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ABSTRACT

This work is a study of the properties and limitations of the
Orion liquid-liquid membrane electrode, its application to the deter-
mination of the ion-association constant at 250 of a known system,
calcium sulfate, and the themodynamic study of ion-association equilibria
involving calcium ions and hexacyanoferrate (II) and hexacyanoferrate
(III) ions in aqueous solution.

The electrode was first shown to be reversible to calecium ion
activity over the range of concentration 5,0 x10™4 to 7.0 x 10™°M
within which work was carried out, Effect of variation of pH, Ngz+, Ba?*
Na+ and X" ion concentrations was considered at three different concentra-
tion levels of Ca2+. All measurements were made against a selected
commercial calomel electrode in saturated KCl solution, and an attempt
was made to estimate the liquid junction potential of the electrode by
calibrating it against Ag - AgCl electrodes.

The application of the potentiometric method to the study of the
two equilibria involving ca®" and hexacyanoferrates involved determina-
tions of the ion-association constants over a range of ionic strengths,
at 15, 20, 25, 30 and 35°C, and the subsequent computation of thermo-
dynamic parameters AE® anda As°.

T™e enthalpy change of both equilibria was also measured
indeperdently and directly using a microcalorimeter (Beckman Model 190B),
The resultes show that the binding of Ca” to the hexacyanoferrate ions

is more favored than univalent cations, and less than trivalent cations,

(v)



that the equilibria are weakly endothermic, and that ion-pair
distances cmlculated on the basis of Bjerrum's theory are in reasonable
egreement with hydrated ion radii. These results support the validity

of the electrostatic view of ion-pair formation in agueous solutions.
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INTRODUCTION

This work involves a potentiometric study of the recently
introduced Orion liguid-liguid membrane calcium electrode, end its
application to the study of ion-association phenomena in dilute
aqueous golutions containing calcium and hexacyanoferrate ions.

The importance of the caleium electrode stems from the fact that
it gives a direct and accurate measure of the thermodynamic activity
of free (unbound) calcium ions in solution. Metal / metal-ion
electrodes have of course been in use for many years, but these are
of necessity limited to the less active metals, such as zine, eilver
and mercury, and in some cases to amalgams of the more active metals
under special and restricted conditions,

The novel approach in the new series of liquid-ion exchange (or
solid state) membrane electrodes is their applicability to alkali and
alkali-earth metals, and indeed to any other cation or anion for which
a suitable and selective ion-exchanger can be found., Ion-selective
electrodes therefore, open up a new field for potentiometric investi-
gation of electrolytes in chemical, industrial and physiological
systems,

Our primary concern here is with the thermodynamic application of
such an electrode. Thus, if measurements with the calcium electrode
show that the concentration of free calcium ions in a given solution is
less than the total stoichiometric smount, it may be assumed that the
difference represents the extent to which calecium ions are bound to some

-1—
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counterions in solution, and this enables one to calculate an ion-
association constant which is the thermodynamic constant for the
ion-pair.

The method is straightforward except for the estimation of
activity coefficients, a computation which requires an extension of
the simple Debye-Huckel equation. Nevertheless the validity of such
assumptions is justified by the fact that quantitative measurements
are usually made in dilute solutions where physicel interactions are

minimal.

IONIC INTERACTIONS

The realization that agueous solutions of salts consist of charged
particles (ions) started with the work of Faraday on electrolysis (1830
to 1850). This led to the establishment of the concept that electrolytes
bresk down into smaller components in solution,

Arrhenius (1887) was the first to suggest specifically an ioniza-
tion theory which stated that undissociated molecules are in equilibrium
with their ions in solution and that the equilibrium is governed by the
the law of mass action.

Discrepencies were however observed between the "apparent degree
of ionization" as determined by static methods involving the colligative
properties of electrolytes, and by dynamic methods such as conductivity.
Noyes and Johnston (1909) pointed these discrepencies out in the case
of the salt K4Fe(CN)g.

Debye and Huckel (1923) proposed the theory of complete ionization
of strong electrolytes, and attributed the observed deviations from

ideality (which is complete dissociation into ions) to physical inter-
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actions within an ionic atmosphere., Thus the concept of thermodymemic
activity of ions as distinct from their stoichiometric concentration
was introduced, and the two gquantities were related through a physicel
paremeter, the activity coefficient.

An alternative approach to the problem of ionic interactions is
due to Bjerrum (1926) who, in contrast to the Debye-Huckel theory,
postulated a chemical effect, namely ion-pair formation. Bjerrum's
argument was based on the idea that although there is constant inter-
change of ions in solution, there is also a finite probability for two
oppositely charged ions to be closer than a certain critical distance
"a" from each other, justifying the formation of a new chemical species
which would persist through a number of collisions,

During subsequent years several independent lines of evidence
have established the reality of ion-pair formation and indeed it has
become evident that both the physical and the chemical factors are
real and have to be taken into consideration in studying solutions of
electrolytes.

A brief review of methods of investigating ion-associstion follows.

METHODS OF INVESTIGATING ION-ASSOCIATION

A major consideration in the study of the chemical phenomenon of
ion-association is the need for establishing the composition and
structure of ion-pairs in solution, This cannot be achieved unequi-
vocally by one single method. In fact, a wide variety of experimental
techniques have been used in the determination of equilibrium (ion-
association) constants, and it is the cumulative agreement between

results from independent methods that lends support to the theory of
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chemical binding of ions in solution,

Among the techniques so far employed are: conductivity, spectro-
photometry, Raman spectroscopy, nuclear magnetic resonance, ion ex-
change, solvent extraction, kinetiecs of reactions, polarography,
potentiometry and various other methods like solubility, freezing
point depression, viscosity and, quite recently, the measurement of
partial molal volumes of solutions (Spiro, Revesz, Lee, 1968),
Conductance method: Historically, conductance measurements constitute
the first method by which the association constant of 2:2 electrolytes
were determined (Davies, 1962). The method is based on the idea that in
a symmetrical electrolyte any ion-pairs formed will be effectively un-
charged and will therefore not contribute to the conductivity of the
solution. The conductance of free ions, in dilute solutions, is assumed
to obey the Onseger limiting equation, and activity coefficients are
calculated from a sui table Debye-Huckel equation, Under favorable
conditions, measurements can be made with great precision. However, major
difficulties arise in the evaluation of data obtained for unsymmetrical
salts, data obtained at higher electrolyte concentrations, and data for
salt mixtures,

ctrophotometric method: This method takes advantage of the changes
in absorption spectra of ions which accompany complexation. Such changes
oceur in various parts of the spectral range, and vary in intensity,
depending on the type and extent of ionic interactions.

The advent of modern instrumentation covering 180 to 2500 rm has
made possible very precise measurements on most aqueous solutions, The
method assumes application of the Beer-Lambert law for the ions in a

given solution, and apparent deviations from the law are attributed to



association,.

The method works best where a big difference in absorption
between the ligand and the complex ions can be found, This is often
not the case with systems involving wesk ion-associated pairs.

