closing the release valve the gas pressure
drove the solution into the pyknometer. When this was
filled to the desired level the release valve was opened
and the transfer tube removed. Any excess drops of
solution in the upper part of the pyknometer capillary
were removed by insertion of a length of pipecleaner.
The solution was left in the pyknometer in the thermostat
bath until no further volume change occurred. The
position of the meniscus in the capillary was then
noted and the pyknometer was removed from the bath, dried
with tissues and weighed on the balance.

7.3.

Calibration
The pyknometers were calibrated at each tempera-

ture immediately before a series of runs. This was done
with laboratory distilled water handled in the same
manner as the solutions. The capillary was read to
± 0.002 c2 and in fact all calibrations agreed to
within 0.001 cm3 . The values used for the densities of
ordinary water over the temperature of these calibrations
were those reported by Kell.97 All weights were corrected
to in vacuo values for calibration runs and density
measurements by the expression:

Wvac = w
. [ 1-(dai
iJdwts)]/[1_(dair/d)]
air

7.2
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The reliability of the experimental technique was
established by measurements on potassium chloride
solutions. Two solutions were prepared (0.7768 and
0.7804 molar) in the conical flask by the same procedure
as adopted in runs with carbonate solutions. The solution
of lower concentration was used in the 120 cm3 pylmometer
and the other solution in both the 112 cm3 and 34 cm3
pyknometers. Table 7.1 shows the results of these
experiments and compares them with calculated densities
obtained with the empirical e:uation proposed by Dunn9

d = A + Be

7.3

c is the molarity, d is the density (g ml-1). For aqueous
potassium chloride solutions in the concentration range
0.76 -

0.83

molar and at 25 0C, Dunn reports the values

0.9976403 and 0.045316 for A and B respectively.
(Densities in Table 7.1 are calculated in g ml as these
are the units used by Dunn. Otherwise throughout this
work all densities and volumes are expressed in g cm-'
and cm3 respectively. 1 g ml = 0.999972 g cm.)
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TABLE 7.1
NOLARITY = 0.7768 (39) mol dm-'

SOLUTION I

120 cni pyknometer
Observed Density

Calculated Density

1.032823

1.032844

SOLUTION II

Difference
-0.000021

NOLARITY = 0.7803 (91) mol dni 3

112 cm3 pyknometer
Observed Density

Calculated Density

Difference

1.0330304

1.0330045

+0,000026

1.0330042

+0.000018

34 cm3 pyknometer
1.0330224

As the potassium chloride solutions were prepared by
weight it was necessary to calculate their molarities
from the relation

C

= dm'

7.4

where m' is the concentration in moles per kg solution.
This calculation uses the observed densities and hence
there is a slight difference in the calculated densities
for solution II derived from the observed densities
obtained with the 112 cm3 and 34 c2 pyknometers. The
observed densities obtained for solution II with these
two pyknometers agree to within 8 x 10g m1 1. From
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the differences between the observed and calculated
values it is believed that densities determined with this
technique at 2500 are accurate to within ± 3 x 10 5 g cm-".
The accuracy expected with this technique (based mostly
on the precision with which the volumes can be read ± .002 ml) is a few parts in 10. The accuracy found is
therefore consistent with that expected.

Problems and Techniques at High Temperatures

7.4

Several problems arose when the technique was
used at higher temperatures (40°C, 60°C and 75°C). One
was that the observed weight of the pyknometer and solution
immediately after removal from the bath varied systematically with time. This probably arose from the contraction
of the solution while cooling, causing a change in air
buoyancy and a corresponding change in apparent weight.
A plot of weight against time consistent with this
explanation is shown in Figure 7.2. A 1.0 molal solution
of potassium carbonate has a density of approximately
1 .10 g em at 25°C while at 40°C it is approximately
1.08 g cm. If the density of air is taken as 0.0012
g cm 3

,

it can be shown that 120 c2 of 1.0 molal

carbonate solution will appear to gain in weight by 0.003 g
in cooling from 40°C to 25°C. The effect will be greater
for larger temperature drops. Figure 7.2 is for 120 ml
of a similar (approx. 1.0 molal) carbonate solution
removed from a thermostat bath at 4000. Between 6 and
190 minutes after removal the apparent gain in weight is

FIdUR

'1. 2

Jsq.,3,

J5q.937

,5"35

Tim a / MIN.

ME
0.0037 g. This agrees well with the value expected from
calculation. It would be expected that the observed gain
in weight would reflect a contribution arising from the
contraction of the glass. This contribution would
however be small relative to that of the contracting
solution, due to the relatively small volume of glass and
the low coefficient of thermal expansion of the Pyrex
glass.
To overcome this problem it was decided to take
the weight reading at a fixed time (5 minutes) after
removal from the bath. Although it was thought that
evaporation losses from the pyknometer would be slight,
due to the condenser effect of the long capillary tubing,
it was decided to make the time interval between removal
from the bath and weighing as short as practicable.
Despite the disadvantage involved in weighing the pyknometer at a point on the weight/time curve at which the
curve was very steep there was a considerable advantage
because of the way in which the densities were calculated.
This involved the estimation of an approximate density for
the solution from the observed volume and weight,
uncorrected for air buoyancy. This approximate density
was then substituted in Equation 7.1 to obtain the weight
value in vacuo. This correction for air buoyancy is
liable to greater error the later the weight reading is
made.
A precaution against loss of water by evaporation
from the pyiometer, whilst in the thermostat bath, was
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made by fitting a plastic cap over the end of the capillary.
This served as a seal against such losses. After removal
from the bath the pyknometer was dried as quickly as
possible and placed on the balance. The plastic cap was
removed just before weighing. Despite the cap seal
there was a risk, in the case of solutions which had been
equilibrated with carbon dioxide, of loss of this gas
from solution, especially on days when atmospheric
pressure was low. Although the tendency for this to
occur becomes less as the solution cools (gas solubility
in liquids increases with decreasing temperature) this
reinforced the case for taking the weight reading
quickly.
Further problems were encountered at the higher
temperatures studied. With very high concentrations it
was often difficult to prevent the transfer tube becoming
blocked in the section which was out of the bath water
when the pyknometer was being filled. This section was
kept as short as possible and the solution flushed
through as quickly as possible to try to prevent the
solution cooling and crystals forming. Despite these
precautions it was found that solution transfer by this
technique on some of the most concentrated solutions,
especially the saturated ones at 60°C and 75°C, was
impossible. As a result, measurements on these solutions
were not made.
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A further problem was encountered at high
temperatures. As the pyknometer filled, displacement of
the volume of air above the solution occurred and at
high temperatures this air contained a significant
quantity of water vapour. As the rate of displacement
of this air was slow, water vapour condensed on the
inside walls of the capillary tubing above the level of
the thermostat water. This gave rise to two possible
sources of error. Any water which did not condense in
the capillary or any which did not run back down to the
bulk solution was lost and consequently the concentration
of the solution in the pyknometer differed from that
initially prepared. Also, condensed water vapour which
ran back to the bulk solution did not mix to form a
homogeneous liquid. A volume reading taken in these
circumstances would have led to the calculation of an
incorrect density value. To minimise these sources of
error the pyknometer was filled to the top of the
capillary and the transfer tube quickly withdrawn with
the simultaneous opening of the release valve. This had
the effect of washing the capillary with the bulk solution
and subsequent drying of the portion above the meniscus
with pipecleaner removed any adhering drops of bulk
solution rather than condensed water vapour. The possible
loss of water vapour which did not condense in the
capillary was not thought to give rise to serious error.
This possibility was most likely with dilute solutions
for which the water vapour pressure was high. However,
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there was no problem of blocking of the transfer tube
with these solutions and the filling operation could be
carried out very slowly. The concentrated solutions
which had to be rapidly transferred to the pyknometer
had relatively low vapour pressures.

7.5

Cleaning and Preparation for Further Runs
The pyknometers were emptied by displacing the

solution with compressed air introduced via a narrow
plastic tube. They were then washed out with tap water
introduced with a long syringe needle connected to the
water supply. Final washing was with laboratory distilled
water, also delivered through a long syringe needle. The
pyknometers were dried in a Belling oven at 100O. In
case water vapour remained in the pyknometer after
heating in the oven it was swept out with dry nitrogen
from a cylinder fitted with a narrow bore stainless steel
tube which was inserted right into the bulb.
In order that it should reach the bath temperature
and its equilibrium volume at that temperature, the
pyknometer was placed in the thermostat bath approximately
20 minutes before solution was transferred to it.
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Chapter 8 : CONDUCTANCE MEASUREMENTS

Conductance measurements were made at high and
low concentrations on solutions of potassium carbonate
and on solutions of potassium carbonate equilibrated
with carbon dioxide at a total pressure (002 + 1120) of
one atmosphere. Different techniques were used for low
concentrations and high concentrations. For all
experiments in which equilibrium with carbon dioxide was
maintained the apparatus used for pressure control was
that described in Chapter 6. Measurements were made at
four temperatures - 250C, 4000, 60°C and 75°C.

8.1.

Measurements at Low Concentrations

8.1.1. Conductance cell
To determine limiting molar conductances it is
necessary to make measurements at very low concentrations.
The technique used to make these measurements employed a
conventional type of conductance cell (Figure 8.1) which
consisted of a 500 cm3 conical flask with a cell compartment connected to the flask by an upper and lower arm.
This construction enabled the cell compartment to be
filled with liquid without trapping any bubbles. The
electrodes were platinised platinum discs mounted on
platinum wire sealed through very short lengths of soda
glass tubing, in turn sealed to Pyrex. The side arms
were filled with a small amount of mercury into which
copper wires dipped. These wires were joined to brass

FIGURE 8.1

Conductivity Cell
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terminal connectors at the top of each side arm. A
capillary side arm fused into the neck of the flask and
fitted with a glass tap served as a gas inlet.
8.1.2. Preparation of the cell
The cell was prepared for use by cleaning with
concentrated nitric acid, rinsing with distilled water and
steaming for approximately two hours. It was then dried
in an oven at 100°C. With mercury added to the side arms,
copper leads and brass connectors fitted, the cell, stopper
and tap barrel were weighed together on a top-pan balance
(Torbal model PL-800). Platinisation of the electrodes
was carried out by electrolysing a solution of chloroplatinic acid at a current density of 10 mA cm-2, reversing
the direction of the current at 10 second intervals for
15 minutes.9

It was found that this procedure was

necessary to obtain minimum frequency dependence. After
platinisation the cell was washed out with distilled water
and finally with conductivity water.

8.1.3. Cell mounting and thermostat
The cell was supported in a rocking mechanism
(Figure 8.2) which allowed the cell to be tilted back and
forth while immersed in 'Shell Diala B' oil contained in
a well lagged copper thermostat bath. Control of the oil
temperature was achieved by a thermistor, dipping into
the oil, and forming one arm of a balanced bridge circuit.
Changes in temperature caused an imbalance of the bridge
circuit, displayed by the deflection from the zero or

FIGURE 8.2
Rocking Mechanism
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balance position of the pointer of a microammeter. This
very small current operated a micro-relay which switched
power on or off to the heating coils in the bath. These
coils gave a total power output of approximately 200 W
and for background heat at the higher temperatures the
bath was fitted with a 3 kW heater connected to a 'Variac'
voltage controller. A water-fed copper coil served to
cool the bath when necessary. The oil was vigorously
and continuously stirred. By these means it was possible
to keep the temperature of the oil bath constant to
± 0.02°C.

8.1.4. Bridge. power source and detector
The apparatus used for making conductance
measurements was a 'Wayne Kerr Universal Bridge type
B221A' with an external detector - 'General Radio Co.
Tuned Amplifier and Null Detector type 1232-A'. The
power source for the bridge was an 'Advance L.F. Signal
Generator type S.G.66'.

8.1.5. Calibration
Calibration of the cell was carried out at 25°C
with several concentrations of potassium chloride solution.
These were prepared by the same method (described later)
as used for the potassium carbonate solutions. The
frequencies at which measurements were made on each
solution were 3000, 2000, 1600, 1250 and 1000 Hz and a
check was made on the conductance of the water used at
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1600 Hz. Figure 8.3a shows a plot of 1/f vs R for a
potassium chloride solution; the value of R obtained
by extrapolation to infinite frequency in this manner
was the value used in each case for the resistance of
the solution concerned. This method was also used with
the carbonate solutions and with those in equilibrium
with carbon dioxide. The equivalent conductances of the
potassium chloride solutions were calculated from their
concentrations by use of the equation of Lind, Zwolenik
and Fuoss'°°:

= 149.93 - 94.65c2 + 58.74c log c + 198.4c
The results for two typical calibration runs are shown
in Figure 8.3b. There is no evidence of a systematic
trend in cell constant with solution concentration, which
shows that the cell and experimental technique are
satisfactory. The value for the cell constant taken from
this run was (0.5737 ± .0006)cnf 1 and this was subsequently
used as the cell constant for runs at 2500. The spread
of values of cell constant taken from these calibration
runs and subsequent runs (required after repair to the
cell which was occasionally necessary after high
temperature runs) suggests an overall precision of the
measured values of the equivalent conductances of
solutions (at 25°C) of about 0.20%.
Calibration of the cell was not carried out at
the other temperatures studied - 40, 60 and 75CC. The

FIGURE 8.3a
KC1 Solution Resistance as a Function
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cell constant variation with temperature can be calculated
as follows:
If the cell consists of two large electrodes of
area, A, sepaiated by a small distance, 1, and mounted
on wires of length, d, sealed into the glass supports
which are themselves separated by a distance, 3, then
1 = 3-2d. The effects of thermal expansion are to
increase A, increase S and increase d. The cell constant,
a, is approximately,

1/A = (S-2d)/A. It can be shown

that

-g TT

= agS/(S2d) - 2a2 (S_d)/(S_2d)

where a is the coefficient of linear expansion of glass,
Olpt is the coefficient of linear expansion of platinum.
The cell used had dimensions d. = 3 mm, 1 = 16 mm,
S = 22 inn.
Taking

ag = 3.6 x 10cm K

and

apt = x 10' cm. K

we get

Ida = -16.43 x 10K

This value was used to calculate the percentage decrease
in cell constant for a given temperature increase, dT.
For dT = 150C, (i.e. T = 4000), the decrease is .025o.
For dT = 50°C (T = 750C), the decrease is .082'/o. The
corrections to the cell constant were carried out for each
temperature used and the corrected values used in the
subsequent analysis of the conductance measurements. However
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had the variation of cell constant with temperature been
ignored, the error incurred would have been approximately
.0816 for the temperature most removed from the temperature
of calibration. The accuracy of the Wayne Kerr bridge
was 0.1% and on the ranges used for these experiments
the reading error was negligible.

8.1.6. Preparation of stock solutions and method of
addition
The preparation of solutions for a run was carried
out in the following manner. A weight burette (Figure 8.4)
was weighed when clean and dry. Into this was put 0.5 1.0 gin of solid K01 or K2003. The burette was then
re-weighed. Finally, approximately 50g of conductivity
water was added against a counter current of nitrogen and
the burette weighed again. The mixture was stirred by
gently bubbling nitrogen gas through the burette by
attaching supply tubing to the burette tip. By alternately
blowing

out the liq-uid in the inner arm of the burette

delivery tube and then allowing it to refill to the bulk
liquid level by removing the gas supply tube, it was
possible to obtain a homogeneous solution under nitrogen
without any evaporation losses. Finally the gas supply
tube was fitted to the side arm and by opening the taps
the delivery tube was completely filled. Some solution was
allowed to siphon out, the taps were closed, any droplet
present on the burette tip removed with a tissue and the
ground cap fitted. The burette was then ready for the first
addition.

FIGURE 8.4
Weight Burette
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162
The cell was prepared after the previous run by
washing out five times with laboratory distilled water,
once with conductivity water and finally it was filled
to the required level with conductivity water under a
counter flow of nitrogen. The cell, fitted with stopper
and containing the conductivity water was weighed on the
Torbal balance, mounted on the rocking mechanism in the
thermostat bath and rocked gently for approximately 30
minutes to achieve thermal equilibrium with the bath.
The conductance of the water was then measured with the
bridge, detector and oscillator described above at an
applied frequency of 1600 Hz.
Additions of stock solution to the cell were made
by use of small glass cups (Figure 8.4). After noting
the weight of the burette, a small volume of stock solution
was allowed to siphon into a glass cup. Siphoning was
stopped so that no drop of solution remained adhering to
the burette tip, to which the ground glass cap was fitted.
The cell stopper was removed and the glass cup dropped
in against a slight counter current of gas. This operation
took less than two seconds to execute. The burette was
re-weighed. The cell was allowed to rock until constant
conductance readings were obtained (usually 10-15 minutes
for experiments under N2, approximately 30 minutes under
002) before the readings were noted and another addition
made.
To minimise water vapour losses on adding stock
solution, a small presaturator was mounted on the rocking
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mechanism. This consisted of a test tube fitted with
a dreschel head and containing conductivity water.
One outlet of the head was connected by a short piece
of tubing to the capillary gas inlet of the cell, the
other was connected to the gas supply line, CO2 or
N2. By this technique it was found that the total
weight lost over six additions at the highest
temperature studied (75°C) was 0..07% of total water
in the cell at the end of the run.
8.2.

Measurements at High Concentrations

8.2.1 • Introduction
As discussed below, the conventional method
for the determination of the conductance of electrolyte solutions is subject to a number of practical
disadvantages when used for measurements on concentrated
solutions.
Calvert and others'02105 have developed a
technique for making conductance measurements on
solutions which have high electrolytic conductivities.
The method uses audio frequency alternating current as
in the conventional method, but avoids the use of
electrodes immersed in the solution under study. Two
toroidal transformers are mounted in a moulded insulating
block (Figure 8.5a). Coupling between the transformers is
provided by a closed loop which threads both coils, and is
formed by a non-conducting container which is filled with
the solution under study. A transformer bridge is used to

FIGURE 8.5a
Cross-Section of EleotrQde _q.Utern for
Measurement Qf High Conductivity Solutions
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determine the degree of coupling between the two transformer
cores which depends directly on the conductivity of the
loop and hence on that of the solution. Figure 8.5b shows
a simplified diagram of the bridge circuit. The 'source'
transformer s T1 , a voltage transformer, has its secondary
winding tapped to give sections having N and N 5 turns.
The 'detector' transformer, T2 , is a current transformer,
the primary of which is tapped to give n and n turns,
and the secondary is connected to the detector. The
bridge is balanced by varying the standard impedances,
to give null indication in the detector. Tinder these
conditions, zero flux is produced in the current transformer, and there is no voltage drop across its windings.
The detector sides of both the unknown and standard
impedances are therefore at neutral potential. In practice
the standard impedances are divided into their resistive
and reactive components, and NU and flu are each reduced
to a single turn. It can be shown 104 that under these
circumstances the balance equation is given by

GU = N SSS
n G
where G is the 'conductance standard' (i.e. resistive
component of the impedance standard,

z8)

and G is the

unknown equivalent which is being determined.
The coupling between the toroidal cores is also a
function of the geometry of their relative positioning and
of the dimensions of the tube in which the liquid is
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contained. These factors are therefore held constant in
practice.
The system has the advantage of being 'electrodeless' and hence does not suffer any of the effects which
occur at electrode surfaces giving rise to frequency
dependence. This advantage becomes significant at higher
concentrations. While the conventional technique is more
sensitive - it can detect much smaller changes in
conductivity - the need for such sensitivity becomes less
at the higher concentrations. Due to the suitability of
this method for the determination of relatively high
conductivities in electrolyte solutions it has considerable
potential as a complement to the conventional method,
enabling measurements to be made over the full range of
concentration.