Raman Spectra. The method utilizes the scattering of light which follows
the interaction of radiation with matter, The frequencies of scattered
light depend on the rotational and vibrational levels of the molecule.
Raman line intensities depend on the change of polarizability of
scattering molecules with the change of internuclear distanze associated
with the vibrations which produce the Raman spectral lines, 1In this
method, strong polarized lines are obtained only in cases where short-
range interactions between the ions are involved. Thus imn many systems,
such as the metal sulfates, very wesk lines are usually obtained,
presumably because in the ion-pairs the ions are separated by water
molecules, Another disadvantage of the method is its restriction to
solutions of concentration 7 0.5M.

Nuclear magnetic resonance. Nuclear magnetic moments are stiributed to
nuclear spins of all atoms, excluding those with even numbers of both
neutrons and protons. One of the methods of studying and messuring
nuclear magnetic moments is nmr. Nmr frequencies are detemmined by the
electronic enviromment surrounding the nucleus due to the mmgnetic
screening effect of the electron cloud. Any disturbance of the electronic
distribution of the molecule or atom such as is caused by a foreign
molecule or ion (whether it is paramagnetic or diamagnetic) gives rise
to "'chemical shifts" of the nmr frequencies. This could well be the

case in ion-pair formetion, The method has been successfully applied to
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thallous T1(I) solutions containing OH~, ¥, CH3C00 , HCOO™, m;,

C0, (Freemen, Gasser, Richards and Wheeler, 1959), Pe(cn):’ and citrate
ions (Gasser and Richards, 1959). In a recent review, Hinton and Amis
(1967) summarize the problems that are exclusively answe-rsble by nmr
nmethods and compare mmr with results of other methods.

Ion-exchange method. This technique involves the establishment of an
equilibrium between metal ion and a cation-exchanger, followed by adding
galt of an anion which causes a redistribution of the metsl ion in the
resin and the solution. The distribution of concentrations is altered
to an extent which is proportional to the formation constant of the ion-
pair., Radioisotope and other techniques have been used for detemining
the distribution of the cation and hence the ion-association constent,
The method also has the advantage of indicating the charge of the complex.
Betts and Dahlinger (1959) have used & tracer radio method with Dowex 50
cation exchanger to measure the heats and entropies of association of the
Lenthanide ions with EDTA,

Solvent extraction. The method is based on the partition of a solute
between an agueous solution and an immiscible organic solvent as a

means of investigating equilibria in solution., It is useful only if the
ion-pair is neutral because it is assumed that only the neutral ion-
pair is present in the organic phase, The association constant is
obtained by studying the effect of the ligand concentration on the
partition equilibrium between the two phases. A modification by

Connick and MoVey (1949) makes use of an organic solvent containing a
complexing agent, L, which forms complexes with the metal ion but is

insoluble in the agueous phase, Assuming that the metal exists wholly
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in the form of ML in the oxgmnic phase, the association constant of
complex MY is found by studying the distribution of M, between the two
phases at various concentrations of added anion X,
Heaction kinetics. In the gineral field of reaction kinetios, results
are often interpreted only if one assumes the existence of pre-equilibria
imvolving ion association of the reacting ligand with counterions in
solution., Davies (1961) hms spplied the idea in the study of ionic
strength effects on reaction xates, and Campion (1963) has used this
method in his study of electron-exchange redox reaction between
hexacyanoferrates II end .ILI.
Polarography. Polarography constitutes a very useful method for
studying complex ions becaas: it gives direct evidence on the number of
ligand molecules. Experimentally, it utilizes a micro-dropping mercury
electrode. In presence of g ligand the half-wave potential of the metal
ion is ghifted to more negative values by an smount which is related to
the stability (i.e., formetimn constant) and the formula (i.e., composi-
tion) of the complex. The usugl ionic strength of solutions in polarogra-
phy is over 0.1M, a fact which limits its thermodynamic significance.
Potentiometry. In theory, potentiometric methods present the most direct
approach to the problem of investigating ion-association. The applica-
tion depends upon having s ¢lectrode which is themmodynamically
reversible to a given ion in solution; measurement of the emf then gives
directly the activity of the free ion which is stoichiometrically related
to the activities of the othexr ions involved.

The subject of the devilopment of ion-selective electrodes very

ugeful in this method, is treated in some detail in the next chapter.
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Other methods. A number of other methods have also been used, for
instance relaxation spectrometry, viscosity, freezing point, solubility
and changes in volume which accompany ion association., Nancollas

(1966) and Prue (1966) have both reviewed the subject of ionic equilibria

and interactions.,

Application of some of the above methods to the investigation of
ion-association equilibi'ia in hexacyanoferrates has been fairly extensive.

Sillen (1964) has tebulated available data for H', k', Mg™", ca'*, Ba'™,

++ 4+

+ ++ ++ ++
La y U02 , Mn ', Fe s Co , FNi , C“H| 'AB+’ z-nH‘v cdﬂs H&H’ HG’H;

GaH+, In'H_"

, " and Po™" complexing with Pa(cx):‘ and for some of these
ions with F'e((}]&‘)::3 y most determminations having been made from conductivity,
spectrophotometric, solubility or potentiometric studies. However, in
only two cases ('1'1+ and Lam) are there enthalpy and entropy data.
Baton et al. (1967) have published thermodynamic data for k" associa-
tion with hexacyanoferrates II and IITI ions.

So far thermodynamic parsmeters of divalent cations have not been
reported. The advent of the Ca electrode has made it possible to do

80 now,



ELEC TRODES

I. GENERAL TYPES

Potentiometry provides a direct, continmous and a highly sensitive
method of measuring activities of ions in solutions consisting of one or
more components. What is involved in all cases is the measurement of a
difference in potential between two electrodes.

Classically, electrodes can be classified into two general groups:
Direct. This type consists either of a metal in equilibrium with a
solution containing its ion, e.g. Ag(s) / Ag'(aq), or an inert collector
of electrons, such as Pt, in contact with a gas and an ion, such as the
Hz and O electrodes. In both cases the electrode is reversible to the
ion in guestion. BSuch electrodes however, are useful only for metals of
intermediate activity, and for acids and bases, Alkali and alkaline
earth metals are therefore excluded and can only be used in amalgamated
forms. 1In practice, these electrodes are subject to various limitations;
notably the ease of poisoning through adsorption of ions, the effects of
redox side reactions, and the fact that they can be used only in con-
centrations above 0.1M.

Indirect. In an indirect electrode, a metal may be in contact with an
insoluble salt of the metal, thermodynamic reversibility being with
respect to a counterion of the metallic cation. Thus the well known and
accurate Ag(s) / AgCl(s) electrode is reversible to C1~ ions. This idea
may be extended further. Thus a metal may be in contact with two in-

soluble salts, one involving the metal and the second involving another

=
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cation to which the electrode is reversible. As an example, one can
set up a calcium-ion electrode from a lead metal electrode impregnated
with lead and calcium oxalates and dipping in a calecium salt solution,
The use of such an electrode requires knowledge of solubilities and
activity coefficients in saturated solutions, and is therefore limited

and not so accurate.

II. THE GLASS ELECTRODE

The most widely used electrode in recent years has been the glass
electrode which can be considered to belong to the direct type of
electrodes as it is in féct an H+ electrode., Since the present series
of ion-selective electrodes came through the development of the glass
electrode, it is relevant to consider first the main features of the
regular glass electrode,

Origin. The idea of a glass electrode may be traced back to Lord Kelvin
(Thomson, 1875) who suggested that glass was an electrolytic conductor.
Next came the discovery (Cremer, 1906) that an electric potential could
be observed across a thin glass membrane interpcsed between two agqueous
solutions, and that the membrane was sensitive to changes in acidity.
This was followed by quantitative assessment of the potential and by
numerous improvements in the manufacture and design of glass electrodes.
Features. The glass electrode consists of (1) an inner reference
electrode, usually Ag(s) / AgCl(s), in O.1M HC1l or a buffered chloride
solution; (2) a pH sensitive glass membrane, ususlly less than 0.1 mm
thick and with a resistance less than 5 x 10° ohms; and (3) good
electrical insulation between the test solution and the inner reference

system.
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Mechanism of response. Several theories have been put forward which
have the following two points in common. First, they attribute the
potential difference across glass membranes to a change in free energy
caused by the transfer of H+ across the phase boundary. Second, they
propose thermodynamic reversibility to H' in the range of pH 1 to 9,
at least for the special Corning 015 glass.

The three most widely accepted theories are the adsorption-
potential, the membrane potential, and the phase-boundary-potential
theories.

The adsorption-potential theory postulates that glass surfaces
acquire charges by the adsorption of ions from solutions with which they
are brought into contact, and thus act as adsorption electrodes the
potentials of which arise from the differences in free energy between
the free and the adsorbed ions. This theory cannot explain the
electrode behavior in strongly acidic and basic media, and attributes
less than 59 mv per pH unit change.

The membrane-potential theory considers a glass membrane to be
permeable to E[+ and other cations and attributes its potential to the
difference between the diffusion rates of ions through glass, The
theory predicts correctly the behavior of glass membranes in the strongly
acidic and basic regions. However, recent radio tracer experiments
(Schwabe and Dahms, 1961, and others) have shown that H' ions become
bonded in the Si<0 network of the hydrated gel layer of glass and so
contribute little to the slight current running through the glass which
is thought to be carried mostly by Na,"' ions.

The phase-boundary (or Donnan) potential theory postulates that
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only the gel layer at the glass surface participates directly in cation-
ic exchange equilibrium because the potential is found to be established
faster than would be expected from a true phase equilibrium., Thus the
inner regions of the glass have little effect on the potential formed.

The recent trend is to consider the glass-electrode potential to
be due to an ion-exchange process in the gel layer of the glass membrane,
Eisenman (1967) has reviewed oritically the experimental results in
this field, and has shown that the theory not only predicts the acid and
alkaline errors of glass electrodes but also gives a satisfactory
explanation of the behavior of other ion-exchange electrodes,
Acid and alkaline errors of the glass electrode. The ordinary type of
glass electrode is well known to deviate from thermodynamic behavior in
solutions of pH¢l., This "acid error" is time dependent, and has been
attributed by various workers to acid sorption by the gel layer, to
changes in the activity of H20, and to the presence of K+ acceptor
sites of abnormally low energy in the gel surface.

"Alrkaline error" is a negative pH error due to positive emf
deviation from thermodynamic behavior in solutions of very high pH.
The phenomenon was first observed by Hughes (1922) who noticed electrode
response to cations other than H+ in highly alkaline solutions, Further-
more, if the composition of the glass was changed so as to contain more
41203, and B203, the electrode became more sensitive to Na.+ relative to
B ions,

The above observations led the way to the development of special
Al203 - B203 glasses which were thermodynamicslly reversible to Na',

with K and 1i* as interfering ions, and to many later improvements.
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Eisenman and coworkers (1957) have made a systematic study of simple
glasses containing Neg0O, Al203 and SiO2, and have shown that glass
sengitivity to cations was a reproducible property of glass composi-
tions, The way was thus set for the development of a variety of other

electrodes, all within the past few years only.

III. ION SELECTIVE ELECTRODES

The systematic survey of electrodes by Eisemman (1957), the
tracer experiments of Schwebe & Dahms (1961), and several other investi-
gations in the field, provided the necessary insight for the development
and manufacture of praoti:cal electrodes having wide spplications in
different areas of chemistry.

The electrodes available to date may be classified (Hechnitz 1967)
into four classess glass electrodes, solid state electrodes, precipitate
electrodes, and liquid-liquid membrane electrodes. They all seem to
involve an ion-exchange process in the potentiasl-determining mechanism,
Their potentials are, within a range, described by the Nermet equation;
they are proper thermodynsmic electrodes.

Glass membrane electrodes. The main criterion that detemmines the
selectivity of this class of electrodes is the composition of its glass,
The structure and the mode of operation are very similar to the : o glass
electrode,

There are three subtypes in this group which have the following
selectivity characteristics (Rechnitz, 1967):

pH type - selectivity order: H»>>Na'> k", m*, cs* .. »ca"

Cation-sensitive type - selectivity order: H'» K'» Na'y Ni4',

' ..., 0t
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"Sodium"-sensitive type - selectivity order: .lg+) H+) Ha+)) K+,
B et
Precipitate electrodes. These consist of sparingly soluble inorganic
salts whose anions are the same as the one to be measured, embedded in
a neutral matrix, such as silicone-rubber and paraffin, to increase
mechanical manageability. They are also called heterogeneous or
precipitate-impregnated membranes. Examples include electrodes sensitive
toCl, Br, I, 5 and S04°~. The grain size and the ratio of precipi-
tate to matrix are two factors which influence electrode behavior; the
low sensitivity limit is dictated by the solubility of the salt. Such
electrodes are insensitive to cations and the absence of cation effects
in salts containing the same anion but different cations suggests that
the membrane acts as an anion exchanger. Such electrodes have an
advantage over the Ag / Ag halide electrodes in that they are not affected
by redox interferences or surface poisoning.
Solid-state electrodes. This type of electrode consists of an inorganic
synthetic single crystal doped with a rare earth salt to lower its
electrical resistance. It is capable of functioning effectively in
solutions of extremely low concentrations due to the low solubility of
the inorganic electrode material. Some solid-state electrodes for the
halides contain solid cast pellets of silver halides as the active
membrane materials.,

Examples of commercially available solid-state electrodes are:
F, Cl”, Br and 8°~,
Liguid-liquid electrodes. This type consists of an internal Ag-AgCl
reference electrode dipping into the intermal filling solution., A porous
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glass or plastic membrane constitutes the liquid-liquid interface
between an ion-exchanger and the external test solution, Necessary
characteristics of the ion-exchanger include high selectivity for the
jon concerned, low solubility in sample solution, high viscosity to
prevent rapid flow across the interface, photochemical and themal
stebility, moderate cost, availability in high purity and compatibility
with the internal refernece element and high exchange capacity.