8.2.2. Apparatus
The apparatus used in this work was based on a
design marketed by Wayne Kerr Limited (Liquid Conductivity
Loop Cell 0321). The bridge used was the Wayne Kerr
Bridge type B221A, operated from its own internal power
source at a frequency of 1592 Hz. A 'General Radio Co.
Tuned Amplifier and Null Detector type 1232-A' served as
a null meter to indicate the balance position.
The cell used for this work is shown in Figure
8.6. A 250 cm3 conical flask was joined to a loop of
Pyrex tubing which passed through the 'toroidal block'.
The joint between the loop and flask was made with a

FIGURE

8.6

Conductivity Cell for Highly Concentrated
Solutions
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piece of tubing of the same diameter as that of the loop
tubing and 2-3 cm long. In this way it was possible to
fill the loop completely with solution and it was found
that the depth of bulk liquid in the flask had no effect
on the readings obtained provided that the level of liquid
was always above the point at which the loop was joined
to the flask. In order to achieve the maximum sensitivity
possible with this arrangement the diameter of tubing used
was the maximum that would fit through the toroids and
the path length round the loop was as small as possible.
The cell was fitted with a side arm which terminated in
a B/10 socket. For the experiments under carbon dioxide
a microcondenser was fitted to the side arm and the gas
supply fed through this via a 'Rotaflo' stopcock. This
was mounted on a B/10 cone which fitted into the socket
at the top of the microcondenser. Experiments under
nitrogen did not require the condenser and the stopcock
was then mounted directly on the side arm and kept closed
except for the purposes of purging the cell with nitrogen.
The cell was mounted on the same rocking mechanism as
described in Section 8.1.3. and the action of this
alternately emptied and filled the loop. The cell was
immersed in a water thermostat bath, with the thermostat
device and heaters described in Section 8.1.3.

8.2.3. Procedure
The cell, clean and dry, was prepared for a run
as follows. It was weighed on the top-pan balance,
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conductivity water was added against a counter current of
nitrogen and the cell was re-weighed. It was then mounted
on the rocking mechanism and connected to the gas supply
line. With runs under CO2 the apparatus was connected
to the gas supply before immersion in the bath and the
cell was swept out with carbon dioxide. Additions of
solid potassium carbonate were made to the cell from a
glass tube sealed at one end and fitted with a B/14 cone
at the other. This was filled with carbonate and weighed
along with a B/14-B/24 socket to cone adaptor. The
addition was carried out by removing the cell stopper,
fitting the adaptor and carefully inverting the addition
tube into the adaptor so that all the carbonate fell
through the adaptor into the cell. The tube and adaptor
were then removed as one, the stopper replaced and a
small volume of gas blown through the cell past the stopper
which sat slackly in the socket. This was done to reduce
any error due to air introduced into the cell during the
addition. The tube and adaptor were immediately re-weighed.
The cell was rocked to and fro' until equilibrium conditions
were established as ascertained by constant bridge readings.
A rough indication of the approach to equilibrium with
the carbon dioxide was given by the solenoid valve in the
pressure controlling system (described in Chapter 6) which
remained closed for longer periods as the system approached
equilibrium.
The bridge was prepared for a rim by connecting
it to the empty, dry cell, mounted in the thermostat bath.
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Fine adjustment controls were provided on the bridge to
remove residual impedances arising from the leads,
thermostat water etc., and these were then adjusted so
that with the bridge balancing arms set at zero values
minimum deflection of the null meter was obtained.
This 'trim' setting was found to require little or no
adjustment from run to run. The very slight variations
observed were probably due to changes in the conductivity
of the thermostat water. In order to keep this to a
minimum the bath water was changed frequently.

8.2.4. Calibration
The Jones and Bradshaw'°9 demal standards for KC1
solutions were used for the cell calibrations. Demal
solutions contain 1 mole of substance in 1 kg of solution.
The values of specific conductance given for these standards are for solutions 'prepared in vacuo' - i.e. all
weights were corrected for the buoyancy of the air. In
order to prepare these standards it was therefore necessary
to calculate the corresponding weights to use in air
equivalent to the standard weights 'in vacuo'. From
equation 7.2 it is seen that values of the densities of
the materials being weighed are required for these
calculations. The densities of the demal standards were
obtained as follows. 0.1 and 1.0 demal solutions were
used and these have molalities of 0.10025 and 1.02717
respectively. Harned and OwenE

give the following

expression for KC1 solutions at 2500.
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8.1

c/rn = d0-Axn-Bm2 ± 0.05%

where A =

0.0284, B = 0.0003 and d0 = 0.9970. Dunn9 gives
(7.3) for the densities of KOl solutions as

an expression

a function of their molarities, c. Equations 8.1 and

7.3

were used to calculate the densities of the denial and 0.1
denial solutions and hence the values of the weights in
air of these solutions were calculated. The 'air weight'
of potassium chloride to be used was also calculated
using Equation

7.2 taking 1.984 g c 3 as the density of

the solid 07 The results of these calculations are
summarised in Table

8.1
TABLE

8.1

Weight of soluWeight of KOl
Weight of KC1
tion (in air)
(in air) per
(in vacuo) per
Solution 5009 (in vacuo) 500g (in vacuo) equivalent to
of solution (/g) of solution (/g) 5OO (in vacuo)
0.1D

3.7096

3.7079

499.47(60)

1.OD

35.5676

35.5514

499.49(95)

The solutions were prepared by weight, as described, in
volumetric flasks and then transferred to the conductance
cell in the bath at

25°C. The two solutions gave cell

constants which agreed to within 0.1%, which was the limit
of the accuracy of the bridge used. A further check on
the calibration was made using the data for 1(01 solutions
of Chambers, Stokes and Stokes °9 Volumetric flasks

(500 c2)
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capacity were calibrated by weight with water taking
the density of water" at room temperature (2200) to be
0.99777 g cm'. 2.OM and 4-OM solutions of KOl were
prepared in these flasks and used for cell calibration
in the same manner as with the 0.1 and 1.0 demal solutions.
The values of the cell constant obtained were combined
with the values obtained with the Jones and Bradshaw
standards and an average value taken. As the cell failed
and required repair several times during the series of
experiments (through exposure to high temperatures and
concentrations of 0H ions) the calibration had to be
repeated and a number of different cell constants were
used. However, the range of values obtained was in every
case not greater than 0.2% of the average value. A
typical result was a cell constant of
CM- 1
(8.443 ± 0.017) x 103
The good agreement obtained in the calibration experiments
demonstrates the suitability of the technique for studying
a wide range of relatively high concentrations.

8.2.5. Frequency sensitivity and dependence
A test of the variation of response with the
frequency of the applied signal was carried out. Although
the frequency dependence found with the conventional
technique, which depends on processes occurring at the
electrode/electrolyte interface, cannot occur with this
technique, it was necessary to ensure that any variation
of cell constant with frequency would be independent of
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the conductance of the solution. If this were not so,
it would have been surprising that consistent cell constants
were obtained in the calibration experiments. However,
the calibrations were carried out using the internal
frequency of the Wayne Kerr bridge, 1592 Hz, and it was
hoped that these experiments would show the performance
of the apparatus at frequencies above and below this value.
The 0.1 and 1.0 denial solutions were used for these
experiments and the power source for the bridge was a
Tinsley oscillator type 4159 at an applied voltage of
10 V. As is shown in Figure 8.7, maximum conductance
readings were obtained at approximately 1600 Hz, falling
slightly to smaller values at higher and lower frequencies.
Thus, the maximum sensitivity was in fact at the internal
frequency of the bridge.
It was found by use of an Advance L.F. Signal
Generator type

S.G.66

as a power source, at a frequency of

1592 Hz, that the readings varied slightly with applied

voltage. However, the variation was very small and the
maximum response was very similar to that obtained using
the bridge internal power source.
As a result of these experiments it was decided
to use the internal power source for all measurements.

FIGiJRii d. 7
Conductance Reading vs Frequency for the
Laop Cell
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Chapter 9 : POLARISATION NEAS1JR.NENTS

9.1.

Introduction
To investigate the degree of polarisation of

a fuel cell electrode in various electrolytes, single
fuel cell electrodes were studied in a 'half cell'. The
potential of the working electrode was monitored against
that of a reference electrode. A third 'counter'
electrode completed the current circuit. Thus the
passage of a current through the working electrode did
not give rise to polarisation of the reference electrode.
In each experiment the overpotential was determined as
a function of the current density.
Two projects were carried out using this
technique. Project A was the measurement of the
variation of the limiting current density with electrode
thickness for hydrogen electrodes. Project B was a
study of the behaviour of oxygen electrodes as a
function of electrolyte pH.

9.2.

Apparatus
For both projects the 'half cell' used was

that shown in Figure 9.1. It was constructed by cementing together sections made from 1 11, " and

" Perspex

sheet and had stainless steel gas inlet/outlet pipes.
A platinum ring made electrical contact with the working
electrode giving a nominal area of electrode exposed to
the gas of 2.86 cm2 . A Perspex mask on the opposite

Figure 9.1
Half Cell* Construction (Actual Size)
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side of the electrode ensured that the nominal area
presented to the electrolyte was also 2.86 cm'. The
electrodes were cut from flat sheets of material using
a one inch wad punch.
In order to keep the diffusion layer thickness
constant and small, the cell was designed so that the
electrolyte could be circulated, flowing across the
working electrode surface. This made the simple
description of concentration polarisation given in
Chapter 1 applicable to the system and by keeping the
diffusion layer thickness to a minimum helped to give
relative emphasis to the effects of variation of the
electrode thickness.
The luggin capillary which ran through the
centre of the cell from the reference compartment ending
with the tip almost in contact with the working electrode
was used to reduce the ohmic component of the electrode
polarisation. At high current densities however the
ohmic overpotential was significant despite the presence
of the luggin capillary and a separate determination of
the ohmic component of the polarisation was made as
described below.
The reference electrode used for all experiments
was a Pt/H2 electrode operating at approximately
atmospheric pressure.
The current was supplied by a constant current
source (designed and constructed by Shell Research Ltd.)
and measurements were made with a milliameter (AVO multi-
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meter). The potential difference between the working
and reference electrodes was determined by means of a
digital voltmeter (Solartron Ltd.).
The ohmic component of the polarisation was
determined by use of the circuit shown in Figure 9.2.
With switch SW1 in position 1, the potential difference
between the reference and working electrodes was
determined. This value was different from the equilibrium
or zero current value by an amount which was the sum of
the three types of overpotential. With switch SWI in
position 2, the mercury wetted relay, RL1 9 was operated
at a frequency of 50 Hz, 'chopping' the current, i.e.
switching it on and off. The potential difference
between the reference and working electrodes was then
monitored on a cathode ray oscilloscope and a typical
trace obtained is shown in Figure 9.3. The time interval
between points A and. C is 0.02 s. A represents the
point at which RL1 opens and the current is switched
off. The drop in potential A-B is due to the instantaneous relaxation of the ohmic component, while B-C, a
much slower relaxation arises from the decay of concentration and activation polarisation. The vertical scale
of the oscilloscope was calibrated by observing the
square wave obtained with switch SW2 in position I when
the cell was replaced by a standard resistor of value
0.989 ohm. Hence the ohmic component was determined and
subtracted from the measured overpotential to give
'ohmic free curves'.

Figure 9.2
Interrupter Circuit
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9.3.

Project A
Measurement of the variation of the limiting
current density with electrode thickness for
hydrogen electrodes
The thickness of the substrate on which the

electrocatalyst is coated is likely to contribute to
the diffusion layer thickness, 5, discussed in Chapter 1.
This idea has been studied to a limited extent by
Beltzer23 who concluded that electrode structure and
thickness has a significant influence on polarisation
phenomena particularly in buffer electrolytes.
The usual type of structure for a 'three phase
electrode' consists of a porous substrate on which the
electrocatalyst is coated. This is mounted in the cell
with the catalyst-coated side towards the gas supply
and with the uncoated substrate immersed in the
electrolyte.
A variety of electrodes of this type and of
different substrate thickness were used in this study.
These are summarised in Table 9.1, while Table 9.2 shows
the electrolyte/ electrode combinations studied.
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TABLE 9.1
Electrode structures used for 'half cell' measurements
Thickness

Substrate

Catalyst
Relative
Resistivity

Porvic N

.03"

6

10% Pt/C

Porvic K

.01"

7

10% Pt/C

Porvic K

02"

11

1 0% Pt/C

Porvic K

.03"

8

1'0
101/

Sintered PVC

0.25 mm

6

10/ Pt/C

Sintered PVC

0.38 mm

6

10% Pt/C

Nickel Sheet

nominally 0

2

Ni

Pt/C

TABLE 9.2
Measurements with the hydrogen electrode
Electrolyte
5N
5N
SN
5N
5N
5N
5N
iN
iN
iN
8N
8N
8N
3N
3N
3N

K2003
K2003
K2003
1(2003
1(2003
K2003
K2003
K00
1(2003
1(2003
K2CO3
KCO3
1(2003
KOH
KOH
KOH

Electrode
Porvic K
.02" Porvic K
.01" Porvic K
.03" Porvic N
.38 mm Sintered PVC
.25 mm Sintered PVC
Porous Ni Sheet
.03" Porvic K
.02" Porvic K
.01" Porvic K
.03" Porvic K
.02" Porvic K
.01" Porvic K
.03" Porvic K
Porvic K
.01" Porvic K
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The substrates were of plastic material, either
'Porvic' (an Imperial Chemical Industries trade name)
or sintered P.V.C. 'Porvic' is a P.V.C. material
manufactured with the inclusion of particles of starch
which is later hydrolysed to form sugars and these are
washed out with water. This leaves a porous structure
of holes in a P.V.C. framework. Sintered P.V.C. is
manufactured by compaction and partial fusion of small
spherical P.V.C. particles of non-uniform sizes and in
this case the porosity is due to the spaces between the
spherical particles. The largest pressure of hydrogen
(2 p.s.i. above atmospheric) which could be applied to
the thinnest electrodes without distortion was used in
all experiments.

9.4

Project B
The investigation of oxygen electrode behaviour
as a function of electrolyte pH
The experiments carried out are summarised in

Table 9.3. For every experiment the electrode material
used was 0.03' 'Porvic M'. This material differs from
'Porvic K' in that maize starch of very uniform grain
size is included; this gives an end product of very
uniform porosity. For each of these experiments the
applied oxygen pressure was kept constant at 5 p.s.i.
above atmospheric.

wl
TABLE 9.3

Measurements with .03" Porvic M oxygen electrodes

Electrolyte

PH

6N KOH
3N KOH

14.5

IN KOH

IN K2 CO, 3
3N 1(2003

12.3

6N K2003
7.5N K2CO3

C07HCO3 =1 0 [K]=3M

11.3

c0 7HCO3 = 2, [K]=3M

10.6

0037H003 = 1, [K]=3N

10.3

0037H003 =0.5, [K1=3M

10.0

C037HCO3 =0.1, [K]=3M

9.3

3N 1KHCO3

8.7

0.IN KOH
0.O1N KOH

Saturated 1(2003 (Room Temp.)
2.9N K2003/0.1N 1(011

13.3

2.99N K2003/0.01N 1(011

12.5

RESULTS AND DISCUSSION
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Chapter 10 : pH ME SUREP'ThNTS

10.1.

Selectivity Constants for the Potassium
Selective Glass Electrode
The selectivity constants of the potassium

ion glass electrodes (iIL GKN 33) were determined
by the experiments described in Chapter 6 and the
analysis of the results obtained is described
below.
A computer program, Si, was used for the
analysis and the treatment was based on equation
6.32:
B = B01 - k log[(K) +

where k = 2.30258 RT/F. As the aim of these
experiments was to demonstrate that the potassium
selective glass electrodes did not display significant response to hydrogen ions in K2003 solutions
(both under N2 and CO2), only approximate values
of KRHwere required. From previous work carried
out with these electrodes it was known that KKH
for GKN 33 electrodes at 25°C was greater than
unity, that is, that these electrodes give a larger
response to hydrogen ions than they do to potassium
ions. Thus the assumption was made that after the
last addition of hydrochloric acid, when there was
an excess of hydrogen ions over potassium ions, the
response of the potassium glass electrode could be

considered as entirely due to hydrogen ions. This
assumption was used to make an estimate of KXHfrom
the e.m.f. values obtained for each addition of
acid. Denoting values of (EK - EH) as E and
(E01 - B') as E5, then ignoring activity coefficients
for a first approximation:

°1 - k log( [K+1 + KLH]1
EK= EK
KH

10.1

E=B 1 -k log [H]

10.2

E=E8 _klog[R+K)

10.3

where R = [K]/[H]. For the last (twentieth)
addition of acid, (E =

Thus

hence

En =E S- klogKIKH

10.4

E - E = k log[R + Ki& - k log K

10.5

= R/(exp((E - E)/(k/2.30258))-1)

10.6

Program Si was used to calculate the values of
[H] and [K] and E_E for each addition of acid
and hence by equation 10.6 to calculate corresponding values of KKH . As the expression for K. only
contains the ratio of concentrations, R, negligible
error arose from disregard of activity coefficients.
The average value of K for the first seven
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additions of acid (for which there was a large
ions over H+ ions) was calculated and

excess of

this value was used to calculate E5 for the first
five solutions.

S

=E+klog(R+KKK)

The five values of B9 thus obtained were compared
as a test of the treatment; constant values of
indicate that the assumptions are valid. The
range of values of B8 obtained was largest for
65°C - 6.5 mV, and smallest at 25 0C - 1.7 mV, with
the intermediate value of 2.9 mV at 45°C. An
average value of B5 was used to recalculate the
selectivity constant for each addition by means of
the expression

= exp((E9 - E)/(k/2.30258))-R

which was obtained by rearrangement of equation
10.3.

The range of values of K., obtained at 25°,

45 and 65 are shown in Table 10.1.

TABLE 10.1
Maximum and Minimum Values of
t/°C

K (max)

for GKN 33

KKH (mm)

25

3.33

2.90

45

2.13

0.41

65

17.6

7.2

These values demonstrate that at the pH values of
the solutions studied in this work (all >7), the
response to hydrogen ions of the potassium ion
selective glass electrode was negligible. The
ratio [K]/[H] was greater than 10 for almost
every solution.

10.2.