Electrodes available so far, based on this principle, are the
Corning and Orion calcium electrodes, the divalent cation electrode,
equally responding to Caz'-" and Hgﬁ', the cupric ion electrode, as well
as anion electrodes for C1~, C104 and NO3 .

The subject of ion selective electrodes is a very recent- and no
doubt due partly to industrial potential- a rapidly developing subject.
Most of the information available to us is derived from commercial

pamphlets and brochures, An overall summary is given in Table I.
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STUDY OF THE CALCIUM ELECTRODE

I. HISTORY
Thermodynamically, the obvious method of measuring calcium ion

activity in solution is the use of a Ca(s) / Ca®” ion electrode. Such

an electrode is impossible to construct for aqueous solutions because

of the high reactivity of calcium metal (reduction potential -2,87 volts).
In fact, the first literature reference to a calcium electrode is a cal-
cium amalgem electrode Ca(s) / Hg(1) / ca’’ (aq.) used for detemining
activity coefficients and transference numbers of alkali earth chlorides
(Lucasse, 1924).

Fosbinder (1929) used a similar electrode to measure activity
coefficients of CaClz and CaSO4 in mono-cationic solutions, However,
the use of these electrodes is very limited. Work with them is laborious,
they cannot be used in solutions containing other cations such as Na and
K, and measurements cannot be made in very dilute solutions.

Corten and Esterman (1928) employed an electrode of the "third
kind", Ag(s) / Ag2C204(s) / CaC204(s) / Ca’*(aq.), but their results
were disputed end later improved upon by several other workers, Never-
theless such electrodes are difficult to prepare, slow in response and
cannot be used in calcium salt solutions (10-31.

Modern glass, membrane, and liquid ion-exchanger membrane electrodes
have provided a new approach to the thermodynamic measurement of Ca.2+
activity. Each of these electrodes, in turn, has its limitations and
merits,

- 18 -
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Glass electrodes using natural, phosphate and alkali alumino-
silicate glasses have been reviewed by Truesdell and Christ (1967).
Li-Ca-Al silicate glasses do not give reproducible results. Phosphate
glass electrodes are fragile, with high electrical resistance, and
sluggish response, and cannot be used in presence of lg’*' ions. Alkali
silicate glasses which are essentially alkali ion-sensitive glasses,
show higher selectivity to K' end can only be used in non-cationic
solutions. |

Membrane electrodes of various types composed of calecium fluoride,
sintered clay minerals, collodion, paraffin and ion exchange resins have
been used. These generally show a nonspecific selectivity to ca®* ions.
Shatkay (1967) has studied the suitability of paraffin membranes and solid
polymer membranes for Gaﬂ activity measurements.

An interesting non-potentiometric method of measuring Ga“ activity
is provided by the McLean-Hastings (1934) frog-heart method which makes
use of the measurement of the amplitude of the contractions of a vital
frog heart in the test solution as compared to the amplitude of contrac-
tions in a known solution, Clearly the method cannot be applied to all
systems and is not convenient to use except in physiologicel work,

There are at present two commercial liquid ion-exchange calcium
electrodes. They are manufactured by Orion and by Corning companies and
they appear to have similar features. These electrodes are convenient
to use, give rapid and reproducible results under optimum conditions and
can be used in the presence of many ions within certain limits of

concentration,



II, THE ORION CALCIUM ELECTRODE

The main features of the Orion calcium electrode (Section IVB,
below) include an internal half cell consisting of e Ag(s) / AgCl(s)
reference electrode which provides a stable contact to the potentiometer
and an internal filling solution of Callz which contacts the inside
surface of the porous inert membrane disc. The electrode also includes
a liquid ion-exchanger which is a calcium salt of an organophosphoric
aeid having very high uléctivity to Gaz"' ions and very low solubility
in water. The inert membrane, in contact with both the ion-exchanger
and the internal Callz solution from the inside and with the test solution
on the outside, prevents mixing of the liquid phases.

The electrode is provided in the form of a kit which includes the
body, bottom cap and the membrane spacer assembly, all made from Fluoro-
carbon plastic, together with the ion-exchanger and the internal filling
solution vials and the syringes and a box of porous membranes.

The tip of the electrode is illustrated in Fig. 1 which also shows

the main features described above.

III, THEORY

In this, as in all potentiometric methods, one measures the potential
difference between the electrode in question and enother (reference)
electrode, using a potentiometer and taking into account the necessary
precautions such as control of temperature, pH, ionic strength, and
ionic composition,

The electrochemicel cell comprising a calcium electrode and the
reference electrode is

Ca e1./Ca?*(ag.) // KC1 (aq., sat.)/Hg(l)/HgCl2 (s)/Pt.
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2. Internal agueous filling solution (CaClz)

3, Ion-exchange reservoir
4, Ag-AgCl reference electrode

The Calcium electrode tip.
5. Porous membrane

1, Ion exchanger

Figure 1 -
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for which
0 RT
= anl - By = Eal - (Eca Y oF lna) (1)

where E is the measured emf, E el the potential of a calomel electrode
in saturated KC1 (244.4 mv at 25°), K, the "standard" potential of

the calcium electrode (about 90 mv, assumed to be constant during an
experiment), RT/2F the thermodynamic constants (29.58 mv at 25.,0°), and
"a" the molar ionic activity of free ca®* in the solution,

Becauge of the uncertainty about Ega' measurements have to be
made relative to a standard solution, such as CaClz, where ion-associa-
tion is known to be prwtioﬂh negligible in dilute solutions, Thus a
given (standard) solution of CaClz will have a concentration of calcium
ions Cy exaotly equal to the stoichiometric molarity of the salt, where-
as some other solution of a calcium salt with unknown extent of ion
association will have a concentration L Thie quantity " is obtained
in the following manner:

If Es and Ex are, respectively, the emfs of the above cell with
standard and unknown calcium salts, both emfs measured against the same

reference calomel electrode, it follows from equation 1 that

E «oE = 22 1,%
X 8 a

2F a
RT % Iz
- 55 1n c_' * 3, (2)

The symbols are as defined above, and - & and y, are the ionic
molar activity coefficients of ca?’ ions caloulated on the basis of the
Debye-Huckel relation:

-logy = T /(1 + Bar?) (3)
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where the constants A and B . a are given in Table II, z is the ionic
charge +2, and I is the total molar jonic strength of the solution,

Equation 2 can be used in two ways. On the one hand it can yield
the Ca?* ionic sctivity a_ in en unknown solution. For this,one needs
the measured quantities Ex and E', together with a calculated value of
Yy and the known stoichiometric quantity ¢ e

Alternatively, equation 2 can be used in the following form:
Ex = Es
logo, = logo, +3r7aF *+ 108 (v, /¥,) (4)

to yield the molar concentration O of free ca®" ions in an unknown
solution using the experimentally measured quantities Ex and E., the
ratio of the two activity coefficients ¥y /’x calculated from equation 3,
end the stoichiometrically known quantity o_.

In our work, this form of the equation was used as it has the
additional asdvantage of requiring only the ratio of the two activity
coefficients. The application of this method to the study of ion-

association is discussed in section VI below,

IV. EXPERIMENTAL DETATLS
A, Chemi

Callz .2H20 (M.W, 147.03) Merck pro-snalysi. Not purified further,
but its solutions were titrated against standard EDTA.

CaCO3 (M.W. 100.09) Merck pro-enalysi (99.7%) used for standard--
izing EDTA solutions.

EDTA = Disminoethanetetra-acetic acid, disodium salt (CH2COOH)2N.
(He CHz ,N(CH2COONa)2 .2H20 (M.W, 372.25) B.D.H. Analar (99.99%) .

Approximately 0.01M solutions were standardized agasinst standard
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Table II

Date on Yebye-Huckel Constant

Temp . L %i-;g}'
% A (1) 7% (2) (mv)
15 0.503 2.0 57.17
20 0.507 2.0 58,16
25 0.512 © 1.6 2.0 59.16
30 0.516 2.0 60.15
35 0.521 . 2.0 61.14

* Robinson and Stokes (1960), p. 468
Data for Debye-Huckel extended equation (Equation 3)
(1) Solutions of CaClz and CaSO4 for the CaSO4
experiments.
(2) Solutions of CaCls , KFe(CN)g and K3Fe(CN)e
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CaClz prepared by tpking 1.000 g CaC03, dissolving it in 5 ml of 6N HC1
and meking up to a liter. 25.0 ml of the standard CaCly were used in
the titrations using Eriochrome T (0.25 g/50 ml absolute alcohol) as
indicator.

KC1 (M.W. 74.56) Analar (99.8%) dried at 110° and stored in &
desiccator. Solutions were used for studying the effect of 111 salts
on calcium electrode behavior,

NaCl (M.W. 58.44) Analar, used without further purification in
testing the effect of 131 salts on calcium electrode.

BaCls .2H20 (M.W, 244.306) Analar (99.36), used without further
purification, Solutions were made from a stock 1M solution by
sppropriate dilutions, These were used in studying the effect of 2:1
salts on the calecium electrode.

CaSOs (anhydrous powder) (M.W. 136,146) Beker Analyzed (98.9%) .

A 0.01M stock solution was prepared and diluted sppropriately.

MgClz .6H20 (orystals) (M.W., 203.31) Analar (99.96%). A 1M stock
solution was diluted to about 107°M and standardized against EDTA
solution. The diluted solutions were used in studying the effect of 2:1
salts on caloium electrode.

KOH (M.,W. 56.11) U.S.P, pellets approximately 85%, used without
furthur purification.

B. Apparatus

Faraday black metal box for protection of solutions and electirodes from
light and electrical pick-up. It contained the cell which consisted of
the electrodes, two glass jacketed vessels, saturated KC1 agar bridge

and a magnetic stirrer.
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Electrodes: (1) Calecium electrode (Orion Res, Inc., Mass., model 92-20).
Membrane was replaced when the potential of a 1,0x10™°M
solution of CaClz deviated from zero millivolts. The
electrode elutes about 5x10”®M Ca®' due to the solubility
of ion-exchanger in water. Only the tip of the electrode
was allowed to dip into the solution during measurements;
hence the Ag-Ag(Cl intemal electrode was essentially
at room air tehperature.

(2) Saturated calomel commercial electrode was selected on
basis that it gave reproducible resdings and compared
within O0.2mv with similar calomels. This electrode was
always deeply immersed in thermostated, saturated KC1
solution,

Salt bridge. A saturated KCl-agar salt bridge was prepared by injecting

the gel, prepared by dissolving 4g of Agau.- in 100 ml of hot saturated KCl

solution, into narrow polyethylene tubing of sppropriate length., Salt
bridges were kept under saturated KC1 solution,.

The electrodes were set up in two separate glass jacketed vessels
ad justed over magnetic stirrers and themostated by circulating water
from a constant temperature bath.

Temperature control. A constant temperature water bath with heating and

cooling was used (Wilkens-Anderson Co., Chicago). Themmostated water was

pumped to the glass jacketed cells. Thermometers were calibrated against

a set of standard themometers (National Physical Laboratory, England).

This was done at every temperature. The control of temperature, as

measured in the actual solution was found to be constant within 4 0.05°

or better.
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Potentiometer. A Beckman Research pH meter was used in making all

measurements. The instrument has a readability of 0.02 mv and precision
of 0.1 mv,

Regorder. A Beckman 10" linear recorder was used in conjunction with the
potentiometer at 10 mv full range to record the output (Ex - E’) in some
of the experiments. This was done to check the pattern of variation of
the reading with time.

C. Procedure

Different techniques were tried in an effort to minimize errors
and to overcome the difficulties which were encountered in emf measure-
ments, Difficulties were of two types: a drift in potential with time
for the same solution, and shift of all the potential readings to higher
positive values. The second problem, when encountered, was solved by
replacing the membrane and regenerating the electrode until the potential
reading for the 1,0x10™°M CaClz solution was around zero mv.

To minimize effects due to time drifts in potential the following
uniform procedure was followed:

1. Solutions were themostated before use and the electrode was
preconditioned with the solution to be used.

2. Solution 8 was alwgys put first and the electrode was washed
repeatedly with the solution, with constant stirring between washings.
This was carried on for at least 10 mimutes,

3. The cell emf was read until two consecutive readings of two
samples of the same solution read the same within + 0.1 mv,

4, The electrode was washed two or three times with solution X,

containing an estimated free Ca?t concentration which is close to that of



solution S, and then two constant consecutive readings were recorded.
Usually two or three different X solutions were chosen to be measured
with the same S but in all cases the sequence (S1 - X1), (S1 = X2) or
(81 = X1 = 81), (S1 = X2 = 81), was followed.

The choice of the concentration of X was important. In order to
minimize the contribution of the factor (Ex - Ea) / 29.6 (equation 4),
Ex should be as mearly equal to E' as possible,

A Beckman recorder was uéed during preliminary runs to observe
the changes and the drifts in the potential. No special advantage,
however, was found in the recording of emfj; all subsequent work was

therefore carried out by visual reading of emf to the nearest 0.02 mv,

V. RESULTS
A. Thermodynsmic reversibility of calcium electrode.

The thermodynamic significance of the calcium electrode is its
direct reversibility to Ca?’ ion activity in aqueous solutions. Before
using the electrode in any quantitative study this assumption hed to be
verified. The test was made as follows:

1. A series of solutions of CaCly in water ranging from 1.00x10 °M
to 1.00x10 °M were prepared.

2. A commercial calomel electrode was selected and tested against
gimilar electrodes to ensure its stability and reversibility.