Characterisation of the Reference Buffer
The experimental data (obtained as described

in section 6.8), in the form of values of EH and
By for a given added weight of stock solution to
a given weight of reference buffer, were analysed
with program El. In this, the rnolalities m and
in2 of potassium carbonate and bicarbonate corresponding to each pair of values of EH and E
calculated. [H] was then calculated:

were

[H+1 = k3m2/m1

and hence [0H], [0H] = K/[H], ignoring activity

im
coefficients. The ionic strength, I, was calculated
(equation 6.23) and hence values of B' obtained via
equation 6.29, with the values of A, the DebyeHiokel parameter (molal units), k,"° plC2' and
pK 53 shown in Table 10.2. The product Ba (equation

6.24) was taken as unity.
TABLE 10.2
Parameters used in Program El
t/°C

A

k

25

0.5108

0.05916

10.330

13.995

45

0.5291

0.06312

10.193

13.394

65

0.5504

0.06709

10.130

12.903

plC2

PK

The values of B1 and I thus obtained were analysed
by a least squares procedure to obtain the intercept
(E° + kpK2 ) and slope kB (where B = b002- + bK+ +
) with their standard errors. The values of
HO0
E° thus obtained were used as described in section

6.5 to obtain the values of log [(H)/(K)]r where
the subscript r indicates the reference buffer.
Duplicate experiments were carried out at each
temperature and the average value of log [(H)/(K)J r
for each temperature was used in the subsequent
analysis of the pH experiments. Three values were
obtained at 2500, two at the other temperatures,

0
45 C and 65 0C. The results obtained are shown in
Table 10.3.
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TABLE 10.3
Values of log [(H)/(K)]
25°C
450C
65°C
-8.738
-8.596
-8.448

Run 1
Run 2

-8.746

-8.580

-8.505

Run 3

-8.742

-

-

Spread

0.008

0.016

0.057

Average

-8.742

-8.588

-8.477

10.3

e.m.f. Measurements on K2003 Solutions
Equilibrated with CO2
The experimental values of 6 (equation 6.12),

i.e. (E - EK) - (

- EK)r are related to the

hydrogen and potassium ion activities by:

= k log[(H)/(K)] - k log[(H)/(K)] 10.7

Thus, by use of the values of k
obtained as described in the previous section the
value of log [(K)/(H)] for each solution was
calculated. Values of _log[H+], i.e. pcH, were
obtained with the expression:

pcH = log[(K)/(H)] - log[K]

The values of i, m, log [(K)/(H)] and pcH obtained
are shown in Table 10.4.
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TABLE 1 (-. 4L
pcH Values for the aqueous CO'-- H00 - 002 system
(p002 + p 2 0 = 1 atm)
25 CC
[K]/mol kg-1

log[(K)/(H))

pcH

-0.19415

0.075

5.460

6.585

-0.19140

0.075

5.506

6.631

-0.11510

0.468

6.796

7.126

-0.11221

0.533

6.845

7.118

-0.08588

0.911

7.290

7.330

-0.08284

1.022

7.341

7.332

-0.06929

1.462

7.570

7.405

-0.06400

1.596

7.660

7.457

-0.05408

2.076

7.827

7.510

-0.04336

2.708

8.009

7.756

-0.04296

2.909

8.015

7.552

-0.04024

3.165

8.061

7.561

-0.03859

3.276

8.089

7.574

[K]/mol kg1

logL(K)/(H)J

-0.19242

0.075

5.540

6.665

-0.13215

0.195

6.495

7.206

-0.13033

0.202

6.524

7.218

-0.11945

0.342

6.696

7.162

4500

Cont/..

pd
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TABLE 10.4 Cont/..

45 C
LIV

[K]/mo1 kg

1og[(K)/(11 )]

pcH

-0.10055

0.546

6.996

7.258

-0.08799

0.671

7.195

7.368

-0.07601

0.878

7.384

7.441

-0.06057

1.308

7.629

7.512

-0.04701

1.575

7.647

-0.04611

1.938

7.844
7.858

-0.04166

1.936

7.929

7.642

-0.03997

2.210

7.955

7.611

-0.03583
-0.03583

2.388

8.021

7.643

2.388

8.021

7.643

-0.03195

2.668

8.082

7.656

-0.02701

3.025

8.161

7.680

-0.01685

3.851

8.322

7.736

-0.00533

4.578

8.504

7.843

-0.00409

4.582

8.524

7.863

7.571

65°C
[K]/rnoi kg 1

1og[(K)/(H)]

pcH

-0.18172

0.075

5.769

6.894

-0.04949

1.103

7.740

7.697

-0.01462

2.417

8.259

7.876

0.00011

3.509

8.479

7.934

-0.01640

2.937

8.233

7.765

Cont/..
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TABLE 10.4 Cont/..
65°C
[K]/mo1 kg

log[(K)/(H)]

pd

-0.03431

1.727

7.966

7.729

-0.08613

0.524

7.194

7.474

-0.11550

0.259

6.756

7.342

0.02751

5.246

8.887

8.168

0.02539

6.419

8.856

8.048

0.03878

7.715

9.055

8.168

0.04120

6.618

9.091

8.271

0.01514

4.783

8.703

8.023

0.00291

3.666

8.521

7.957

0.02908

5.828

8.911

8.145

0.01040

4.089

8.632

8.021

Figures 10.1, 10.2 and 10.3 show these
values of pcH plotted against [K+] and are compared
with the values calculated as described in Chapter
4 (section 4.2.1. and Appendix i) for pCO = 1 atm.
2
The theoretical curves shown are, for each temperature, those calculated with values of the ion size
parameter, a, of 30 rim (lower curves) and 60 rim
(upper curves). The agreement between the theoretical values and the experimental values is surprisingly
good - despite the approximations made in the
theoretical calculations. Most of the experimental
values lie between theoretical curves for values
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of a of 45 and. 30 nm. This indicates that the
program given in Appendix 1 is capable of representing the values of pcH for these solutions with
reasonable validity provided the values of a used
are between 45 and 30 rim.
The values of pcH given in Table 10.4 and
Figures 10.1-10.3 show increasing scatter about a
smooth curve as temperature increases. This is
not surprising, and is probably a reflection of the
increasing unreliability of the potassium ion
selective electrodes with increasing temperature.
(In all of the e.m.f. experiments - selectivity,
characterisation of the reference buffer and pH
determination, this effect has been observed in
that e.m.f. values observed with these electrodes
were subject to increased drifting at higher
temperatures.) The errors in the values of

pd

obtained include not only errors in e.m.f. values
obtained for the solutions under CO2 but also
errors in the values of log[(H)/(K)]. The
latter errors have equal effects on all the points
at a given temperature and do not affect the scatter.
An independent test of the agreement between the
e.m.f. values obtained in these experiments and
those obtained in the experiments to characterise
the reference buffer was made by means of the analysis
described below. This was carried out with program
E2.

For a partial pressure, PCO2 , and Henry's
law constant, kH, the 002 activity in solution may
be written:

(CO 2) = kHCO2

where f is an unknown factor which includes the
variation of p00 with concentration, (p00 =
2
2
atmospheres and also takes account of the
2
deviations from Henry's law. For these solutions
the charge balance may be written:

+ [K] = [Hco] + 2[C0]

where [H+] and

[cop]

10.8

represent very small contribu-

tions to the total ionic concentration. The quantity
for a given solution is given by:
K1(H co )/[(iC)(Hco)] = KlkHpcQ f/
2 3
2
[K][Hco]çY
Equation 10.7 may be written:

= ° - k log[(H)/(K)]

whence by 10.9:

10.9
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A =

+ k log([K][HCO]TTJKlkp00 f
2

with log f = bco ]
2

=

and log

3.

1

= -Al2/(1+12 )

+

b 00 I

we may write:

A =

- k log(K1 k11p002) +k log[K][HC0] 2kAI2/(1+12 ) + 2k b00 I
3

k b00 I
2

Thus A' - A - k lo[K][HCO] + 2kAI2/(1+12 )
= A° - k log(K1kp00 ) + k bI

10.10

where b = 2ci-ico3 - b00

A plot of A' against I should therefore be linear
with slope k(2b100 - b002 ) and intercept
A° - k log, (K1kp00 ). Values of A' and I were
calculated with program ]2. The ionic strengths
were calculated from an estimation of [11+] (obtained
from the values of

pd).

This value was used to

calculate [cOy] by the approximation:
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(K2 is the second dissociation constant of carbonic
acid. The values of Harned and Scholes79 were used.)
In this expression activity coefficients are ignored
and [Hc0] is set equal to [K]. An approximate
value of I was then obtained:

I = [[K+](+1)2 + [Hao](-1)2

H](+1)2 + [c0](-2)2 1

+ [

= [H] + [K] + [Cos-]

The value of I was used to calculate l'_ where

T..= exp(-2.30258 x 4A112 /(1+112 ))

This was then used to calculate Kc

ICc2 = K2!72...

Lao;-]

was recalculated using ICc2 and [Ha0] was

recalculated with the new value of

[cot]

in equation

10.8. The ionic strength was recalculated and the
process repeated nine times so that successive
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approximation led to final values of I,

[cot] and

[H00]. These were used to calculate ' (equation
10.10). A least squares line for the values of '
against I was obtained with the values of slope and
intercept. The intercepts (° - k log(K1kp00 ))
2
were compared at each temperature with the
theoretical values calculated with the L ° values
obtained in the experiments with the reference buffer.
For this purpose, the values of K1 and kH, the first
dissociation constant of carbonic acid and the
Henry's law constant were those given by Harned and
PH0was taken from Wexler and Greenspan.'-3 '
2
The observed and calculated intercepts thus obtained

D?vis .77

are compared in Table 10.5.

TABLE 10.5
Observed and calculated intercepts (/volt) of
equation 10.10.
Intercept
(obs.)

Standard
error

Calculated
Intercept

Difference

25

-0.0488

± 0.0009

-0.0539

0.005

45

-0.0327

± 0.002

-0.0374

0.005

65

-0.0147

± 0.003

-0.0162

0.002

t/°C
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The relatively good agreement between the
observed and calculated values indicates that the
electrodes behaved similarly under the different
conditions of the experiments under 002 and those
with the reference buffer. The smooth curves drawn
through the experimental points in Figures 10.1,
10.2 and 10.3 may be taken to represent the values
of pcH in these solutions within ± 0.1 unit at
0

25 0 C, ± 0.1 unit at 45 0 0 and ± 0.2 units at 65 C.

10.4.

e.m.f. Measurements in 1(2003 Solutions Under

The experimental values of 6 and. m were
used in the manner described in the previous section
to calculate the values of log[(KY(H)] and pcH for
+
these solutions. The values of , m, log[K )/(n )]
and pcH obtained are shown in Table 10.6. (The
results represent several separate experiments at
each temperature.) The values of pcH are plotted
against [K] in Figure 10.4.

pcH vs [K] for K2003 Solutions
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TABLE 10.6
pcH Values for 1(2003 Solutions
2500
[K]/mol kg'

log[(K)/(H)]

pcH

0.17116

1.695

11.635

11.405

0.19888

3.580

12.103

11.549

0.22349

5.461

12.519

11.782

0.24583

7.264

12.897

12.036

0.26740

9.165

13.261

12.299

0.29022

11.131

13.647

12.601

0.31209

12.137

14.017

12.898

0.17094

1.594

11.631

11.428

0.17100

1.712

11.632

11.398

0.20270

3.585

12.168

11.613

0.22609

5.369

12.563

11.833

0.24900

7.137

12.950

12.097

0.27129

8.984

13.327

12.374

0.29283

10.883

13.691

12.654

0.20991

4.252

12.290

11.661

0.23770

6.368

12.759

11.955

0.26084

8.412

13.150

12.226

0.28544

10.447

13.566

12.547

0.30746

12.504

13.933

12.841

Cont/...
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TABLE 10.6 Cont/..
45°C

A/V

[K]/mo1 kg'

1og[(K)/(H)]

pcH

0.17787

1.746

11.407

11.165

0.20804

3.428

11.885

11.350

0.23155

5.109

12.257

11.549

0.25459

6.922

12.622

11.782

0.16605

1.558

11.219

11.027

0.19985

3.324

11.755

11.233

0.22470

5.057

12.149

11.445

0.24619

6.780

12.489

11.658

0.26736

8.539

12.824

11.893

0.28790

10.278

13.150

12.138

0.)0874

12.023

13.480

12.400

0.18293

2.098

11.487

11.165

0.21716

4.226

12.029

11.403

0.24539

6.423

12.476

11.669

0.27222

8.720

12.901

11.961

0.29689

10.954

13.292

12.253

0.31991

13.189

13.657

12.537

0.35640

19.703

14.235

12.940

1og[(K)/(H)]

pcH

65°C
A/V

[K]/mo1 kg'

0.15003

1.854

10.714

10-445

0.17247

3.739

11.048

10-475

Cont/...
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TABLE 10,6 ConJ..
65°C Cont/..
[K]/mo1 kg-1

log[ (K/(H)]

pcH

0.18763

5.637

11.274

10.523

0.20095

7.472

11.473

10.599

0.21239

9.329

11.643

10.673

0.22214

10.964

11.788

10.748

0.23174

12e781

11.931

10.825

0.24280

14.691

12.096

10.929

0.25203

16.612

12.234

11.013

0.15596

2.288

10.802

10.443

0.17509

4.496

11.087

10.434

0.19343

6.817

11.360

10.527

0.20833

9.046

11.583

10.626

0.22156

11.245

11.780

10.729

0.23412

13.509

11.967

10.836

An analysis of these data was carried out
with program L3 following similar procedures adopted
with the results for the equilibrium solutions
under 002, described in the previous section. The
hydrolysis of the carbonate ion has an equilibrium
constant, KH, which may be written as:

K11 = [oH][Hco]?0H(HC0/[C0

= [oH]2QH?HcQ/[ao]YCQ

]TC0
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with the assumption that [0H] = [Hc0] in these
solutions.
Thus

K[co;-] =

K - YOH?HCO3'

'
CO3

Now KH = K/K2, hence

[H+1('

3.

YOH'IICO3,'[003

'CO3)

+
+
Thus for each solution, the quantity logr (H )/(K )

is equal to
.l

)3.2]

10.11

Separating activity coefficient terms and. defining

0

by:

0 = -Al2/(1+12)
we have:
1

1

=

O+bHI_O_bKI+O+2bOHI+2O+2bHCOI_

20 -lb CO I
3
i.e.

-Ø + bI

10.12

where b

Lb11

=

bK ~ (b0 + b100

-

bco)]

-

The expression (equation 10.7) relating the experimental values of 6 to the hydrogen and potassium
ion activities may be written:

A°

=

k log[(H)/(K)]

-

whence from expressions 10.11 and 10.12:

-

k log(K2K) + k log[K][CO]2 + kØ

-

kbl

Defining i' as:

=L

we have 1'

-

k log[K+][O0]2

=
-

Ic log(Ki K)

-

-

kØ

kbl

Thus from equation 10.14 a plot of
should be linear with slope
-

-

10.13

10.14

against I

kb, intercept

k 109(K2K).
In program E3, approximate values of [eoJ

(0.5[K]) and of I (1.5[K]) were used to obtain
the activity coefficients

=

'/

and Y2 - by:

exp(-2.30258 AI /(1+I))
1

=

1

exp(-2.30258 x 4Al2/(1+12))
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These values were used to obtain the hydrolysis
constant in terms of concentrations,

KcH =

(The values of A, K2 and K (KH = K/K2) used were
w
from Table 10.2, Harned and Scholes79 and Harned
and Owen" respectively.) The bicarbonate ion
concentration, [H00 ],was then calculated:
1

[Hco] = ( Kc11[CO])2

and this value was used to obtain an improved
estimate of

[cot]

and of I:

[002 -] = 0.5([K] - 2[11001)
3
I = [K] + [cot]

The sequence of calculation was repeated with the
new values of [CO'-] and I so that by a series of
nine successive approximations final values were
obtained. These were then used to calculate 1'
(equation 10.13) and a least squares procedure was
used to obtain the best slope and intercept for the
plot of i against I. The intercepts obtained are
compared with those calculated from the values of
1(2 and K in Table 10.7.
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TABLE 10.7
Observed and Calculated Intercepts of Equation 10.14

t/°C

Intercept
(obs.)

Standard
Error

Calculated
Intercept

Difference

25

0.1686

0.004

0.2024

-0.034

45

0,1700

0.002

0.2023

-0.032

65

0.1459

0.003

0.2039

-0.058

From Table 10.7 it is evident that the agreement
between the observed and calculated intercepts is
relatively poor, considerably worse than was found
for the experiment under CO2. These solutions are
much more alkaline than those under carbon dioxde
and also much more alkaline than the solutions used
in the experiments to characterise the reference
buffer. It is likely that the potassium selective
electrode is much less reliable under such conditions
of high alkalinity and non-ideal response of this
electrode may be the reason for the discrepancies
shown in Table 10.7. From the low degree of scatter
of the values of pcH obtained in these experiments
it appears that the non-ideal behaviour is
reproducible. However, it is very likely that the
values of pcH in Table 10.6 and Figure 10.4 are
subject to much greater error than the corresponding
values for the solutions under CO2.
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These results demonstrate that care is
required in the interpretation of results obtained
with potassium selective glass electrodes in highly
alkaline solutions.
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Chapter 11:

DENSITY MEASUREMENTS

Experimental Results
The pyknometric measurements described in
Chapter 7 yielded the following set of results for
each solution:
The weight of water in the solution (g) (uncorrected for air buoyancy).
The weight of potassium carbonate in the
solution (g) (uncorrected).
The weight of solution in the pyknometer (g)
(uncorrected)
The volume of the solution in the pyknometer

The concentrations and densities calculated from
these after correction of the weights for air
buoyancy (Program Dl, see below) are given in Table
11.1.

11.2.

Errors
One source of error in these experiments

arose from the cooling effect described in Chapter 7,
section 4. The error became more serious as the
temperature of the experiment was increased and it
is estimated that the maximum error that could have
been incurred from this source was 0.004 g for a
solution of volume approximately 34 c2 and weight
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approximately 45 g. This is an error of about 9
parts in 10 but these figures represent the worst
situation encountered and it is likely that for most
of the measurements the weighing error was much less
than this. This error was negligible for the
experiments made at 25°C.
TABLE 11.1
Values of concentration and density calculated with
Program iii.
250C 1(2003 solutions concentrations c, m
m/rnol kg'

c/mol dnr3

d/g cm-3

0.0052

0.0052

0.99770

0.0370

0.0369

1.0015

0.1099

0.1093

1.0103

0.2397

0.2380

1.0254

0.4286

0.4236

1.0468

0.6369

0.6261

1.0696

0.7411

0.7265

1.0808

0.8936

0.8722

1.0967

0.9072

0.8853

1.0982

1.3545

1.3038

1.1427

1.5740

1.5044

1.1637

2.3924

2.2218

1.2358

3.3171

2.9742

1.3077

4.1279

3.5841

1.3636

5.7370

4.6670

1.4585

Cont/..

a

[K]/2
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TABLE 11.1 Cont/..
4000 K2003 solutions concentrations c, m
m/mol kg

dm01

dm

0.0158

0.99408

0.0925

0.0916

1.0031

0.0926

0.0917

1.0032

0.4156

0.4086

1.0397

0.4464

0.4386

1.0430

0.9626

0.9322

1.0973

0.9899

0.9578

1.1000

1.4573

1.3896

1.1456

2.8945

2.6213

1.2679

4.0128

3.4793

1.3479

4.0268

3.4892

1.3488

5.8587

4.7169

1.4570

concentrations, c,

m/mol kg'

c/mol dm-'3

d/g cnf 3

0.0771

0.0757

0.99220

0.3685

0.3594

1.0250

0.8806

0.8471

1.0790

1.5172

1.4306

1.1407

2.3651

2.1654

1.2148

2.9946

2.6785

1.2646

3.8362

3.3214

1.3248

4.0504

3.4774

1.3392

Cont/..

[K]/2

dig cm-3

0.0159

60°C K2003 solutions

m

in

fs

[K+]/2

215
6000
m/mol kg'

TABLE 11.1 Cont/...
c/mol dm-3

d/g cm73

7.0306

5.3554

1.5019

7.6329

5.6729

1.5273

75°C 1(2003 solutions
m/mol kg'

concentration, c, m

dm01

dm 3

m

[K]/2

d/g cm

0.1156

0.1124

0.98819

0.2137

0.2075

0.99941

0.4034

0.3899

1.0203

0.7498

0.7181

1.0569

1.0886

1.0324

1.0911

3.0248

2.6827

1.2577

3.1463

2.7792

1.2674

4.8119

3.9833

1.3783

6.3691

4.9493

1.4611

7.3784

5.5101

1.5084

250C K2003 solutions equilibrated with 002

In, C

[K+]
m/mol kg'

c/mol dm-'

d/g cm

0.0368

0.0367

0.99973

0.1561

0.1556

1.0075

0.5498

0.5467

1.0321

0.9627

0.9537

1.0566

1.8285

1.7936

1.1048

Cont/..
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TABLE 11.1 Cont/.-

m/mol kg'

dm01 dni 3

d/g cm

2.7399

2.6464

1.1487

4.0723

3.8452

1.2100

4000 K2003 solutions equilibrated with 002 M, C
c/mol dm

dig cm

0.3325

0.3293

1.0133

0.3477

0,3443

1.0141

0.7153

0.7063

1.0363

0.8615

0.8490

1.0442

1.3898

1.3622

1.0743

2.2643

2.1930

1.1201

2.4409

2.3580

1.1290

3.6535

3.4574

1.1852

5.8051

5.2685

1.2716

m/mol kg'

600C 1(2003 solutions equilibrated with 002 M, c
d/g cm

m/mol kg'

dm01 dm--3

0.1744

0.1714

0.99429

0.4160

0.4080

1.0090

2.0279

1.9522

1.0976

4.9539

4.5357

1.2290

6.3663

5.6660

1.2816

6.7660

5.9755

1.2961

Cont/..