3, A number of Ag-AgCl electrodes were prepared electrolytically
(Teyim, Thesis 1964) and a matching pair was selected.

4. The cell emf (Ercf - Eba.) was measured for every solution, using
the procedure described above., The measurements were made on the Ca

electrode against calomel and Ag-AgCl electrodes. This type of experiment
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was made on several occasions and gave concordant results.

The results of one set of measurements are summarized in Table III
and illustrated in Fig., 2, where:

M = molar concentration,

I(M) = total molar ionic strength assuming complete ionization.

y = molar ionic activity coefficient of ca?* calculated from

Debye-Huckel extended equation (3) and constants (Table II).

a = molar ionic activity of ca?* = (Callz conc.).y .

ECa. = potential of Ca electrode obtained in two ways:

1) Cell comprising calcium electrode / calomel electrode,
gives K, + E, (including liquid junction potential Ej).

2) Cell comprising calcium electrode / Ag - AgCl electrode,
gives B, (without 1iquid junction potential).

Inspection of Table III and Figure 2 leads to the following
conclusions sbout the properties of the Ce?* electrode.

1, The 1limit for reproducible quantitative measurement of Caz"'
concentration is 5.0110"‘![. At lower concentrations the relation is not
linear probably due to the appreciable solubility of the ion-exchanger
in the agueous phase. (Claimed to be 5x107®M Ca’’ by the manufacturers).

2. The theoretically predicted slope of 29.6 mv/ pCa at 25°C of a
plot of E vs -log a confirms the themmodynamic reversibility of the
electrode to Ca2+ activity.

3. The slope of the E vs -log ¢ line is about 25 mv/pCa which again
shows that the electrode does not thermodynamically measure concentration,
Nevertheless, the latter can be obtained from the data on a purely

empirical basis.
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Figure 2 = The calibration of the Ca electrode
A. Plot of E, versus log (Ca.“'
activity) (equation 1).
A 4g-AgC]l reference; © calomel reference.
C. Plot of B, versus log (ca?*

concentration); [J calomel reference.
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4. The line A shows that agreement is close between results from
measurements using a calomel reference and those using Ag-AgCl reference.
Since the former case involves use of a salt bridge while the latter
does not, it may be concluded that any residual liquid-junction
potential between the salt bridge and the test solutions used must
have been either reasonably constant or negligibly small. This is not
unexpected since the solutions were around neutral pH.

B, Effect of pH and salts |

Having established the thermodynamic reversibility of the electrode
it was essential to check the claims of the manufacturers regarding the
effect of foreign cations on electrode performance.

Effect of pH. The purpose of this study was to verify that the optimum
yange of pH in which the electrode could be used was pH 6.0 - 10. This
was done by measuring the emf of a series of solutions containing a
constant concentration of Cellz at different pH values which were adjusted
by the addition of appropriate amounts of 0.1M KOH.

It was indeed found that the electrode was sensitive to ol at
pi > 5 and that reasonably constant emf readings could be obtained in
the range of pH 6 to 9. The behavior in more alkaline solutions was not
investigated due to drifts in emf readings starting around pH 9,

The conclusion to be drawn from this series of tests, which
confirm the published statement of the mamufacturers, is that the best
region for use of the electrode is between pH 6 - 8 and that outside
these limits, interference due to H' and OH becomes significant
depending on the particular conditions,

Effect of salts. The electrode is claimed by the manufacturers to be
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"approximately 50 times more sensitive to Ca?* than Mg®" and approxi-
mately 100 times more sensitive to Ca?* than Blz"'"'. In a recent study
of this electrode, Shatkay (1967) has refuted this claim, It was there-
fore appropriate to examinethe effect of ions on electrode performance,
particularly with regard to the question of whether the effects are due
to changes in ionic strength or to ion-exchange phenomena, such as
competition ot foreign ions for sites in the ion-exchanger.

1:1 salts. Three sets of solutions were made each containing a
different constant CaClz concentration with varying concentrations of
NaCl. In every case, solution (X) containing foreign ions was compared
with a solution S containing the same level of CaClz (with little
KOH) , and the emf difference, E - E’, was obtained, Numerical analysis
of the data is deseribed in the next section and some results are given
in Table IVa and illustrated in Figure 3.

Corresponding studies on KC1 solutions were made on 1,00x107° M
CaClz with up to 8,0x10 >M KC1 which, covers the range of our experiments
in K 4Fe(CN)g and K3Fe(CN)g systems. No K' effects were detected under
these conditions,.

211 salts, Here the effects of l32+ and Baz+ ions were investigated.
At least two sets of solutions were made, each case with a different
but constant concentration of Callz and varying concentrations of BaCl:
and MgClz renging from 1.0x10™#M to 1.0x10”'M. 4gain, the emf of
solutions X was compared with the emf of 8, a solution with the same
level of CaClz concentration. A semple of one set of results is given

in Table IVb and shown in Figure 3.

Analysis and calculations. The above results were analyzed on the
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Tgble IVa
Effect of 1:1 Sglts on Electrode
Te= 25.0°
1 2 3 4 5

4 t Iy EI-B‘ Ex-l.
10: '(’i) 10°(M) -log Ty I“S"h' (i '?b'
0.020 0.36 0.110 «0,20

0.040 0.38 0.112 0,30

0,060 0.40 0.115 0,40

0,080 0.42 0.118 «0,50

0.200 0.54 0.131 -0,80

0.400 0.74 0.150 -1 .40

0,600 0.94 0.166 -2,00

1,50 1.84 0.219 -3.50

1,80 2,14 0.232 -3.70

2,50 2,84 0.259 -4 ,60

2,80 3.14 0.268 =5.00
10,0 10.34 0,400 ~9.00 -5.10
20,0 20.%34 0.485 -11.4 =530
40.0 40.34 0.573 -14.1 =550
60.0 60,34 0.624 ~15.6 -5.30
B0.0 80.34 0.659 16,4 =500

1. Conc, of 1:l salt with 1.00x107°M CaClz and 4.0x10™*M
KOH in solution X,
2. Total ionic strength of solution X,
3. ¥, = molar ionic activity coefficient of Ca?t (equation 3).
4. Theoretical Ex - EB calculated from equation 5.
5. Observed Ex - R.
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Table IVh
Effect of 2:1 Salts on Electrode

1 2 3 4 5 6

uz'l' w+
E - E E =B E <E
s X

)
W' 10 TR ) () ()

0.010 0.370 0.1110 ~0.30 0.40 «1.70
0.015 0.380 0.1130 0,30
0.0175 0.3%0 0.1140 «0 .40
0.100 0.640 0.1460 ~1.30 -2,15 2,80
0.150 0.7%0 0.1545 -1.60
0.200 0.940 0.1663 «1.90
0.500 1.84 0,2185 «3.50
0.700 2.44 0.2436 -4.20
1.00 3e 34 0.2742 «5.10 -11.4 «12,50
5.00 15.3 0.44% -10.3
7.00 21.3 0.4912 -11.5
10.0 30.3 0.5361 -12.9 drift  «22.90
30.0 9.3 0.6710 «16.7

1. Conc. of 2:1 salt with 1,00x10 M CaClz and 4.0x10™*M
KOH in solution X.
2. Total ionic strength of solution X,
5. ¥, = molar ionic activity coefficient of Ca?* (equetion 3).
4. Theoretical Bx - E' calculated from equation 5.
5. Observed E_ - E_ for Mgt

6. Observed E_ - E_ for Ba?*,
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assumption that changes in the observed emfs were due solely to changes
in ionic strength. This was done as follows: At 2'5.00. equation 2 may
be rewritten in the form

E~-E = 29.6 log oy, - 29.6 log oy (5)

where the symbols are as already defined, In this case, however,

e, =cg (stoichiometric concentration of Ca is the same in

solutions S and X), and

Yy # Y (due to changes in ionic strength in presence of added

salts).