EE

[K]

[K]
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TABLE 11.1 Cont/..

75°C K2003 solution equilibrated with 002 In, C
m/mol kg'

dm01 dm-3

d/g cm

0.9446

0.9134

1.0300

1.8148

1.7375

1.0775

3.2788

3.0681

1.1478

3.5807

3.3327

1.1612

5.5709

4.9995

1.2429

7.0376

6.1352

1.2958

[K]

The error associated with the volume determinations was principally a reading error of the order

± 0.002 cm3 , The smallest volume determined was
approximately 34 cm3 so that the maximum error from
this source was 6 parts in 1 0.
It is estimated that the densities obtained
by these techniques were obtained to a precision of
approximately 20 parts in 10. Further systematic
errors may have arisen from the difficulties in
maintaining the equilibrium condition under which
the measurements were made. These errors were kept
to a minimum by use of the techniques described in
Section 7.4, however the accuracy of some of the
values of the densities in Table 11.1 is perhaps less
than the precision quoted above.
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11.3.

Analysis of the Density Values
The first aim of the analysis was to provide

an expression which describes the data with sufficient
accuracy to be used in the interpretation of the
conductance measurements for which it was necessary
to calculate molar concentrations from molal
concentrations. Several attempts were made to find
an equation which gave a 'best fit' to the data.
Five computer programs were used in the
interpretation of the results. These were labelled
Dl - D5.
Program Dl used the experimental results
listed in Section 11 • 1 to calculate values in vacuo
for the weights of water, potassium carbonate and
solution. This was done using equation 7.2 from
which it is seen that the densities of each three
substances was required. The data of Ke1197 was
used for the densities of water, and approximate
values for the solution densities, calculated from
the weights in air used. The density of potassium
carbonate was taken to be 2.43 g cur 1

007

The values

of weight, corrected for the air buoyancy, and the
volume of each solution were used to calculate the
values of m, c and d given in Table 11.1. (The
molarities were calculated using equation 7.1.)
Figure 11.1 shows the densities as a function
of concentration. Program Dl made further analysis

FIGURE 11.1
Density vs Molarity (Upper cur s
Curves
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of these values in terms of apparent molal volumes
and this is discussed in Section 11.5. Program Dl
also was used to fit the density results to equation
11.1 by a least squares procedure.

d = d° + am + bin2

For the experiments under nitrogen d° was the density
of water at the temperature of the experiment while
for experiments under carbon dioxide, d° was the
density of water in equilibrium with the gas. The
latter value was determined for each temperature by
the same method as was used for the determinations
of the densities of the carbonate solutions in
equilibrium with CO2 .

The values taken for d° are

shown in Table 11.2.

TABLE 11.2
Values of
(i) Results under 1\12

(2) Results under 002

d0/g cm

d°/g cm-3

25

0.997046

0. 997367

40

0.992217

0.992364

60

0.983198

0.983276

75

0.974844

0.974878

t/°C

The errors in the values of a and b in equation 11.1
obtained for the experiments under carbon dioxide
were smaller when the values of d° used were those
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in column (2) of Table 11.2 rather than when those
in column. (1) were used. Table 11.3 shows the
values of a and b obtained with the errors.
TABLE 11.3
Parameters for Equation 11.1
(i) Results under N2
t/0C

a

25

0.1197 ± .0008

-0.0074 ± .0004

40

0.1168 ± .0006

-0.0068 ± .0002

60

0.1138 ± .0011

-0.0059 ± .0003

75

0.1143 ± .0009

-0.0060 ± .0002

(2) Results under CO2
1;,

t/oC

a

25

0.0647 ± .0003

-0.0032 ± .0001

40

0.0630 ± .0003

-0.0027 ± .0001

60

0.0627 ± .0006

-0.0025 ± .0001

75

0.0601 ± .0004

-0.0021 ± .0001

The differences between the experimental
values and those calculated with equation 11.1 and
the best fit values of a and b varied systematically
with m and indicated that additional terms in m are
required to fit the density results. The differences
were in the range 0.0001 - 0.02 g cm which is much
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larger than the experimental error of approximately

± 0.0002 g cm-'.
An attempt to fit the results to equation
11.2 was made. Equation 11.2 was of the form:

d = d° + A1m + A2 m2

+

Am3

+

A4 m'

11.2

The values of d° used were those given in Table 11.2.
Program Dl used a standard least squares polynomial
subroutine available in FORTRAN to obtain the values
of A1, A2, As and A4 which best represented the
data. The standard deviation, a, of the experimental
data from the polynomial of least squares was
calculated, a is defined by the expression:

a2

= (

x-)2/(N-n)

where n is the number of adjustable parameters, in
this case four, and N is the number of observations.
Table 11.4 shows the values of A1, A2 , A3, A4 and a
obtained. The values of a are consistent with the
estimated experimental error except for the K2003
solutions under N2 at 75°C and for the solutions
equilibrated with carbon dioxide at 60°C and 75°C
where the values of a are about twice those expected
from the estimated experimental error.
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TABLE 11 .4
Parameters for Equation 11.2
K2003 solutions under N2
t/°C

Ax10

A2x102

A3X1OS

A4 x104

cx103

25

0.1200

-1.0065

0.7524

-0.3492

0.1

40

0.11776 -0.9524

0.6913

-0.3161

0.09

60

0.11612 -0.8863

0.5515

-0.2098

0.1

75

0.1156.

-0.8296

0.4037

-0.0957

0.4

Solutions under equilibrium with CO2
t/°C A1x10 A2 x10

A3 x103

A4 x104 axlO3

0.2

25

0.6381

-0.0883

-1.5046 2.5076

40

0.6350

-0.3504

0.1760

-0.0500

0.2

60

0.6273

-0.3496

0.2073

-0.0762

0.4

75

0.6167

-0.3260

0.1837

-0.0638

0.4

Attempts to fit the results to equation
11.3 and 11.4 (for which there is some theoretical
basis - see Section

3.3)

lead to a values greater

than those obtained with equation 11.2 and therefore
equation 11.3 and 11.4 were not used.
1

d = d° + a1m2 + a--,m + a3 m2 + a4 m3

11.3

d = d0 + ai m + a2 m + am2

11.4

224
Equation 11.2 gave a better fit to the results
than the other equations tried. The densities,
represented by equation 11.2, the values of d°
given in Table 11.2 and the values of A1, A2 , As
and A4 given in Table 11.4, were used for the
calculation of molar concentrations from molal
concentrations in the analysis of the data in other
sections of this thesis.

11.4 Comparison of the Density Results with
Literature Values
Values of the densities of aqueous solutions
of potassium and sodium carbonate and tabulated in
the International Critical Tables (I.C.T.).112 In
all of the standard reference works on physical data
that were examined (for example ref. 107) the
densities of sodium and potassium carbonate solutions
were the same as those given in I.C.T.

The data

in I.C.T. is based on the work of Gerlach.57 A
survey of the literature revealed no other comprehen—
sive study of the densities of potassium carbonate
solutions as a function of concentration and tempera—
ture. No work was found with which comparison of
the results obtained under carbon dioxide could be
made.
A comparison of the data given in I.C.T. and
the results of this work, represented by equation
11.2, was made with a second program, D2. The
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concentration scale used in I.C.T. is the weight
fraction, x, equal to the weight of potassium
carbonate per unit weight of solution. Values of
the densities of solutions expressed in g ml' are
given for various weight fractions of potassium
carbonate at 25°C, 4000 and. 600C enabling direct
comparison with the results obtained at these
temperatures in this work. No data is given for

75CC.
From the densities given the values expressed
in g cm were calculated:

d/g cm-3

d/g m1' x 1.000028

(The value 1.000028 was obtained from ref. 97.)
The corresponding concentrations were calculated as
molalities from the weight fractions using:

m = 1000x/(1-x)M

where N is the molecular weight of potassium
carbonate and x is its weight fraction. Equation
11.2 was then used to derive values of the densities
for comparison with the tabulated. values (converted
to the units g cm-1). The differences, d-d, where
d X represents the I.C.T. values and d those derived
from equation 11.2, were calculated. The results
obtained are shown in Table 11.5 The differences
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in Table 11.5 are larger than would be predicted
from the estimated experimental error in the
determination of the values of d. The differences
are also all of the same sign and become larger
with increasing concentration. This suggests
that some systematic error is present in either this
work of that of Gerlach.5 '7 By examination of the
original paper by Gerlach it was found that a
correction factor had been invalidly applied to all
the data. The relevant section in the original
German of the time reads:

TABLE 11.5
Comparison of density values calculated with
Equation 11.2 with I.C.T.

values

2500
wt.
fraction,
x

m/mol kg' d/g cm--3 d/g cm-' (d.d)/g CM-3

0.01

0.0731

1.0060

1.0058

0.0002

0.02

0.1477

1.0149

1.0145

0.0004

0.04

0.3015

1.0330

1.0323

0.0007

0.06

0.4618

1.0579

1.0504

0.0015

0.08

0.6292

1.0699

1.0687

0.0012

0.10

0.8039

1.0887

1.0874

0.0013

0.20

1.8808

1.1877

1.1853

0.0024

0.26

2.5422

1.2512

1.2480

0.0032

0.30

3.1009

1.2953

1.2916

0.0037

0.50
Cont/..

7.2354

1.5374

1.5277

0.0097
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TABLE 11.5 Cont/...
4000
x

m/mol kg' d/g cm-3 d/g cm

(d_d)/g CM-3

0.01

0.0731

1.0010

1.0008

0.0002

0.02

0.1477

1.0098

1.0094

0.0004

0.04

0.3015

1.0276

1.0269

0.0007

0.06

0.4618

1.0457

1.0446

0.0011

0.08

0.6292

1.0640

1.0627

0.0013

0.10

0.8039

1.0825

1.0811

0.0014

0.20

1.8808

1.1801

1.1778

0.0023

0.26

2.5422

1.2434

1.2401

0.0033

0.30

3.1009

1.2873

1.2835

0.0038

0.50

7.2354

1.5285

1.5209

0.0076

60°C
x

m/mol kg' d/g cm-3 d/g cm-3 (d_d)/g cm

0.01

0.0731

0.9919

0.9916

0.0003

0.02

0.1477

1.0005

1.0002

0.0003

0.04

0.3015

1.0180

1.0174

0.0006

0.06

0.4618

1.0358

1.0350

0.0008

0.08

0.6292

1.0538

1.0529

0.0009

0.10

0.8039

1.0720

1.0711

0.0009

0.20

1.8808

1.1690

1.1673

0.0017

0.26

2.5422

1.2320

1.2293

0.0027

0.30

3.1009

1.2759

1.2726

0.0033

0.50

7.2354

1.5169

1.5108

0.0061
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"Sehr reines kohiensaures Kali (aus
Weinstein bereitet), was zur Trockne adgedampft
worden war, zeigte noch nach schwachen G-liThen des
Saltzes ein Verbltnis des volkommen entwsserten
Saltzes zu dem angewendenten wie: 1:1.01394
Die spechischen Gewichte der Lósurigen,
welche nach diesem Verháltnisse dargesteilt worden
waren, waren folgende:"
There then follows a table of corrected
data. Gerlach used 'carefully dried' potassium
carbonate for his experiments and after having made
his measurements with this material made a further
check on its dryness. This he did by taking a
sample of the carbonate, identical to that used in
the experiments, weighing it, heating it to red heat,
cooling and re—weighing. He found that the material
obtained after heating was lighter than before in
the ratio 1:1.01394. He assumed this weight loss
was due to evaporated water, and corrected all the
concentrations by the above ratio. It is likely that
the weight loss was due to the decomposition of the
potassium carbonate with evolution of CO2, and that
the carbonate used in the experiments had been
adequately dried. The correction factor was applied
in reverse to the data from I.C.T. by a modification
of program D2 to give values corresponding to
Gerlach's uncorrected results. This was done by
multiDlication of the weight fractions by 1.01394,
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otherwise the procedure was as before. The results
obtained are shown in Table 11.6. The differences
are smaller than those in Table 11.5 and vary in
sign. Thus the 'uncorrected' results of Gerlach are
in much better agreement with the density values
computed from equation 11.2. Gerlach also applied
a similar correction term to his results for sodium
carbonate solutions which are also used as the basis
for the values reported in I.C.T. it is likely
that this correction was also invalid. In this
case, the experiments were carried out using
Na2CO3.10H20 and by the same method, Gerlach determined
the weight loss assumed entirely due to loss of
water. The theoretical ratio of the weights
Na2003 :Na2CO3.10H20 is 1:2.69971.

Gerlach obtained

the ratio 1:2.7330. The excess weigh loss was
again probably due to loss of CO and the
29
magnitude of the effect was similar to that obtained
with potassium carbonate, as shown by the ratio of
the observed weight loss to the theoretical weight
loss, 1:1.01233 (cf 1:1.01394 for K2003).
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TABLE 11 .6
Comparison of the density values calculated with
equation 11.2 with adjusted I.C.T. values
250C
x

m/raol kg' d/g cm

dig

CnrS

(d-d)/g cm

0.01

0.0741

1.00597

1.00588

0,00009

0.02

0.1498

1.01487

1.01479

0.00008

0e04

0.3059

1.03297

1.03283

0.00015

0.06

0.4687

1.05187

1.05115

0.00072

0.08

0.6387

1.06987

1.06977

0.00010

0.10

0.8164

1.08867

1.08870

-0.00003

0.20

1.8404

1.18767

1.18810

-0.00043

0.26

2.5903

1.25116

1.25185

-0.00069

0.30

3.1630

1.29526

1.29622

-0.00096

0.51

7.4399

1.53736

1.53558

-0.00176

40°C
x

m/rnol kg 1

0.01

0.0741

1.00097

1.00089

0.00008

0.02

0.1498

1.00977

1.00964

0.00013

0.04

0.3059

1.02757

1.02736

0.00021

0.06

0.4687

1.04567

1.04539

0.00028

0.08

0.6387

1.06397

1.06372

0.00025

0.10

0.8164

1.08247

1.08237

0.00010

0.20

1.8404

1.18007

1.18064

-0.00057

Cont/..

d/g cm

d/g cm 3

(d-d)/g cm
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TABLE 11.6 Cont/...
d/g cin

d/g cm

(d-d)/g cm-:'

x

m/rnol kg'

0.26

2.5903

1.24336

1.24394

-0.00058

0.30

3.1630

1.28726

1.28812

-0.00086

0.51

7.4399

1.52846

1.52905

-0.00059

60°C
(d_d)/g CM-3)

m/mol kg'

0.01

0.0741

0.99187

0.99176

0.00012

0.02

0.1498

1.00047

1.00039

0.00008

0.04

0.3059

1.01797

1.01790

0.00007

0.06

0.4687

1.03577

1.03573

0.00004

0.08

0.6387

1.05377

1.05389

-0.00012

0.10

0.8164

1.07197

1.07238

-0.00041

0.20

1.8404

1.16897

1.17009

-0.00112

0.26

2.5903

1.23197

1.23315

-0.00119

0.30

3.1630

1.27586

1.27717

-0.00130

0.51

7.4399

1.51686

1.51940

-0.00255

11.5.

d/g cm

d/g cm-3

x

Apparent Molal Volumes
Program Dl also calculated the values of

apparent molal volume, Ø., for each solution.
These values were obtained by use of equation 3.10.
The relation between apparent molal volume and
concentration is given by equation 3.14. Values of
the limiting slope, kw, where k and w are defined
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by equations 3.12 and 3.13 respectively, were
obtained from the data of Redlich and Meyer" who
gave the interpolation formula for k over the range

0 - 7Q Oç:
k = 1.445 + 0.01663t + 0.46 x 10_ets 11.5
For a 1:1 electrolyte,

= 1, for a 2:1 electrolyte,

wl = 5.196. The value of k at 7500 was calculated

from equation 11.5 while the values of k at 2500,
45°C and 6000 were taken directly from the data
Redlich and Meyer" used to obtain equation 11.5.
This gave the following table of values of A = kw:

TABLE 11 . 7
Apparent Molal Volume Limiting Slopes
tIC

10A/dm
1:1

10A/dm mol4
2:1

25

1.868

9.706

40

2.138

11.109

60

2.542

13.208

75

2.886

14.996

These values were used to calculate the value of
- Ac2 , for each solution,
0corr' where 0corr =
taking the 1:1 values of A for the results of
measurements on solutions equilibrated with 002
(which were composed mainly of aqueous solutions
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of KHCO3) and the 2:1 values for the results of
measurements on solutions held under N2 (mainly
K2CO3 solution). A least squares procedure was
then used to find the best straight line representing
the values of

0corr plotted as ordinates and

corresponding values of c plotted as abscissae.
The intercept with the axis c = 0 is Ø (equation
3.14) and the slope, døcorr/dc9 is j.

Examination

of the results showed that for each temperature the
values of 0corr lay on a curve when plotted against
c, rather than on a straight line. Density values
calculated from the line of least squares were
compared with the observed values. The standard
deviation of the observed values from the calculated
values was of the order 10_2 or greater in every
case, showing that equation 3.14 was not satisfied
by the experimental results. Attempts to improve
the fit of the experimental results to the theoretical
expression were made by calculating the effect of
the presence of other species in the equilibrium
solutions (HCO and 0H in the L2003 solutions, for
example). These analyses were carried out as
follows.

11.5.1. Analysis of the results obtained under Nitrogen
The hydrolysis of the carbonate ion can be
represented by the equilibrium:
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COI-(m-x) +1120

H00(x) + 0H(x)

for which the eauilibrium constant, Kh, is given
by:
Kh = (Hco)(oH)/(co)

The protonation of the bicarbonate ions formed is
neglected, thus making the assumption that the
activities of hydroxide and bicarbonate ions are
equal in the equilibrium state. This approximation
is valid in view of the relative magnitudes of the
first and second dissociation constants of carbonic
acid. The hydrolysis constant, K1fl is equal to the
where K is the dissociation constant
ratio
of water, K2 the second dissociation constant of
carbonic acid. The hydrolysis constant in terms of
concentrations, Kch, is given by:

Kch = x2/(rn-x)

ii .6

for a solution of prepared carbonate molality, m,
from which concentrations of x molal hydroxide and
of bicarbonate ion are produced from the hydrolysis.
Values of x may be obtained by solution of the
quadratic equation, 11 .6. Program D3 was written
to calculate the values of x for each solution and
hence to obtain the concentrations of the individual
ionic species, carbonate, bicarbonate and hydroxide.
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To do this, values of Kch were calculated in the
following manner. The values of K2 and K were
calculated for each temperature from the empirical
equations reported by Harned and Scholes

(equation

4.12) and Harned and Owen" (equation 11.7)
respectively

log10 Kw = -5242.39/T + 35.3944 - 0.008530T 11.8261 log10 T

11.7

The ionic strength, I, of each solution was set at
an initial value of 3m (the value that would result
in the absence of a hydrolysis reaction). K

was

calculated as the ratio K/K2 and hence Kh calculated
by equation 11.8:
t.

= Kh x

11.8

where Y2 is the single ion activity coefficient for
CO

and 'Y is that for 01.1 and HCO. Values of

't2

and ? were obtained from the simple Debye-Htickel
expressions:
1
t
= exp(-2.3026 A12/(1+12 ))
1 9 = exp(-2.3026 x 4AI2/(1+I))

where the values of the parameter A were those
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tabulated by Robinson and Stokes.113 The value of
Kch obtained was used to solve equation 11.6 for x
and the calculation was repeated with the ionic
strength given by 2m + [coy], i.e. 3m-x.

The

process was repeated four times so that by successive
approximations final values of I and x were obtained.
The total volume of the solution containing
1 kg of solvent, V, was calculated using the
expression:

V = 0000 +CO (m-x) + MKOHX + M 00 x)/d

The volume due to the solvent V5 , is given by

V8 = 1000/d°

A value for the apparent molal volume of potassium
carbonate was then calculated:

c++V OO..+VOOHH_)/m

003 = (V*-ST5)/m - x(2

01(2

11.9

where the conventional partial molal volumes for
H00 and 0H were taken from a review by Millero.SG
In the calculations of 01( co with equation 11.9 it
23
- was necessary to make the approximation V = V° = 00
for the species K, HCO and 0H. For the temperatures 2500 and 4000 the values used for the calculations were the values given by 11iller(:P 5 for 25°C.
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For 6000 and 75°C the values given for K and
0H at 50°C were used while that for HCO was the
value given for 25°C. The lack of data at temperatures other than 2500 made it necessary to use these
values in the analysis.
The same technique was used to test the
fit of the values of 0K2CO obtained to the

3

theoretical expression (equation 3.14) as was used
in program Dl. A value

corr of ØK2003_kWC
where c = molarity of potassium carbonate was

calculated for each solution. Plots of 0corr as
ordinates a and c as abscissae are shown in Figure

11.2. The limiting law (equation 3.14) predicts
that these plots should be linear with intercept
00 and slope j. The largest deviations from this
predicted behaviour occur with the solutions of
lowest and highest concentrations, probably because
the approximations made in the analysis are most
serious for the very dilute solutions and because
equation 3.14 does not apply to the higher concentrations. The values at 2500 are reasonably linear
with the high concentrations diverging from the
line. By drawing the best straight line through the
linear section at the lower concentrations a value
is obtained and
CO of 13.8 ± 0.2 cc2mol
2 3
a value of j of (1.19 ± o.i) x 1O de mo1 2
of

represents the slope of this line. Millero56 gives
at 25°C = 9.02 cm3 mol' and hence the above

FIGURE 11 2corr vs c for K2003 SolutiQs - Values Corrected for Rdroivsis
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value for Ø CO yields a value of -4.24 cm3 mo1 1
23
- . This is in very good agreement
for02 =
with the value of -4.3 cm3 mol' given by riillero
in his review" tabulation. The tabulation is
compiled from a critical survey of the data available
including the work of Lamb and Lee" and Geffcken
and Price55 on sodium carbonate solutions. The
latter workers corrected their own data and that of
Lamb and Lee54 for hydrolysis.
At the other temperatures the plots display
more deviation from linear behaviour although at
40°C a linear region exists in the range of carbonate
molarity 0.1 - 1.2 M, and at 75°C there is a
straight line section between 0.2 and 1.0 M. The
best straight lines for the linear sections of these
curves are shown in Figure 11.2 and give rise to
the values ofØ0 co and j given in Table 11.8.
23
TABLE 11.
and j estimated from Figure 11.2

Values of Ø
2 CO 3
t/°C

0°/cm3 mol'

10 j/dm rnol 2

25

13.8

1.19

40

14.9

-0.06

60

12.9

-0.17

75

12.9

-2.13
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These values are subject to considerable error,
especially for the temperatures 40 - 7500, where
the number of points which deviate markedly from the
chosen line is relatively large. The pyknometric
method used is not capable of giving precise data
at very low concentrations and is thus not ideally
suitable for the verification of theoretical limiting
law slopes. Extrapolation errors are likely to
occur when measurements are made with salts which
deviate markedly from the limiting law at the
concentrations studied in this work. A further
source of error was unavoidable due to the lack of
apparent inolal volumes for the ions K+, H00 and
0H at the temperatures of the experiments. When
further results become available at these temperatures a fresh analysis of the results in Table 11.1
would be worthwhile especially since there is close
at
CO
3
250C. The results given in Table 11.9 represent

agreement with the existing value of

Ø2_

the only values available for K2003 at temperatures
other than 25°C.

11.5.2.

Analysis of the results obtained under
carbon dioxide.
The contributions of the individual ionic

species to the densities of these equilibrium solutions
was calculated with program D4. These solutions
contain not only ionised potassium bicarbonate but
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also carbon dioxide and a very small concentration.
of carbonate ion, which could be neglected. The
carbon dioxide, through the formation of carbonic
acid, yields (according to the first dissociation
constant of carbonic acid) equal 'extra' concentrations of H and H00 ions over the bicarbonate
formed from the carbonate used in the preparation
of the solution. These 'extra' concentrations make
the most significant contribution when [K] is low.
Program D4 calculated the concentration of
carbon dioxide present at equilibrium from the
partial pressure and the Henry's law constant.
Values of the latter parameter were calculated from
the empirical equation of Harned and Davis??
(equation 4.13). The partial pressures were calculated
as 1 atmosphere less the saturated vapour pressure
of water at the temperature of the experiment.
Saturated vapour pressures of values for water were
taken from the data reported by Wexler and Greenspan2-1 '
At each temperature the density of pure
water in equilibrium with carbon dioxide had been
determined (Table 11.2(2)) and the apparent molal
volume of the gas was calculated:

øo = ( V_V8)/m00

11.10

where V is the volume of the solution, V that of
the solvent. The values obtained are shown in
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Table 11 .9.
TABLE 11.9
Apparent molal volumes of carbon dioxide
/Cfl1 mo1 1
t/°CV002MCO
2

25

34.4

0.03315

40

38.0

0.02224

60

38.7

0.01358

75

40.3

0.00872

The effect of errors in the calculation of
the concentration of CO,. on the values of
2
can be estimated. Equation 11 • 10 is equivalent to

OV

= [ 1000/d

- 1000/d° + mN/d]/m

where d is the density of the 002 solution in water,
d0 is the density of pure water,

in

= mc and N

is the molecular weight of 002.
Therefore:

A1 = [ 10(d°-d)/d°d + mN/d]/m
= 10 [(d°-d)/d°d]/m + M/d
Therefore,

1O[(d°-d)/d°d]/m =

whence d0 /dm = -10[(d°-d)/d°d]m

- M/d

MIN
Thus

11.11

dØ/dm = _(Ø_M/d)/m

If we take the value Ø(250) = 33 cm8 mor',
M = 44 and d

1, 80/6m

11/rn. Thus,

80V = 11 x ôm/m

An error of ± 1% in m will therefore result in an
error of ± .11 cm8 mol' in Ov and an error of
± 10% in m will give an error of ± 1.1 cm3 mol'
in Ov. It is therefore unlikely that any significant
error in the values of 0V Co
2 resulted from the
method of calculation of the concentration.
There are few values in the literature with
which to compare the results of Table 11.9. As
demonstrated by Kritchevsky and Ilinskays? 14 in a
review of the data, the values reported for V00 at
2
any given temperature vary substantially from source
to source. Explanations for the lack of consistent
data have been put forward by a number of workers.
The necessity for very precise temperature control
is stressed by Kritchevsky'14 and along with others'15
he gives a theoretical discussion of the effect of
deviations from ideal Henry's law behaviour at
finite concentrations. Recent work by Parkinson
and De Nevers80 reports that V00 = V00 =
2
2
37.6 c2 mol' at temperatures between 0 and 5000

-

for values of mole fraction of 002 less than 0.8
mole %. This contrasts with the work of Horiuti"7

1 116

244
who reported the value of 33 cm3 mol' at 2200 and
with Bluemcke11 (35 cm3 mo1 1 at 22°C) and Bellati
and Lussana119 (34 cm

mo1 1 at 2200). These

latter values are in much better agreement with
the value of 34.4 cm3 mol' obtained in this work
at 2500 while the value of Parkinson and Be Nevers"
is in good agreement with the value of 38 cm3 mol'
obtained at 4000. No data is available for comparison
above the temperature of 5000 but the results of
this work do not agree with that of Parkinson and
Be Nevers who found that below a mole fraction of
002 of 8 x 10 temperature and concentration had
no effect on V
and that above this concentration
002
the effect of increasing temperature was to decrease
V0 at any given concentration. The highest
2
concentration studied in this work (that at 25°C)
was 0.033 molal, i.e. a mole fraction of 002 of
0.59 x 10 g. Table 11.9 demonstrates that

substantial changes in V CO are obtained under
2
circumstances of relatively large temperature
changes accompanied by small concentration changes,
and that in the concentration region of these
results increasing temperature increases VCO . It
2
seems likely from the present work that that of
Parkinson and Be Nevers is in error.
The analysis of the results for solutions of
K2003 which had been equilibrated with 002 was carried
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out by program D4 in a manner analogous to that used
with D3 for the K2CO3 solutions under nitrogen.
The ionic strength was given an initial value of m,
the molality of the solution with respect to
ions, and neglecting the presence of CO, an
approximate value of the hydrogen ion activity was
calculated:

(H) = K1 mO /m

2

The value of K1 , the first dissociation constant of
carbonic acid, was calculated from the empirical
equation of Harned and Davis

(equation 4.11).

The single ion activity coefficient for H and
H00 was calculated from the simple Debye-llückel
expression:

= exp(-2.3026 Al2/(1+12 ))

with the values of A given by Robinson and Stokes. 13
From this the dissociation constant, K1, was
recalculated in terms of concentrations:

ICc1 = K1,/? 2

Kc 1 was used to obtain a value for the concentration
of hydrogen ions:
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[H] = Kc1 in00 2 /(m+(H))

The ionic strength was recalculated as

in

+ [H+] and

the new value used to recalculate y. The series of
calculations were repeated ten times so that a
final value of [H] was obtained by a method of
successive approximations.
The total volume of solution containing 1 kg
of solvent, V, was calculated using the expression:

V = (1000 + NHCO .tn + inj NHOO +

in00

M0O )/d
2

The volume of the solvent, V, equal to 10/d° was
calculated and used in the expression:
0KH003 = (v-vS)/rn - (inff+
with the approximations V

+

V 0 )/m

11 • 12

= H003 CO2 = 002

The value 56 of 23.4 02mol' was used for —o
VHOO
for each temperature while the values given in
Table 11.9 were used for 0
Vç • The analysis was
2
then carried out in the same manner as with the
results obtained under nitrogen. values of Ocorr
were plotted as ordinates with the molarities of
KHCO3 as abscissae. Figure 11.3 shows these plots
for each temperature. Again, as with the results

FIGURE 11.3

KS -Co
3-2Solutions - Values Corrected for
corr vs c for CO
Equilibrium
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with the K2003 solutions certain points show
substantial deviations. Straight line sections of
the curves are chosen to give extrapolations to
c = 0, with corresponding values of 00KHCO 3 and j.
These values are given in Table 11-10.

TABLE 11.10
Values of 00KHCO 3 and j estimated from Figure 11.4
t/00

00 /cm3 mol

10 j/dm8 mol

25

34.0

0.48

40

35.3

0.13

60

35.6

-0.05

75

35.9

-0.19

The values in Table 11.10 are also subject to large
errors. The value at 2500 leads to a value of
00
of 25.0 cm3 mol 1 which is similar to the

HO 03

value 23.4 c2 mol 1 reported by Millero.56

As

with the analysis of the results for K2003 solutions
under N2, the inadequacy of this analysis stems from
a combination of factors. An important one is the
necessity to make several approximations, as a
result of the lack of available data at the temperatures of the experiments. when such data becomes
available fresh analysis of the results given in
Table 11,1 will be worthwhile.
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These analyses do not provide a means to
fit the data to theoretical curves which leads to
smaller standard deviations than the purely empirical
description given by equation 11.2 but they do give
new values of 00 for the carbonate and bicarbonate
ions at 40°C, 600C and 75 0C with which future
results may be compared.

Chapter 12 : CONDUCTANCE MASURE1Y1ENTS

12.1.

Introduction
The conductance results can be divided into

four sections:
measurements on K2003 solutions at low concentrations,
under nitrogen.
measurements on low concentration 1(2003 solutions,
equilibrated with carbon dioxide.
measurements on concentrated 1(2003 solutions,
under nitrogen.
measurements on concentrated 1(2003 solutions
equilibrated with carbon dioxide.
The results of the first two sections, on
solutions of sufficiently low concentration to allow
extrapolation to infinite dilution, were analysed in
terms of the theoretical equations, with allowance
made for the presence of the different species present
in the equilibrium mixtures. These results were
obtained with the conventional conductance cell
described in Chapter 8.
The high concentration results, obtained with
the loop cell, were analysed separately. These
could not be interpreted on a theoretical basis for
the reasons discussed in Chapter 3 and therefore
attempts were made to find suitable empirical
expressions to describe the observed experimental
results.
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12.2.

Low Concentration Results

12.2.1. Measurements on K2CO3 solutions under N2
Two computer programs, C2 and C4 9 were used
in the analysis of these results (program Cl, used
for the analysis of the calibration experiments, was
based on that of Rendall 20). The main function of
program C2 was to convert the experimental data into
concentrations and equivalent conductances for
individual experimental runs.
The experimental data consisted of
The weight, w, of K2003 used to prepare the stock
solution.
The weight of water, W, used to prepare the stock
solution.
The weight of water, WS, initially put in the
conductance cell.
The weight of each addition of stock solution,
ws.
The corresponding values of frequency and
resistance, determined after each addition.
The weight values were corrected by the
program for the buoyancy of the air using the values:
density of air = 0.0012 g cm-3 ; density of balance
weights = 8.0 g cm; density of water = 0.997046;
density of potassium carbonate = 2.43 g cm 3 , The
corrections were made with:
vac =Wair (i-dair/dwts)/(1-d
air/d)

W
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where d is the density of the material whose mass
is being determined. In the case of the stock
solutions, d was taken as the density of water. As
these solutions were dilute and their densities
similar to that of water, negligible error was
incurred in doing this. The corrected values of the
weights were then used for subsequent calculations.
The molality of the stock solution was
calculated:

ms = (w/M)/(W/103 )

where M = 138.21, the molecular weight of K2CO3 .
This was used to calculate the total number of moles
of K2003, n, added to the cell after each addition.
For a given total weight of stock solution, WSt
added:
n. = (wst.m5)/(103 + Mm8 )
The total weight of water in the cell, ww, was
calculated:

ww = W3

+ WSt

- rim

The inolality of the solution, in, was then given by:

in

= 103n/ww
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The empirical equations (11.2) were then used to
derive the density of the cell solution and from
this the molarity, c, was calculated using
equation 7.1.
As for the calibration runs described in
Chapter 81 the reciprocal frequency and resistance
values were plotted and extrapolated to infinite
frequency. This was done by means of a least
squares procedure, and the resistance values, R,
obtained as the intercept with the axis (frequency -'
= 0) were used to calculate the values of the
solution electrolytic conductances, K:

K' =a/R

where a is the cell constant. From the resistance,
R5, of the solvent measured at 1600 Hz, the solvent
conductance, K, was calculated:

K5 = a/R5

The values of the solution conductivity were corrected
for the solvent conductance and the corrected values,
K, where K = K'-K5, were used to calculate the
equivalent conductances, A, given by:

A = 10K/2c
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Both programs, 02 and 04, correct the values
of f thus obtained for the presence of the other
species which result from the hydrolysis of the
carbonate ion, i.e. 0H and H00. Program 02 treats
the results of individual runs separately while
program 04 treats the collected values of all runs
at a given temperature.
The hydrolysis reaction,

003 2

+ H20 -- 1100 + 0H

has an equilibrium constant, Kh, given by:

Hco) (OH)/(c0321 =
Kh = (
where K w is the dissociation constant of water, K2
the second dissociation constant of carbonic acid.
To make the correction for the contribution to the
conductivity of the solutions of the 0H and 11C0
ions it was necessary to calculate the concentrations
of these ions. The expression for Kh is in terms of
activities and therefore it was necessary to estimate
the activity coefficients. The values of K w and K2
were calculated from the expressions of Harned and
Owen53 and Harned and Scholes79 respectively

log K= _5242.39/T+35.3944-0.008530T11 .8261 log
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and

log K2

2902.39/T + 6.4980 - 0.02379T

= -

With concentrations of 0H and 1100 ions of x, an
initial concentration of

CO2_

= c, and neglecting

activity coefficients:

Kh =

12.1

x2/(c_x)

The appropriate value of x was calculated by solution
of this quadratic equation. From this an approximate
value of the ionic strength was obtained:

i =Eoz2

= i{LK+](+1)2

+ [

co32 -](2)2

Hco]( -1)2

+ [

12.2

+ [oH](1)2 1 = 3c-x

From this approximate value of I, estimated activity
coefficients,

y1

and

Y29

were obtained from the

simple Debye-Huckel expressions:

12.3

log Yi =_Al2/(1+12)
1

log

Y2

1

12.4

4Ah/(1+I)

where the values of A were taken from the tabulation
of Robinson and Stokes.113 The values of

y1

and

Y2

obtained were then used to calculate the hydrolysis
equilibrium constant in terms of concentration, Kch,
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Kch = Kh

12.5
Y2/y"

The quadratic equation for x (12.1) was re-solved
using Kch instead of Kh and with the new value of
x the process (equations 12.2-12.5) was repeated four
times so that by successive approximations accurate
1

values of x, Yi' Y, I and V were obtained.
To correct the observed equivalent conductances
for the 0H and H00 ions it was necessary to calculate
AKOH and Aac,3 in each solution. This was done by
means of the expression:

A = A0 - (B I A0 +B2)I/(1+I)

where A° =Ai+ + OH
of XI

12.6

. The values
or ?° +
K
HCO3

were calculated from the expression given by

Harned and 0wen:5

=

+ a(t-25) + b(t-25)2 + c(t-25)3

where X°25 for K+ is 73.50 cni2 Q' equiv 1 ,
a = 1.43262, b = 0.40563 x 10_ 2 and c = -0.3183 x 10.
121
For °_ a similar expression, due to Marsh and Stokes,
OH
was used, where 4025 = 199.18, a = 3.36049

b = 0.3060 x 10, c = -0.4828 x iO. The values of
were those derived from the experiments under
HCO3
002, described in Section 12.2.2. The values of these
parameters at the temperatures of the experiments are
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shown in Table 12.1

TABLE 12.1
Limiting Equivalent Conductances/cm2 (
t/°C

o
0H

NO
HCO3

25

73.50

119.18

44.48

40

95.79

250.11

59.70

60

128.47

318.47

83.54

75

151.29

368.82

105.10

equii

The values of B1 and B2 used in equation 12.6 were
those given by Robinson and Stokes - 113 The values
of A

11 and A 1

thus obtained were used in the

mixture rule:

(c-x)A Corr = CA - (x/2)AKOH - (x/2)A 100

12.7
to obtain the values of Acorr i.e. the equivalent
conductances of potassium carbonate solutions,
corrected for hydrolysis,

i.e.