For 1.00x10 "N Callz, the s.eeond. tem in equation 5 is numerically
equal to - 91.8 mv,

Thdretical curves for both 2:1 and 1:l salts were drawn on the basis
of this assumption by calculating E‘ - l. at different ionic strengths.
The results, as expected, first showed that the influence of the different
ions is greatest at the lowest concentrations of 0a2+ ion or relatively
high conecentrations of foreign ions. In the case of 1.00x10M CaClz,
details of the results are given in Tables IVa and b, which also include
the experimentally determined quantity EI - Es' Figure 3 shows the data
in the form of theoretical and experimental curves.

Deviations from the theoretical curves are wide and clearly show
that the phenamenon is not simply due to ionic stremgth effects. Further-
more, snalysis of the results on basis of competition of ions for exchanger
leads to the conclusion thet deviations from theory should be positive
whereas the observed Ex - E‘ values are negative, It is of course possible
that the observed drifts in emf at higher foreign ion concentration might

be due to an intermediate stage in the properties of the electrode falling
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between sensitivity to ca?* ana gengitivity to other cations.

The overall conclusions that cen be drawn from the measurements
done within the considered region of Callz and foreign salt concentra-
tion ere the following:

1. At low foreign ion concentrations the effects of foreign
ions are adequately accounted for in tems of their contributions to
ionie strength of the medium.

2. At high foreign ion coﬁoentra.tions, these ions appear to block
ion-exchanger sites which reduce the effective Ce?* concentration and
cause 4a negative deviation,

3, At extremely high foreign ion concentrations one may expect the
electrode to become sensitive, or partly selective, to the foreign ions.
However, under such conditions no quantitative measurements are meaning-

ful.

VI. THE CALCIUM-SULFATE SYSTEM

Having established the range of conditions of pH and various salt
concentrations under which the Orion caleium electrode was themodynamical-
ly reversible to Ca’’ ions, it remained necessary to find out if the
gseme potentiometric method could be used for the study of ion-association.
For this purpose, the aqueous calcium sulfate system was chosen. In this
gystem, ion-pair formation has been well established, and the chemical
equilibrium is

Cg2t(aq.) + SO " (aq.) = Cs +90’ (aa.) (6)

for which the thermodynamic ion-association (formation) constant is
defined in tems of the activities of the ion-pasir complex, the cation,

and the anion, at equilibriums:
v
K = % on-pair / Bygzt « 8y 50%” (7)

k° has been determined from conductivity (Davies and Money, 1932) and
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alse from solubility studies (Bell and George, 1953). Its generilly
sccepted value at 25° is 200,

The ca“soi' ion-pair is also of physiological interest snd has
been studied by Walser and Payme (1959) to establish the physiological
role of ion asscciation., The MolLean and Hastings (1934) frog heart
method was used for determining the free ca?* ion activity, and evidence
was presented to negate any interferences due to precipitation of the
insolubtle salt or to toxicity of anions, The results were interpreted
in terms of ion-association and a dissociation constant of 0,039 + 0.009
et 0.11M ionic strength was reported.

A, Experimental

The experimental set-up and procedure used were as described
gbove (section IVB & C). In these experiments, solutions X ranged
in concentration from 5.00x10”“M to 1.50x107°M in CaSO4 with an
appropriate smount of 0.10M KOH to adjust the solution to pi 7 4o B,
Solations S (CaClz) were prepared by dilution from a standardized 0.100M
stock solution, The range of concentration of solutions S was
tetween 4.00x10™#M to 1.50x10 M.

411 experiments were carried out at 25.0° using saturated KC1-
calomel electrode. The Ag-AgCl electrode was used in one set of
pessurements, and a Beckman 10" recorder was used in some cases for
recording the output Ex and E’.

B. Calculations

Details of the calculations are best illustrated with reference to
Tatle V in which the columns are as followss:

1. Molar stoichiometric concentration of CaSO4 in solution X.

2. Molar stoichiometric concentration of Callz in solution 8.
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Table V

Determination of Ton Association Constant for CaSO4 at 25,0°

1 2 3 4 5 6 7 8
10° X 10° s E-E 10’1, 10°I, 10% K K°
W W @ w W a) o)
0.500 0.400 1,40 1.92 1,32 0.466 182 220
0.500 0.400 1,28 1,92 -1.32 0.462 209 246
0,750 0.600 1,08 2.82 1.92 0,682 158 199
0.750 0.600 0,98 2,82 1,92 0.678 169 212
0.800 0.800 =1,50 3.00 2.52 0.729 144 182
0.800 0.800 =1,80 3,00 2.52 0.712 185 234
1.00 0,800 0.7T4 3.72 2,52 0.890 146 190
1.00 0.800 0.76 3.72 2,52 0.891 144 187
1.00 0.800 0.80 3.72 2,52 0.89% 139 180
1.00 1.00 -1.86 3,82 3,22 0,901 150 195
1,00 1.00 =-2,00 3.82 3,22 0.889 160 221
1.50 1.50 -2.24 5.64 4,74 1.3 132 181
1.50 1.50 -2.40 5.64 4.74 1.28 149 204
1.50 1,50 -2.44 5.64 4.4 1.28 149 204
1.50 1,50 =2.28 5.64 4.74 1.3 132 181
1.50 1.50 =2.30 5.64 4,74 1.30 132 181
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3. The difference between cell emfs with the calcium electrode
in solutions X and S, in both cases the potential being measured
against a saturated calomel electrode reference.

4, Total moler ionic strength in solution X estimated on basis of
1L0% ion-association of Gaz"'SOi “ for all concentrations, and including
contributions from eluted CaClz (5x10®M) and from added KOH (2.0x10™*M).

5. Total molar ionic stremgth in solution S estimated on 100%
dissociation of Callz, and imlu-ﬂing contribution from eluted CaClp
5x10" M) and from added KOH (2.0x10™%).