AK CO

23

The values of molality, m, molarity, C,
x, ionic strength, A and Acorr are shown in Table 12.2
for the four temperatures of the experiments. The
units are: m - mol kg, c, x, I - mol da(TT),

A and Ac orr - cm2

equiv.

WE
TABLE 12.2
2500
103 c

104 x

10I

A

0.3284

0.3274

1.7526

0.8070

166.53

136.72

0.6313

0.6294

2.6698

1.6213

159.12

135.46

0.9885

0,9856

3.4957

2.6071

154.06

134.20

1.3476

1.3436

4.1775

3.6130

150.58

133.09

1.6990

1.6939

4.7540

4.6064

147.90

132.01

2.0991

2.0928

5.3345

5.7450

145.44

130.92

0.6603

0.6583

2.7447

1.7006

159.16

136.29

1.2732

1.2694

4.0452

3.4037

151.68

133.99

1.8012

1.7958

4.9090

4.8966

147.11

131.57

2.3421

2.3351

5.6568

6.4396

144.53

130.80

3.1747

3.1651

6.6348

8.8319

141.03

129.03

3.8070

3.7955

7.2807

10.6580

139.03

128.01

0.6076

0.6058

2.6073

1.5567

159.96

136.26

1.1316

1.1282

3.7812

3.0066

152.96

134.37

1.7994

1.7940

4.9063

4.8914

147.69

132.35

2.4252

2.4179

5.7626

6.6775

144.34

130.88

2.9881

2.9791

6.4299

8.2943

141.71

129.38

3.5638

3.5530

7.0404

9.9551

139.97

128.66

103 m

Cont/..

Acorr
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250C (cont/..)

TABLE 12.2 Cont/..
104x

lOI

A

Acorr

0.4627

0.4613

2.1953

1.1645

162.64

136.12

1.0516

1.0485

3.6241

2.7830

153.37

134.00

1.7365

1.7313

4.8115

4.7128

147.81

132.13

2.4894

2.4819

5.8430

6.8615

143.83

130.46

3.0365

3.0274

6.4838

8.4337

141.35

129.06

3.7597

3.7483

7.2347

10.5220

139.03

127.91

4.7716

4.7571

8.1533

13.4560

136.43

126.52

lo3 m

lose

104 x

10I

A

Acorr

0.6643

0.6591

3.6162

1.6157

216.08

180.71

1.5499

1.5378

6.1952

3.9939

203.03

176.60

2.3515

2.3331

7.8998

6.2093

195.91

173.20

3.0215

2.9978

9.0870

8.0847

191.63

171.06

3.9127

3.8820 10.4510

10.601

187.28

168.83

4.5827

4.5466 11.3590

12.504

184.69

167.49

1.1499

1.1409

5.1617

2.9066

207.62

178.07

2.2763

2.2585

7.7551

5.9999

196.71

173.85

3.5447

3.5169

9.9122

9.5594

188.92

169.67

4.7405

4.7032 11.561

1.2953

184.00

167.02

5.7792

5.7336 12.801

1.5921

180.71

165.19

7.0858

7.0297 14.180

1.9671

177.27

163.15

4000

260
600

TABLE 12.2 Cont/..
1021
103x

103 m

103 c

0.9858

0.9692

0.6292

0.2278

290.76

235.96

2.0948

2.0595

1.0536

0.5125

274.97

231.86

3.0572

3.0056

1.3346

0.7682

265.90

227.99

4.1730

4.1025

1.6047

1.0703

258.22

224.48

5.4840

5.3913

1.8732

1.4301

251.47

221.30

6.9021

6.7852

2.1234

1.8232

245.39

217.92

0.5667

0.5572

0.4141

0.1257

300.61

236.88

1.0828

1.0646

0.6732

0.2521

287.34

231-30

1.5662

1.5398

0.8699

0.3750

279.55

229.70

2.0387

2.0044

1.0353

0.4978

273.71

228.20

2.6017

2.5579

1.2086

0.6465

268.39

227.00

3.1256

3.0729

1.3526

0.7866

263.37

224.20

0.6049

0.5947

0.4358

0.1348

298.26

232.08

1.2023

1.1821

0.7251

0.2821

283.55

226.68

1.8179

1.7837

0.9607

0.4401

273.81

223.57

2.4953

2.4533

1.1755

0.6182

266.92

222.63

3.0643

3.0126

1.3365

0.7701

262.78

222.46

3.5915

3.5309

1.4698

0.9123

258.90

221.00

103 c

103x

1021

A

Acorr

0.4542

0.4428

0.3805

0.0948

364.69

265.91

0.9728

0.9483

0.7180

0.2127

351.48

270.83

1'corr

75°
103 m
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TABLE 12.2 Cont/..
750C (Cont/..)
103m

l0 c

103x

1021

A

1.4475

1.4110

0.9750

0.3258

342.34

269.51

1.9985

1.9481

1.2331

0.4611

334.52

268.96

2.4616

2.3996

1.4257

0.5773

326.19

260.88

2.9320

2.8581

1.6042

0.6970

321.26

259.91

0.6294

0.6136

0,5031

0.1338

358.06

260.31

1.3256

1.2922

0.9126

0.2964

344.48

269.93

1.9284

1.8798

1.2021

0.4437

335.15

268.33

2.5789

2.5139

1.4717

0.6070

327.02

265.77

3.1947

3.1141

1.6976

0.7645

320.85

263.89

3.8261

3.7296

1.9069

0.9282

315.25

261.59

Acorr

A least squares procedure was used to find the
best values of the slope and intercept of the linear
function obtained by plotting Acorr vs.

12.

It was

seen from these curves that occasional points at very
low concentrations had much larger deviations from
the best line than the others. Program 04 was rerun without such points to obtain the best values of
slope and. intercept. Figures 12.1 - 12.4 show plots
of all the experimental points obtained for both A
and Acorr vs. 12.

The straig
h t lines shown are those

obtained after omitting the worst points.
Program C4 was also used to fit the data to
an expression of the form:
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1

A = A° - 312 + bI

12.8

where b is an empirical constant (Chapter 3 Section
3.4.2.). This is done in the mariner outlined below:
The Onsager equation for a salt with cation
of charge Z1, anion of charge Z2 is:

A =

which may be written

12.9

where

12.10
Comparing this with the expression

A = A° - LB1 A°+B2]112

we have

B1 =

3.

ct/2(1+0.52)
1

12.11
12.12

i.e.

a' = 2B1(1+0.52)

12.13

and

81 = B2/2

12.14

a' and 0 1 were calculated from B1 and B2.
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For a 2:1 salt, e.g. K2003,

12.15

q = 2A°/3(?+A°)

q was calculated using the value of A° obtained as
the intercept in the plot of Acorr vs. 12. a and
were then calculated from

12.16

= 2a'q/(1+q2)

and

12.17

P, = 33'

Thus, the parameters for equation 12.19 were obtained
1

A=

1

12.18

which is
1

A = A°-LaiA°+i]I2

12.19

Equation 12.19 is the expression for a 2:1 salt
analogous to equation 12.11 for a 1:1 salt. The value
of (a1 A° +

1) 9

(i.e. S in equation 12.8) was calculated

using the same value of A° used to obtain q (equation
12.15). Thus by carrying out a least squares linear
analysis with values of (A+SI) as ordinates and values
of I as abscissae, values of A° and b in equation
12.8 were obtained. The value of A° thus obtained
was then used to recalculate q (equation 12.15) and
the procedure repeated. A further three cycles were

9.2

carried out so that by successive approximations
final values of A° and b were obtained. Tables 12.3
and 12.4 summarise the results obtained using program
C4 with the omission of the worst points at the very
low concentrations. The errors shown are the standard
errors in intercept and slope obtained from the linear
least squares analysis.

TABLE 12.
1

Results for A = A° t/°C

A°/cm2 cr'equiv'

Lai A0+i]

25

140.8 ± .3

124.5 ± 3.2

40

187.1 ± .5

174.2 ± 5.1

60

236.8 ± 1.5

178.7 ± 21.4

75

281.9 ± 3.5

222.9 ± 47.3

TABLE 12.4
1

Results for A = A° - [a A°+ ]12

[ al. A 0

+

bI

q

a

t/°C

Ao/cm2(Tequi1r

b

25

141-7-+ .1

166± 20

149.71

0.4389

0.30

40

188.5± .2

162± 19

206.07

0.4421

0.28

60

239.8± .7

826+129

283.60

0.4341

0.99

75

286.3±1 .9

914±331

353.01

0.4362

2.24

1]caic

(a is the standard deviation of the observed points
from the least squares straight line)
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The results obtained at 25°C can be compared
with those of Monk 3 who carried out a similar
analysis of measurements made on sodium carbonate
solutions. The value of t a2CO given by Monk,
119.4 ± 0.3 cm2 fl' equiir' is based on a square root
extrapolation similar to that used to obtain the
results shown in Table 12.3. The line of least
squares was given by:
1

A = 119.4 - 152c2

Monk's analysis, while similar to that described
above, had several differences. Rather than make
correction for the conductivity of the solvent
Monk assumed that this was entirely due to dissolved
carbon dioxide. Allowance for the modification of
the main hydrolysis by this carbon dioxide (the
concentration of which was calculated from the
conductance of the solvent) was made and the
expression used for Kh was:

Kh = (OH)(HCO)/(CO) = (X_y)(x+y)y/(c-x)y2

where y is the concentration of CO2 in the solvent
which can be considered as completely converted to
1100 ions by reaction with 0H. The values of yj and
Y2

were calculated from Davies' activity expressioif 2

and a similar method of successive approximations was
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used to obtain the various ion concentrations. The
mixture nile used to obtain the corrected equivalent
conductances was:

cA = corr(c-x)+0•5ANaOHX••Y)+0•5ANaIiCO (x+y)

The sources of data necessary for the analysis were:
1) The International Critical Tables" 2 for the
values of the densities of Na 2003 solutions
(in error as shown in Chapter ii).
Harned and Hamer' 22 for the value of K, 1.008 x 10-14
Harned and Davis" for the value of K1 .
Harned and Scholes'9 for the value of K2 .
Darken and Meier"' for the value of

W.OH-

(1 98.3 cm2 cr' equiv_1 ).
Shedlovsky and Maclimes, 78 Shedlovsky'f or the
values of hHCO5 1 XNa+ respectively.
This data differs from that used for the
present analysis in the values of pK and

OH

The

values used by Monk" were 13.997 and 198.3
respectively compared with 13.995 and 199.18 used in
the present analysis. These differences would both
tend to make the corrections obtained by Monk smaller
than those of this work, the effect being principally
The values of
OH
A° obtained by these analyses are very sensitive to

due to the different values of

the value of

used. This was shown by running
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program 04 with both values of OH
1_, 199.18 and
198.3 cm2 0' equiv 1. This difference,
0.88 cm2 cr' equiv' gave rise to a difference in
equiv. A decrease in

A° values of 0.3 cm'

gave rise to an increase in A°. Table
compares the values of

12.5

obtained using program

3

04 with the present data and with that of Monk, for
(The extrapolation
OH
was based on the linear relationship between A and

the different values of
3.
12

as in Table

12.3.)
TABLE

12.

Comparison of the data of Monk with the present data
(Analysis of both sets of data carried out with
program 04).
Limiting equivalent conductances/cm2 Q equiv 1
? 02
_(Monk) 7 02_(Present work)
OH—
199.18
198.3
*199.18

67.1 ± .4
67.3 ± .4
67.6 ± .3

67.3 ± .3
67.3 ± .3

* Monk's first point (lowest concentration) omitted.
used were 50.10 cm' '
(The values ofa+ and
equiv 1 and

73.50

cm2 cI equiv 1 respectively. These

values are self consistent
Table
change inNo

12.5

.)

demonstrates that the biggest

was caused by omitting Monk's worst
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point, which changed the value by 0.5 units compared
to 0.2 units change when the different values of
0H— are used. It also demonstrates that the present
data is in very good agreement with Monk's. However,
the analysis used by Monk gives the value
2
—1 equiv , which shows that the
co2— = 69.3 cm C
3
corrections obtained by Monk's analysis are smaller
than those obtained with program C4.
-_ obtained
'/3
in this work by both the linear (a) and square root
Table 12.6 shows the values of

'1

extrapolations (b) (equations 12.8 and 12.19).
TABLE 12.6
Limiting equivalent conductances for the carbonate
ion/cm` cr' equiv 1
t/°C

°(a)

25

68.1 ± .1

67.3 ± .3

40

92.8 ± .2

91.3 ± .5

60

111.4 ± .7

108.3 ± 1.5

75

135.0 ± 2.0

130.6 ± 3.0

The smaller errors shown for the values of 0(a)
suggest that the linear extrapolation gives the best
fit to the data. These errors are a measure of
precision and not of accuracy. The accuracy of the
values of A° dependb a large extent on the accuracies
of the values of various parameters used in the analysis.
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As previously mentioned they are sensitive to the
value of OH used and hence the values ofCO 3
share the uncertainty of this parameter. The limiting
equivalent conductance of the hydroxide ion is
difficult to measure experimentally because of its
reactivity towards glass. The value used in this
work, due to Marsh and Stokes 2

was obtained under

experimental conditions where every precaution was
taken to avoid errors of that kind, and probably
represents the most accurate value available. The
experimental errors incurred in this work would be
expected to increase with temperature but the very
good agreement between the separate rims at 25°C and
at 450C suggest that at 'these temperatures the
experimental errors were very small, comparable with
those found with the calibration experiments (Chapter
8) (± .2'/o). The scatter of points at the higher
temperatures, 6000 and 750C, show that these results
are by no means as reliable as those at the lower
temperatures.
Table 12.7 shows the values of ,° X° calculated
with the values of 1'.°(a) where

is the viscosity

of water at the temperature of the experiment
(centipoise).
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TABLE 12.7
Values of the product 1'970 for the carbonate ion
t/°C

°/cP125 r °°/cm2

cr' equiv'cP)

25

0.8903

60.61

40

0.6531

60.63

60

0.4666

51.95

75

0.3788

51.13

As discussed in Chapter 3, the values of OO generally
show little variation with temperature (particularly
for large ions) showing that the change in limiting
equivalent conductivity with temperature is primarily
due to changes in the viscosity of the solvent. This
is well demonstrated for the carbonate ion with the
values at 250C and 40°C, and with the values at 60°C
and 75°C, but the large difference between the two
sets of values indicates that the data is not self
consistent. This may be due to the limited temperature
range over which the expressions for

and

KW53

0
apply. The hydrolysis corrections at 60°C and 75 C
are very much larger than those at the lower
temperatures and hence inaccuracies in the parameters
used have a large effect. It is thought that this is
the major reason for the poor agreement between the
higher and lower temperature results. Another factor
which would contribute to the discrepancy is the
increased attack by hydroxide ion on the cell glass
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at the higher temperatures, although at the
concentrations of hydroxide ion involved it is
thought that this source of error with a cell
constructed with Pyrex glass would be very small.

12.2.2. Measurements obtained in Equilibrium with

Two computer programs, 05 and 06, were used

05 was analogous

in the analysis of these results.

to 02, and was used in exactly the same manner to
obtain uncorrected values of A and c for individual
runs. These values were then collected together for
each temperature and correction made by use of
program 06 for the presence of the various equilibrium
species to obtain values of A

00 and hence by

extrapolation to infinite dilution, values of
J\KHCO3

II

The corrections were based on the following
treatment:
The solutions were prepared with K2003 to
give an original molarity, c. After equilibration
the carbonate is mostly converted to bicarbonate. In
the equilibrium solution the primary conducting
species are K, H, HCO and CO. Charge balance
gives:
[H] + [K] = 2[C032 _]

i.e.

Hao]

+ [

[H] + 2c = 2[CO3] + [H00]

12.20
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The partial pressure of carbon dioxide, p002 , was
calculated as equal to (1-PH2 atm. where pH 2 is
the vapour pressure of water at the temperature of
the experiment (atm.), (taken from the data of
Wexler and Greenspan"'). Approximate estimation of
[CO2- was made by use of the expression

[cot] =
where

12.21

4c2/R

R = p00 k K1/K2

12.22

where k is the Henry's law constant for the solution
of carbon dioxide in water Warned and Davis'7 ),
K1 and K2 the dissociation constants of carbonic
acid (Harned and Davis" and flamed and Scholes79
respectively). Similarly, an approximate evaluation
of [H+] was made:

[H] = K1 p002 k/2c

These values of

[co] and

12.23

[H+], calculated ignoring

activity coefficients, were then used to obtain an
approximate value of the ionic strength:

i = 0.5[[K] + [H] + 4[C031 + [Hc0]1

which, by consideration of equation 12.20, gives
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12.24

I = 2c + [ao-] + [H]

This approximate ionic strength was used to calculate
the single ion activity coefficients y' and

y2

from

the simple Debye-Hiickel expressions:

log y j = AI2/(1+I2)
log

4AI/(1+I)

Y2 = -

(The values of A were those used in the analysis of
the K2003 results.) R was recalculated by multipli/Y12).
[HCO3]
cation of the previous value by (Y2
(previously assumed equal to 2c for equations 12.21
and 12.23) was recalculated from the charge balance
equation 12.20 using the approximate values of

[co] and [H]. Improved values of [cot] and [H]
were obtained with the new values of [1100] and R:

[co -]= [Hco] 2/R
= K1 :)o k/LHOO]y12
The new values of [a0] and [H] were re-substituted
into equation 12.24 and the sequence of calculations
repeated four times so that by successive approximations
final values of [H], [HCO] and [ao] were obtained.
These concentrations were used for the evaluation of
values of A 00 . The electrolytic conductivity, K,
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of the solution may be written:

K

=

[K2003]AK CO

+

[KHco3]A 00+ [H,Hao]AH+Hco-

where
[K2CO ] = [co], [KHCO3] = ([Hco]-[H]) and.
3
[H,Hco] = [H].
The observed values of A are equal to K/2c
Thus,
A

=

[c0;
-]AKOQ/2c

+

([Hao]-[H])1.Kflao/2c

+

[H]
and hence A XHCO3 is given by:
=

2cA/LKH0O3]_AK2ao3[CO]/LKH003]_AH~,Hco3LhI]/
[KHco3]

Defining the quantities R1, R2 and R3 by

=

2c/LKHCO3]

R2

=

[u][Kac03]

R3

=

2[O0]/[IfflCO3]

An initial value ofAimao was calculated:
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AKHCO

= R1 A-R2 (i+A

-)-R3 (+)

12.25

where A1 = A
The value of AKilO03obtained was re-substituted into
equation 12.25 in place of A1 and a final value of
thus calculated.
3

The values ofIi used were those described
values were those

in the previous section,
calculated from

=O

25

53

+ a(t-25) + b(t-25)2 + c(t-25)3

where a = 4.8159, b = -1-03125 x 10, c = -0.7670 x
equiv.
and 1P = 349.85 cm2 Q
25
was taken as 69.3 cm2 Q equiv 1 , the value
0
given by Nonkfor25 C. The correction for this is
10

the smallest correction term and the error involved
by using this value at all temperatures was negligible,
not greater than one twentieth of one percent at the
highest temperature, 75CC. The use of A9 values in
equation 12.25 similarly caused negligible errors.
The line of least squares representing the
1

values of A 00 plotted against 12 ,
3
the equation
1

A = A° - (B1 A°+B2)12
was obtained.

i.e. representing

ME
The values of the molarity of K2003 in the
initial solution, CKCO , the molarities of bicarbon23
ate, carbonate and hydrogen ions in the equilibrium
solutions (CHCO,

C00 , C11

respectively) and the

ionic strength, I, are shown in Table 12.8, with
the values of the observed equivalent conductance,
A, and the corrected value, Acorr which is AKHCO 3*
TABLE 12.8
O(

25

1CKcO 10201100 101c00

10sc11

102 1

A

Acorr

116.44 113.88

0.1571

0.0858 1.0227 0.1571

1.4458

0.2897

2.2154

0.4435

0.3009 0.5717 0.2897 113.56 112.79
0.7240 0.3837 0.4435 112.03 111.69

2.8982

0.5799

1.2628 0.2992 0.5800 111.23 111.03

3.7143

0.7431

2.1156 0.2383 0.7431

110.27 110.14

4.4865

0.8974

3.1386 0.2007 0.8975

109.45 109.36

5.2321

1.0465

4.3315 0.1746 1.0466 108.74 108.67

0.3779

0.0776

0.0204 2.0174 0.0776 126.01

0.8849

0.1779

0.1106 0.9082 0.1779 116.15 114.15

1.3076

0.2621

1.6837

0.3372

0.2450 0.6283 0.2622 114.19 113.25
0.4113 0.4956 0.3372 113.26 112.69

2.0577

0.4119

0.6217 0.4109 0.4120 112.51

112.12

2.4823

0.4968

0.9160 0.3452 0.4968 111.81

111.54

0.7804

Cont/..

115.56
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TABLE 12.8 Cont/..
25 00
1 cPC

K2003

10: c HCO 1 0'c00

1 cp CH1 021

A

A c orr

124.53 116.05

0.4216

0.0861

0.0252 1.8233 0.0861

0.9290

0.1867

0.1221

1.3186

0.2643

1.7221

0.3449

2.1328

0.4269

0.6234 0.2644 114.40 113.48
0.4309 0.4853 0.3449 113.35 112.80
0.6694 0.3975 0.4270 112.61 112.25

2.4692

0.4942

0.9060

0.3469

1O3CKOO

102c1100

107CcJO

10c11

1.1721

0.2349

0.3332

0.5274

2.2064

0.4416

1.2235 0.2918 0.4416 148.19 147.88

3.3629

0.6727

2.9344

0.1979 0.6728 146.06 145.92

4.2577

0.8516

4.8025

0.1596 0.8518 144.97 144.88

5.4871

1.0974

8.1769 0.1270 1.0976 143.78 143.72

0.5837

0.1178

0.0811

1.0477

0.2101

0.2649 0.5863 0.2101

1.5646

0.3133

0.6023

0.4020 0.3133 149.60 148.99

2.1985

0.4400

1.2144

0.2928 0.4400 148.23 147.92

2.7951

0.5592

1.9973 0.2345

0.5593 147.26 147.06

3.3504

0.6702

2.9117 0.1986

0.6703 146.08 145.94

0.8674

0.1867 116.09 114.27

0.2492

0.4942 112.10 111.83

400C

Cont/..

1.0195

1021

A

Acorr

0.2350 150.92 149.85

0.1178 155.45 151.30
151.48 150.15
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TABLE 12.8 Cont/..
60°C

1 05C

1 021

A

Acorr

1 O3CKCO

1 °HCO3 1 OCCO

0.2963

0.0604

0.5743

0.1155

0.8850

0.1774

1.2167

0.2436

0.3769 0.4118 0.1774 206.57 205.20
0.7228 0.3049 0.2437 204.50 203.76

1.4683

0.2939

1.0635 0.2556

1.7877

0.3577

0.6021

0.1210

1.3499

0.2702

2.0309

0.4063

2.6362

0.5273

3.1701

0.6340

3.7346

0.7469

0.0419 1.1599 0.0604 219.29 207.69
0.1567 0.6206 0.1155 209.63 206.43

0.2939 203.44 202.93
1.5957 0.2127 0.3578 202.20 201.85
0.1724 0.5934 0.1210 209.19 206.27
0.8946 0.2766 0.2703 203.36 202.76
2.0770 0.1889 0.4064 201.50 201.23
3.5676 0.1484 0.5274 199.95 199.79
5.2375 0.1254 0.6342 198.83 198.71
3.3749 0.1080 0.7471 197.83 197.75

750C
1OSCKOQ 102CHC0

1O'7CCO

1 05c11

1 021

A

A corr

0.1360 0.4988 0.0797 254.80 250.53
0.5846 0.2516 0.1627 248.75 247.71

0.3958

0.0797

0.8123

0.1627

1.3089

0.2619

1.8537

0.3708

1.5548 0.1604 0.2620 246.03 245.62
3.1884 0.1159 0.3709 243.46 243.25

2.3300

0.4660

5.1224 0.0938 0.4661

2.8605

0.5720

7.8497 0.7773 0.5723 240.72

Cont/..

242.32 242.19
240.63
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TABLE 12.8 Cont/..
75CC
0.4605

0.0925

0.1845 0.4318 0.0925 253.14 249.97

0.9405

0.1883

0.7889 0.2190 0.1883 247.98 247.20

1.4297

0.2861

1.8648 0.1477 0.2861

1.9406

0.3882

3.5056 0.1111 0.3883 243.45 243.26

2.3680

0.4736

5.2975 0.0924 0.4738 241.73 241.60

2.8379

0.5675

7.7209 0.7830 0.5677 240.51 240.42

245.36

245.02

Figures 12.5 - 12.8 show the values of A and
1corr plotted against 12, showing that the correction
rapidly becomes negligible as concentration increases,
but is substantial at the lowest concentrations.
The values of A° obtained as intercepts were
then used to calculate (B1 A°+B2 ) = S. A least squares
vs. I was
KHCO + si)
3
carried out. This gave the values of A° and b in the

analysis of the values of

equation
1

=p° -(B1

A° +B2)12 +bI

as intercept and slope.
Tables 12.9 - 12.11 summarise the results
obtained with program 06 with the standard errors of
the least squares analyses.

FIGURE 12.5
J.quivalent Conductivity vs Square Root Ionic Strength
for KHCO3-0O2 Solutions at 250C
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FIGURE 12.8
Equivalent Conductivity veSuare Root Ionic
Strength for 1HCO3-002 Solutions at 75°C
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TABLE 12.9
Results for A = A° - [B1 A°+B2]12
t/°C

AO/cm'

c

[B1 A°+B2 ]

equiv

25

118.2 ± .2

98.4 ± 2.9

40

155.2 ± .1

110.8 ± 1.8

60

211.9 ± .2

166.1 ± 3.5

75

256.3 ± .2

210.7 ± 3.1

TABLE 12.10
Results for A = A° - [B1 A0+B2 1I + bI
t/00

a

b

A°/cm2 0-1 equiv

25

118.0 ± .1

-37.9 ± 23.1

0.2582

40

155.5 ± .1

67.5 ± 13.3

0.1253

60

212.0 ± •1

45.9 ± 30.2

0.2158

75

256.4 ± .1

29.4 ± 28.5

0.1644

The values of a are the standard deviations of the
observed points from the least squares straight line.
TABLE 12.11
Values of

obtained from the square root (b)

and linear (a) extrapolations
00_(b)

t/°c

.?

25

44.5 ± .1

44.7 ±

40

59.7 ± .1

59.4 ± .1

95.79

60

83.5 ± .1

83.4 ± .2

128.47

75

105.1 ± .1

105.1 ± .2

151.29

73•5

The values at 2500 are in excellent agreement with that given by Maclimes and Shedlovsky,?e
00 = 118.0, obtained by measurements made on
3
solutions prepared with potassium bicarbonate. The
A

self consistency of this data is much better than
that obtained with the K2003 solutions as is shown
by the values of rO A9 for the bicarbonate ion in
Table 12.12. The values of °(a) were used for
Table 12.12.
TABLE 12.12
Values of the product

i 0 10

for the bicarbonate ion

OO/(cm2

cr' equiv cP)

t/°0

no /cP

25

0.8903

39.60

40

0.6531

38.97

60

0.4666

38.98

75

0.3788

39.81

The corrections applied to the experimental
results to obtain the values of A103 were much
smaller than those necessary to obtain AK CO from
2 3
the results described in the previous section. Thus
inaccuracies arising from errors in the values of
the various parameters used to calculate the
corrections were very much less significant.
00...(a) represent the preferred
3
values of ?.°HCO_ as the standard errors of the
3
intercept in the extrapolation were smaller than for
The values of

AP _(b). These are the only available values for
HO 03
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at the temperatures 40°C, 60°C and 75°C.
They3show for the first time that the bicarbonate
ion does have constant values of )° over the
temperature range 2500 - 7500 and hence that changes
in the limiting equivalent conductivity of this ion
with temperature are almost entirely due to changes
in the solvent viscosity.

12.3. High Concentration Results
As no corrections for hydrolysis were made
in the analyses of the high concentration results,
the treatments were very similar and both the experi—
iients under N2 and 002 can be considered together.
Program C3 was used to calculate the molality,
m, molarity, c, equivalent conductance and the product
°A for the solutions. For these calculations the
weights of K2CO3 and H2 0 used in the preparation of
the solutions were corrected for the buoyancy of air.
From these corrected values the molalities of the
solutions were calculated and the expressions for
the densities described in Chapter 11 (equation 11.2)
used to calculate the solution densities and hence
molarities. The electrolytic conductivities, K, which
had been determined from the bridge reading and cell
constant were then used to determine the equivalent
conductivities (10K/2c) and the values of TfA, (for
a bridge reading of L i' and a cell constant
a(cif'), K = aL).
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Figures 12.9 and 12.10 show the electrolytic
conductivities as a function of molality. The curves
for K2 003 solutions go through maxima in the region

7.7 - 9.35 molal, the position of the maximum
occurring at slightly higher concentrations as
temperature increases. The curves for solutions
equilibrated with carbon dioxide only show a
maximum for t = 75°C, at [K] = 7.2 molal. The
curves for the lower temperatures do not display
maxima as they reach saturation with respect to
potassium bicarbonate at relatively low concentrations.
The solubility limits are shown by the dashed curves
in both figures and these values, msat, the concentrations of maximum conductivity, mm, and the
maximum electrolytic conductivities, Kmax are given
in Table 12.13.

(The values of msat and mmax refer

to [K].)

TABLE 12.13
Solubility and maximum conductivity in K2003 solutions
under N2 and in equilibrium with CO2

t/
00

K!
msat/
msat'
%ax" Kmax/ mmax/
mol kg 1 mol kg' mol kg' 0F1cm 1 mol kg' 0-1cm 1

N2

002

12

N2

002

CO2

25
40

16.1

3.65

7.7

0.260

3.65

0.169

16.9

4.65

8.0

0.344

4.65

0.241

60

18.45

5.9

8.95

0.456

5.9

0.347

75

19.45

7.8

9.35

0.545

7.2

0.434

FIGURE 12.9
Electrolytic Conductivity vs Molality for
Solutions
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Figures 12.11 and 12.12 show the values of A obtained
1.

by use of program C3, plotted as a function of c.
For the 1(2003 solutions under N2, (Figure 12.10 9
i.e. 0.5[K]/mol dm,
c is the molarity of K 2 CO
39
while for those under 002 (Figure 12.12) in which the
carbonate is mostly converted to bicarbonate,
c = [K], By comparison with figures 12.13 and 12.14
it can be seen that the increase in electrolytic
conductivity with temperature arises mainly from
the decrease in the solvent viscosity.
Figure 12.15 shows the values of Matusevich
et. al.7' for solutions of potassium carbonate
equilibrated with carbon dioxide at 7000, 80°C and
9000. Curves obtained in this work over the same
concentration range are shown for comparison. The
two sets of results are in reasonable accord apart
from the concentrations of maximum conductivity. The
experiments of Matusevich were relatively crude, and
no precise control was used to maintain constant
partial pressure of carbon dioxide. The gas was
bubbled through the solutions. Matusevich does not
make it clear exactly how the values of c are obtained
and it is not known whether he took account of the
volume change of his solutions with increasing temp—
erature.
The values of m, c, K and A obtained from
these experiments are given in Table 12.14. The results
represent at least two runs at each temperature, in
some cases three.

FIGURE 12.11
Equivalent Conductivity vs Square Root Molarity
for K2C07 Solutions
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TABLE 12.14
Values of concentration and conductivity obtained
from program C3.

K2CO3 under nitrogen : m, c = [K]/2
25°C
niol kg-1

mol dm

iO3 K/
cr' cm 1

cm2 cr' equiv 1

Al

0.019

0.019

4.367

117.2

0.037
0.053

0.037

8.058

110.2

0.053

11.29

107.4

0.080

0.079

16.15

102.0

0.115

0.114

22.34

97.7

0.169

0.167

31.29

93.4

0.265

0.263

46.43

88.3

0.365

0.361

61.12

84.6

0.441

0.435

71.57

82.2

0.537

0.529

84.42

79.8

0.786

0.769

115.7

75.2

1.057

1.027

1L4.0

70.2

1.524

1.459

184.4

63.2

2.148

2.012

222.9

2.683

244.2

3.294

2.464
2.956

55.4
49.6

256.8

43.5

3.775

3.324

4.310

3.715

259.6
256.8

39.0
34.6

4.875

4.107

248.9

30.3

5.401

4.454

237.8

26.7

Cont/..
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TABLE 12.14 Cant!..
2500
0/

mol kg-' mol dm

10K/
Cr" cm'

A/
cm c' equiv"

5.999

4.828

222.6

23.1

6.568

5.161

206.2

20.0

6.864

5.327

197.4

18.5

7.171

5.493

187.6

17.1

7.356

5.589

182.5

16.3

7.663

5.745

173.3

15.1

7.880

5.851

167.9

14.4

8.157

5.982

163.5

13.7

40°C K2003 under nitrogen
103 K/
cm'

Al
cm2 T' equiv'"

mol kg'

cl
mol dm

0.012

0.012

4.033

171.8

0.032

0.032

9.830

153.9

0.060

0.060

16.82

141.2

0.104

0.103

27.27

132.4

0.145

0.144

36.31

126.5

0.207

0.204

49.11

120.3

0.269

0.265

61.58

116.1

0.403

0.396

86.61

109.2

0.672

0.656

131.3

100.0

0.945

0.916

170.6

93.1

1.168

1.124

198.8

88.5

M/

Cant!..

Cr.'

WE
TABLE 12.14 Cont/..
40°C Cont/..
10K/
cm

cm2 Q equiv'

mol kg'

mol dm

1.663

1.575

250.6

79.6

2.096

1.955

284.9

72.9

2.477

2.279

307.4

67.4

2.952

2.668

327.0

61.3

3.357

2.986

336.9

56.4

3.850

3.359

342.1

50.9

4.340

3.715

341.1

45.9

4.890

4.094

334.3

40.8

5.481

4.481

321.8

35.9

6.086

4.855

303.1

31.2

6.735

5.231

286.4

27.4

7.345

5.562

266.0

23.9

8.090

5.929

237.9

20.1

8.665

6.187

223.5

18.1

0-1

600C K2003 under nitrogen
mol kg 1

cl
mol dm

1cPK/
cm 1
99.10

cm2

'

equiv

0.350

0.341

0.409

0.398

113.4

142.4

0.715

0.691

176.9

128.0

0.805

0.776

194.8

125.4

1.055

1.010

236.4

117.0

Cont/..

145.2
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TABLE 12.14 Cont/..
60°C Cont/..
IcPK/
cr1 cm'

1\/
cm2 Q' equiv 1

mol kg

c/
mol dm

1.177

1.122

258.0

115.0

1.447

1.368

293.3

107.2

1.589

1.495

310.9

104.0

1.875

1.747

343.2

98.2

2.157

1.990

375.4

2.293

2.105

381.8

94.3
90.7

2.594

2.356

408.6

86.7

2.798

2.521

416.4

82.6

3.083

2 .748

434.3

79.0

3.301

2.918

438.9

75.2

3.538

452.0

72.9

3.753

3.099
3.260

450.7

69.1

4.227

3.604

456.1

4.666

3.909

455.7

63.3
58.3

5.120

4.212

450.6

53.5

5.665

4.560

439.8

48.2

6.138

4.848

427.4

44.1

6.601

5.117

409.2

40.0

6.957
7.084

5.315

399.5

37.6

387.7

36.0

7.548

5.385
5.629

370.1

32.9

8.787

6.223

328.9

26.4

M/

Cont/..
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TABLE 12.14 Conj..
75 CC K2003 under nitrogen
0/

10K/

equiv 1

mol dm

0.367

0.355

124.0

174.8

0.746

0.715

218.5

152.9

1.105

1.048

292.0

139.3

1.475

1.383

354.6

128.2

1.920

1.774

415.2

117.0

2.314

2.108

457.2

108.5

2.727

2.447

491.2

100.4

3.183

2.808

517.7

92.2

3.728

3.221

536.9

83.3

4.192

3.557

544.2

76.5

4.470

3.751

545.1

72.7

4.807

3.981

543.2

68.2

5.217

4.250
4.510

537.3
526.7

63.2

4.794

514.5

53.7

5.092
5.338

496.3

48.7

479.0

44.9

5.672

451.1

39.8

8.356

5.994

421.5

35.2

9.097

6.324

381.9

30.2

9.836

6.620

346.8

26.2

5.627
6.094
6.608
7.054
7.692

Cont/..

(Y cm 1

cm2

mol kg

58.4
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TABLE 12.14 0t/..
250 Equilibrium values under 002 m, C = [K]/2
M/

mol kg'

c/
mol dm--'

10K/
Cr' cm'

cm Cr' equiv'

0.311

0.309

48.54

78.4

0.352

54.18

77.5

0.665

0.349
0.656

89.85

68.4

0.698

0.689

68.1

1.060
1.089

1.035
1.062

93.89
126.0
128.2

60.4

1.521

1.461

157.3

53.8

1.527

1.466

157.2

53.6

1.832

1.740

170.2

48.9

1.974
2.031

1.867

169.9

45.5

1.918

167.7

43.7

60.8

40°C Equilibrium values under 002
mol kg'

cl
mol dm

103 K/
Cr' cm'

0.213

0.211

45.57

108.2

0.509

0.501

95.19

95.0

0.537

0.528

97.97

92.7

0.901

0.878

143.8

81.8

0.962

0.936

152.8

81.7

1.244

1.201

179.0

74.5

1.373

1.320

191.3

72.4

Cont/..

Al
cm2 T' equiv'
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TABLE 12.14 Cont/..
4000 Cont/..
C/

1 CK/
cm-1

0r1 equiv-1

mol kg'

mol dm-"3

1.597

1.524

208.0

68.2

1.653

1.574

210.7

66.9

1.843

1.743

223.1

64.0

2.030

1.906

231.8

60.8

2.069

1.940

234.5

60.4

2.339

2.171

242.3

55.8

2.431

2.248

242.2

2.589

2.380

241.2

53.9
50.7

cr1

cm

60°C Equilibrium values under 002
A/

mol kg

mol dm -3

103 K/
i' cm'

0.261

0.256

70.48

137.6

0.301

0.295

73.99

125.5

0.393

0.384

101.4

131.9

0.641

0.623

144.8

116.3

0.675

0.655

149.0

113.7

0.789

0.765

172.5

112.8

0.981

0.945

196.5

103.9

1.043

1.003

205.4

102.4

1.263

1.207

237.5

98.4

1.349

1.286

243.8

94.8

Cont/..

C,

cm2

fl

equiv'
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TABLE 12.14 Cont/..
60°C Cant!..
10K/

Al
cm2 fl' equiv'

ni/
mol kg'

ci
mol dm

1.443

1.371

252.8

92.2

1.598

1.510

272.5

90.2

1.871

1.752

291.5

83.2

1.963

1.832

302.3

82.5

1 .993

1.858

301 .3

81.1

2.234

2.064

315.5

76.4

2.385

2.191

327.6

74.8

2.624

2.388

334.4

70.0

2.754

2.494

343.2

68.8

3.015

2.703

347.1

64.2

Cr' cm 1

75 0 Equilibrium values under CO2
103 K/
1 cin'

Al
cm2 Q equiv"

ni/
mol kg'

ci
mol dm

0.076

0.073

29.29

200.7

0.283

0.265

92.46

174.5

0.557

0.502

159.6

159.1

0.885

0.762

225.0

147.7

1.276

1.038

287.0

1.709

1.304

2.167

1.545

338.9
380.8

138.3
130.0

2.714

1.781

412.5

115.8

3.225

1.957

428.7

109.5

3.903

2.130

424.9

99.8

c

123.3

An attempt was made to find an empirical expression
to describe the results given in Table 12.14. The
form of expression which was found to give the best
fit to the data was
1

A=a1 +ac2 +a3 c+a4 c +a5 c2

12.26

The first three terms are of the form of the
extended Onsager equation (equation 12.8), the fourth
03
term has some theoretical basis and the fifth
term is purely empirical, introducing an extra
parameter to help fit the data at higher concentrations.
Program 08 was used for this analysis. This was a
general least squares program which used a matrix
inversion method to shift the trial parameters (a1

-

a5 ) after each least square cycle. The cycles and
shifts were continued until convergence was detected
when the estimated shifts no longer changed a, the
standard deviation, by a specified amount. The final
values of the parameters with the standard deviation,
a, where

a2= E(A-Acalc )2/(N5)

are shown in Table 12.15. (N is the number of
observations, A the observed value and A calc the value
calculated with equation 12.26.)
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TABLE 12.15
Parameters for equation 12.26
K2003 solutions under N2 C = [K]/2
00

a1

a2

53

a4

25 131.23 -128.54 114.86 - 57.13

as

IR

9.67 0.64
1.86

40 190.42 -236.75 229.16 -111.62

18.73

60 252.02 -297.25 258.35 -115.86

18.29 1.41

100.84 - 42.05

6.29 0.13

75 251.7

-175.73

Results for solutions equilibrated with 002
00

25

a2

a1

25.62 317.78

53

a4

a5

Cr

-619.27 463.90 -126.65 0.25

40 128.69 -23.71

- 71.41

60 156.27

20.53

-163.83 119.78

-29.49 1.05

242,40 -188.57

116.14 -52.20

8.78 0.15

75

65.12

-19.35

0.48

Equation 12.26 thus gives an approximate description
of the results given in Table 12.14. These results
cover a very large range of concentration and the
factors dominant in their effect on conductivity are
likely to be different at widely different concentrations.

A

better representation of the experimental

results might therefore have been obtained by curve
fitting smaller ranges of concentration. However,
equation 12.26 and Table 12.15 provide a useful
means of estimating electrolytic conductivity in these
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two types of electrolyte - representing the best
and worst conditions for a carbonate electrolyte
in a low temperature fuel cell. Other than the
results given by Matusevich et. al.71 and Nanvelyan
et. al. 4 there are no available data with which to
compare these results. The latter work does not
report the existence of conductivity maxima in
potassium carbonate solutions, the former obtains
maxima for solutions under equilibrium with carbon
dioxide but these maxima occur at lower concentrations
than those found in the present work.
The present work represents the first
systematic attempt to study electrolytic conductivity
in the potassium carbonate-potassium bicarbonate
system over the full concentration range and for
temperatures from 2500 - 7500.
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Chapter 13 : POLARISATION MEASURENBNTS

Experiments with the Hydrogen Electrode

13.1.

In these, complete polarisation curves and
limiting current values were obtained for all runs
except those using 'Porvic N' substrate. These
failed owing to detachment of the catalyst from the
substrate. The runs using 8N K2003 solutions as
electrolyte were not satisfactory and some detachment
of the catalyst was detected here also.
The polarisation curves for iN K2003,
5N K2003 and 3N KOH on three thicknesses of 'Porvic K'
are shown in Figures 13.1, 13.2 and 13.3. The curves
with the P.V.C. and Ni sheet electrodes are shown in
Figure 13.4. The limiting current densities obtained
with the different substrates and electrolytes are
given in Table 13.1.
TABLE 13.1
Limiting Current Densities
Electrode

Electrolyte

i1/mA cm

0.01" Porvic K

iN K2CO3

49

0.02" Porvic K

iN K2003

31

0.03" Porvic K

iN K2003

26

0.01" Pcrvic K

5N K2CO3

124

0.02" Porvic K

5N K2003

76

0.03" Porvic K

5N 1(2003

63

Cont/..

FIGURE 13.1 (Hydrogen Electrodes)
Polarisation vs Current Density in iN K,-CO -Z
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TABLE 13.1 Cont/..
Electrode

Electrolyte

i1/mA cm-2

0.01" Porvic K

3N KOH

240

0.02" Porvic K

3N KOH

144

0.03" Porvic K

3N ItOH

118

.25mm sintered P.V.C.

5N K2003

128

.38mm sintered P.V.C.

5N K2CO3

118

Ni sheet

5N K2003

102

For any particular electrode the largest limiting
currents were obtained with the 3N ItOH electrolyte
and the least with the IN K2003. Only one result
was obtained with the Ni sheet electrode and this
did not give the highest limiting current density
for the electrolyte used ON K2CO3) even though the
substrate had nominally zero thickness. However,
the use of thinner electrode materials does not seem
to show a characteristic trend in reducing polarisation
at current densities less than the limiting current
density, i1. This is probably because concentration
polarisation is obscured by activation polarisation
at lower current densities. The variation of
with electrode thickness is shown best in the results
obtained with 'Porvic K' with electrolytes IN and
5N K2003, and 3N ItOH. (Figure 13.5 and Table 13.1).
The limiting current values obtained are not precise;
attempts to reproduce the curve for IN K2003, for

A

.c[,

pf)L
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example, gave different values of i1 though the
variations with electrode thickness remained the
same. As the current density approached the limiting
value the ohmic component of the polarisation
(measured with the interrupter circuit and cathode
ray oscilloscope) did not continue to rise linearly
with current according to Ohm's law. In fact the
apparent ohmic component often rose very sharply
near the limiting currents, hence flattening out the
'ohmic free' curve, and giving higher observed values
of i1. The values of i quoted are those which
show best agreement between ohmic free and ohmic
included curves. To determine why these discrepancies
arose, further investigation into the relaxation
processes which occur during the interruption would
probably be necessary. An interruption frequency of
50 Hz may not have been the ideal frequency for use
at higher current densities, especially in the lower
concentration electrolytes.
Experiments in which the electrolyte was not
circulated gave polarisation curves very similar to
those with circulation; there was only a slight
increase in polarisation, and the values of i1 were
not significantly affected.
The simplest treatment of diffusion controlled
polarisation (Chapter 1, Section 1.2.1., equation 1.8)
gives the expression:
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= nFDC0/(1-t0)8

for the limiting current density. With the assumption
that the diffusion layer can be split into two
components (a layer in the free electrolyte of
thickness 8, and a layer in the porous substrate of
thickness ÔE) such that 8 = ô, + 8, then

= nFDCO/{(1_tO)(ô1+ÔE)]

13.1

According to equation 13.1 a plot of i1 '
against 6 should be linear and have slope (1-t0)/
nFDC0 and intercept 81(1-to)/nFDC 0. Figure 13.5
shows these plots for the three thicknesses of
'Porvic K' with IN K2003, 5N 1(2003 and 3N KOH.
xtrapolation of these to zero 8E gives limiting
current densities of 83 9 200 and 500 MA crf2 respectively. These values, i, should be proportional to
DC0/(1-t0 ) if we assume that 8, is the same for the
three electrolytes. Furthermore, with the assumption
that D/(1-t0 ) is the same for the IN and 5N 1(2003
solutions, the ratio if(1N):i(5N) should be 1:5 if
CO2-is the electroactive species. In fact, the
observed ratio is 1:2.4. This is the ratio of the
011 concentrations in the two electrolytes. The
ratio i(5N K2CO3):i(3N KOH) is, however, not that
of the 0H concentrations of these electrolytes.
The success of this simple treatment
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(Figure 13.5) is surprisingly good, and its failure
in quantitative terms is not unexpected in view of
the crude assumptions involved in its derivation.
It is clear from the results that a reduction in
substrate thickness leads to significant increases
in the limiting current density.

13.2.

Experiments with the Oxygen Electrode
In these experiments the 'Porvic N' substrate

of thickness 0.03" was used throughout. The electrolytes were all well buffered and were chosen to
cover a wide pH range within the alkaline region.
For most runs a constant potassium ion concentration
(3M) was used. Figure 13.6 shows the polarisation
curves for almost all the runs for which [K] = 3M;
the remainder are shown in Figure 13.7. Figure 13.8
shows polarisation curves at other pH values where
[K+] 3M. From the curves the difference between
the observed potential at two fixed current densities
(20 mA cm and 60 mA cm-1) and the theoretical open
circuit potential (1.23 V in every case) were
measured. These overpotentials are plotted against
pH in Figure 13.9 and recorded in Table 13.2.

FIGURE 13.6 (Qen Electrodes)
Potential vs Current Density for a Range of
Alkaline Electrolytes for which [K] = 3M
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TABLE 13.2
Values of pH and 'r for Figure 13.9

pH

Electrolyte

Polarisation,
r(=i 230--obs. potential/mV)
at 60mA cm-'
at 20mA cm

3N KOH

14.5

395

440

3N K2CO3

12.3

630

750

C0/HCO = 10,
[K] = 3M

11.3

655

760

CO2 /HCO =
[K] = 3M

10.6

700

820

10.3

720

810

C0/HC0 = 05, 10.0
[ic] = 3M

760

865

CO3 /11003 = 0.1,
[K] = 3M

9.3

775

925

3N ImCO3

8.7

820

940

13.3

540

615

12.3

565

665

29

C0/HC0 -1

[K] = 3M

2.9N K2003/
OIN KOH
2.99N K2003/
0.0111 ROIl

All of the points in Figure 13.9 are for

+ = 3M.
1

electrolytes for which [K

The pH values

used were calculated values with the exception of the
last three solutions in Table 13.2, for which the pH
values were obtained by direct measurement. Figure

13.9 shows that the overpotential is a linear
function of pH. For a current density of 20 mA cm2:
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13.2

r = 1429 - 69 pH
and for 60 mA crf2 :

13.3

= 1667 - 81 pH
For these equations the units of

TI

are mV. They

correspond to zero polarisation at pH = 20.7 and

20.5 for 20 mA cnf 2 and 60 mA cm-1 respectively.
The equations are only valid for the pH range
studied and the extrapolated values of pH 20.7
and 20.5 are not very meaningful. However, these
equations do show the extent to which reduction in
ohmic free polarisation occurs with increases in
pH. Further analysis of equations 13.2 and 13.3
is complex but the simplicity of their form indicates
that further investigations such as those described
in this section would be worthwhile.
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Chapter 14 : CONCLUSIONS

14.1. Conclusions Appertaining to Fuel Cell
Applications
To obtain optimum performance with a fuel cell
using carbonate/bicarbonate electrolyte, the
composition of the electrolyte must be chosen (for
given conditions of temperature and partial pressure
of carbon dioxide) to give maximum conductivity and
pH. The relative importance of concentration and
ohmic polarisation is dependent on the design of the
fuel cell. The design features required to achieve
minimum ohmic polarisation are well known. However,
the results discussed in Section 13.1. show that the
thickness of the electrode substrate may have a greater
effect on concentration polarisation than has
previously been recognised.
The measurements made in this work on potassium
carbonate solutions, both under nitrogen and in
equilibrium with carbon dioxide, provide a basis for
the determination of the optimum concentrations to
be used with such electrolytes in fuel cells. They
demonstrate the importance of the partial pressure
of carbon dioxide in influencing the conductivity and
pH of such solutions and show that the calculations
based on Appendix I (Chapter 4) are capable of
predicting the pH values of these electrolytes with
reasonable accuracy.
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The calculations described in Chapter 4 and
Appendix II show that these electrolytes are
theoretically capable of possessing high buffer
capacities under CO2 rejecting conditions.
The overall conclusion which may be drawn
from these results and calculations is that the
and Gregory2 with regard to
pessimism of Williams
ai
the suitability of buffer electrolytes for use in
fuel cells was unjustified; an example of a buffer
electrolyte which may be suitable is the potassium
carbonate/bicarbonate system.

14.2. Other Applications
As has been previously mentioned (Chapter 4),
the carbonate/bicarbonate system is important in
many applications. This work has provided new
information in the form of physical measurements on
the potassium carbonate/bicarbonate system, with the
development of experimental techniques necessary to
overcome some of the very difficult problems encountered
in controlling a gas phase/solution phase equilibrium.
It is hoped that a better understanding of such
systems will arise from this work and that this may
prompt future experimentation along similar lines.

APPENDIX 1
Program for Theoretical Calculation
of pH Values in the Equilibrium CO2/HCO3 Q 2 _System

REAL K,K1,K2,KC1,KC2,M,IS,LG1,LG2
INTEGER ICOUNT/O/,IPAGE/O/, ITEST/O/
17 READ (2,1)PCO2
IF (PCO2.LT.O.0)GO TO 15
3 READ (2,2)TC,DEN
2 FORMAT(F15.6,F15.7)
AA =3.0
IF(TC.LT.O.0)GO 1017
100 FORMAT('1 1,70X 9,'PAGE',14)
DO 16 IA=1,3
AAA+( IA—i )*( 1.5)
IF(ICOUNT.NE.ITEST)GO TO 6
IPAGE=IPAGE+1
102 WRITE(3,100)IPAGE
WRITE (3,18 )PCO2
18 FORMAT('0','PCO2',F15.6)
1 FORMAT(F15.6)
6 T=TC+273.16
ICOUNT=ICOUNT+1
ITEST=( ICOUNT/3 )*3
PK=(2385.73/T_14.0184+0.0152642*T)
K=E XP (2 .30259*PK)
P0=1 .9446—O.0O198TC
O=EXP(2.30259*PD)
ZA=( 1 .82455E 06 )/( ( SORT( D*T) )c*3)
ZB=(50.2904)/(SQRT(D*T))
ZA =ZA*( SORT (DEN))
ZB=ZB*(SQRT(DEN)
PK2 = —2902.39/T+6.498-0.02379*T
K2EXP (2 .30259*PK2)
PK1=-3404.71 /T+14.8435—O. 032786*T
K1EXP( 2 .30259*PK1)
PK1=—PK1
PK2=—PK2
WRITE(3,11 )TC,K,PK1,PK2,A,D,Z.A,ZB, DEN
ii FORMAT( 1 _,4X,1 T,F5.1,2X,tK,F9.6,2X,t PKi,F7.4,2X,' 2 '?
1 F8 .4 ,3X, 'A=' , F4 • 1, 3X, '0=', F5 • 2, 3X, 'ZA=', F7 • 4, 3X, 'ZB' ,F7 .4,
2'DEN' ,FiO.7
WRITE (3,12)
CO3',9X,
PCO2
IS',8X,'PH',7X,'PCH
M
12 FORMAT('O','
PKC2',6X,'X',9X,'SP1',6X,'SP2')
1C03 1 9 7X,'PKC1
13 FORMAT(F6.29F 10.3, 2F9.3,F10.5,2E12.3,2F7.2,F9.4, 2G11.3)
M=0.5
DO 4 1=1,15
I S =M
DO 5 INT=1,5
S IS=SQRT (IS)
LG1(—Z4SIS)/(1.O+(ZB*A*SIS))
LG2 =4 .O*LG1
Gi=EXP (2.30259*LG1)
G2 =E XP (2 .30259*LG2)
KC1K1/(G1**2

APPENDIX 1 Continued.

5

4
16
15

KC2=K2/G2
PKC1 =-ALOG1O(KC 1)
PKC2=-ALOG1O(Kc2)
B=-K *PC O2*KC 1
C=-2.0*KC1 *KC2*pCO2*K
X1=(-B+SQRT(B**2-4.0*M*C))/(2,0*M)
PCH=-ALOG10(X1)
PH=PCH-LG].
CO2 K*PCO2
HCO3=KPCO2*KC 1/X 1
CO3 =HCO3*KC2 /X 1
X=((HCO3)**2)/(C1J3*pCO2)
IS= (M+(4.O*CO3)+HCO3),2
SP1=M*HCO3
SP2 =M*M*CO3
WR ITE (3 13)M IIS ,PH ,PCH ,PCO2, CO3,HCO3, PKC 1, PKC2,X, SP1,SP2
M=M+O..5
CONTINUE
GO TO 3
STOP
END

APPENDIX 2
Program for Theoretical Calculation
of Buffer Capacities

FORMAT () .5)
RE At OH,KC) , KC? ,F<CA,KCW,K1,K2,KA,KW,M,PH,PCP2,K
RFAL l ,1,l C?,LGM,LGHL,tGC
PK1
.2
PK2= 10.329
PKi=13.Y97
K =0.03422
Kl=rxP(-2. 302PK1)
K2=EX P (-2.302 5PK2)
KW=[ X P(—:?. 30? 5g*PKW)
Z A= 0. 5 1 1 5
Zt3J.3291
SA=4. 5
nEN=0.970T
ZAfl=LA(SCRT(0FN))
ZB1)=LF( SQRT(DFN)
R1 .0
10 RFAfl(5,i)PCC2
CO2=KPC 0
WRIT E(6,9)PCfl2,R
RATIO A/ HA =',F8.3)
FCRMAT('Fcr?=',FB.b,'x,'Ap'OSPHERE
DO 2 1=1,14
PKA=b .2+10 .2 T)
KA=EXP (_7. 302 5*PKA)
W RI 1 F ( 6, 7 ) P K A
7 FiJRiA1 1'— , 9 X , 'PKA=' ,F6.3)
JRI T ( 6,8)
8 roR•!AT( '-' ,4X,'HA ',6X, 'A',6X, 'PH' ,oX,'M' ,bX,'HCO3' ,X,'CP3' ,RX,'
I fI' , It x , v tGHC' ,5X , ' L(,C' , 5X ,'BC', k)X, Sri 4 , 5x, * SP 2 1
DO 3 J=i,1C)
TAC1)=C .Cflfl0001*J
HA=TAC hI)! (1 +k)
A=R 1A
I COO Ni =0
Z I =A
4 SZlS LO; 1(7I)
LGl=(_-ZA1SZT)/(1.0+(SAZ8fl*SZI))
L02=4. 00.G1
C1=XP(2.3025LCl)
G2=hXP(2.30259LG2)
KC 1. =K1 1(01 *2
KC2=< 2102
KCA=/ (G1*2
Cfl3=VC 1 , <C 2*( R2)*CO2/(KCA*2)
C3=S0PT (KC 1CO2Cfl3/KC2)
KCH=K/ (G1?

H=KLA/R
KCii H

APPENDIX 2 Continued.

Z1=(+CC3+4CCflH 4 H)/?
I COLPIT= ICCUNT+ 1
IF( I COUNT .(T.5) Gf)1C) 4
Pt1=-ALPG I O(H)-LG1
L(m=M 0(10(M)
LGHCAt P010(HCO3)
LGC= AL(-!G] O (C 113
11=(TAcrrKCA)/((H+KCA)**?)
2)
12(Kc+(Cfl2KC1))/(
T34*CO2C1*KL?/(3)
,9C=2. 3L259'H(T1+T2+T 3+1)
SP1 =t'HC C3
SP2=M*MCO3
6 Fflk'iAT(5F8.,E1l .3,3F3.3,7G11 .3)
3 CilTINU
2 C1NT INUF
c,n TO 10
END
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