6. Equilibrium concentration of free Ca.z"', e, in equation 4,
calculated as described in section III.

7. Equilibrium constant defined in terms of the equilibrium
molar concentrations:

K = (ion-pair) / cx.(Sﬂz") (8)
vhere

(ion-pair) = X + (Call2) ;. eoq =

(Sﬂi-) =X - (ion-pair)
8. Thermodynamic equilibrium constant K° (equation 7) related to

¥ through the ioniec activity coefficients:

K’ =K (:!.on-pair / Vpr * Vo) (9

SEmme y:i.on-pa.ir L +
since yz + 32_ - f; s application of Debye-Huckel relation equation
3 leads to

log K° = logK + mi / (1 +1.6 Ii’) (10)

Thus it is seen from Table V that application of the calcium
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electrode method to the calcium sulfate system yields a value forx
the ion association constant (K° = 198 + 17 at 25.0°) which is in
close agreement with the literature value 200, This may be taken

28 confimmation of the validity and reliability of the method.



ION ASSOCIATION IN CALCIUM HEXACYANOFERRATES

The results obtained above suggested that the caleium electrode could
be conweniently used for ion-assooiation studies within a concentration
renge in which the assumptions about activity coefficients could be
justified and formation of ion-triplets and other complexes could be
neglected. |

Ws have chosen to study in detail the binding of Ca’' ions to
hexacyenoferrates (II) and (III) ions., These two stable complex ions are
known to have similar rigid octahedral structures, with net charges of
-4 snd -3 respectively, Comparison of themodynamic parameters for their
ion-association equilibria would show the influence of changing charge
without concomitant structursl effects. Furthemore, the well known salts
K4Fe(CW); and KaFe(CN)g are very convenient to use, and their ion-associa-
tion equilibria involving K¥ have alresly been investigated (Eaton, George
and Herania, 1967).

1, THERMODYNA MIC CONSIDERATICNS
The equilibria to be corsidered are the followings:
Ce**(ea.) * Pe(cME™ (aa.) = Ca®" fe(eM)E” (aa.) (11)
Cgt*(aq.) + Po(0W)3™ (aa.) = Ca** Fe(cH)s™ (aa.) (12)
The corresponding equilibrie imvolving I{+, which have to be taken into
account in calculations ares
K" (ag.) * Pe(CN)§™ (ea.) = K'Po(eM)E™ (aa.) (13)
K" (aq.) + Pe(CN)g™ (sa.) = K'Fe(tN)3™ (aa.) (14)
Congidering equilibrium 11, the themodynamic ion-association

- 43 -
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constant is defined in tems of the activities of ion-pair, free ca?*
and ligand at equilibrium,
°

K= ‘ion-pa:l.r/ Spg2t + Bg(cn)E” (15)

and the measured association constant is expressed in tems of the

equilibrium molar concentration of the ionss:

K = (ion-pair) / °, - (Fe(cN) &) (16)

where Sy gtands for the f{ree Ca** molar concentration. The relation
between the two equilibrium constants involves the molar activity
coefficients of the respective species:

K° <K .yz_/yﬁ.y‘_ (17)

Agsuming the applicability of a Debye-Huckel relation, it follows

L]
logk = logK*log(y,_/v, -7,)
= logK + 16a1® /a* 2.01&) (18)
where A is the Debye-Huckel constant tabulated in Table II.

The corresponding equations for Ce?* Fe(CN)3~ are similar, Thus,

x° '.'ion-pa:lr/ %ra2t ¢ Ppe(CN)}” (19)

X = (don-pair) / oL » Fe(cN)3™ (20)

and the reslation between them is:
0
K -k .7_/!’2+-73_ (21)
which lesads to
log K° « logK + 124 , I'b /(1 + 2.0 I'k) (22)
In both cases, I is the total molar ionic strength of solution X

after teking ion-association into account,
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II. EXPERTMENTAL DETATILS
A, Chemicals

1. E4Pe(CN)g.3H20 (MW, 422.41), Analytical Reagent. The reagent
was recrystallized from hot water and the crystals were dried in a black
painted desiccator over a saturated agueous solution of sucrose and
sodium chloride (Kokhoff and Stenger, 1947) for several months before
use. The solutions were made by weight assmming the trihydrate form.

2. K3 Fe(CN)g (M W, 329.26) 99,96% Merck pro-analysi was used
from a fresh bottle without further purification,

3. Call; and KOH as described in section IVA above used.
B. Apparatus

The experimental set-up was the same as that used for the ca®*s03”
gystem, In some experiments, the calcium electrode was replaced by the
Orion Divalent cation electrode (model 92-32). The two electrodes have
gimilar charscteristics and give concordant results.
C. Procedure

1, Preparation of solutions

Two mets of solutions were made as described in section IV C., Due
to the unavailability of the corresponding calcium salts of ferro and
ferricyenides, solutions X were composed of Calle and K4Fe(CN)g in the
ferrocyanide experiments, and of CaCle and K3Fe(CN)¢ in the ferricyanide
experiments, Solution S contained CaClz and were prepared by dilution
of a standardized 0.10M stodk solution. The steoichiometric calecium
ion concentration in S was made to be very close to that in solution X.

Special precautions were taken in preparing solutions X containing

hexacyanoferrate II to minimize oxidation by O2. Fresh solutions were
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prejared a few minutes before the actual measurements using freshly
boiled out doubly distilled water,

The solutions were in most cases equimolar with respect to Call:
and the hexacyanoferrates (II) and (III).

The range of concentration for the hexacyanoferrate (II)
solutions vas 9.00x10™*% 4o 4.00x10>M with respect to both CaClz and
potassium ferrocyanide and the corresponding range of concentration of
CaClz in sclutions § was 6.00x1074 to 1.50x107M,

The renge of concentration for solutions X containing hexacyano-
ferrate (TI1T) was 9.00x10™* to 5.00x10™°M with respect to both Cell:
and potassium ferricyanide and the corresponding range of concentration
of (gflz in solutions § was 8.00x10™# to 3.50x107°M.

2. Ehf measuremenis

The general technique described above in section IVC was used with
gl ight modifications,

It was found that as solutions X contained ferro and ferricyanides
it vas necessary and convenient to wash the electrode with a concentrated
0.1f solution of CaClz for at least 10 minutes after each emf measurement
of L, bYefore washing with solution S. This was done to minimize conta-
mination of the electrode surface with the foreign ions,

The XCl-Agar bridge had to be cut between successive measurements,
as Lt was found to be affected by ferricyanide solutions.

Messurements were carried out over the above range of concentrations
and st several temperatures between 15 and 35°C.

D. Detsilel sample caloulation for Cs’'Fe(CN)4™ at 25.0°

Initial stoichiometric concentrations



- 4T =

S: 7.00x10"*M CaClz (4.0x10™°M KOH)

X: Equimolar mixture containing 1,40x10™°M CaClz and
1.40x107°M K Pe(CH)¢ (4.0x10™M KOH)

Measurements (see equation 4)

E - E - 0.10 .vc
x 8

E - E
X 8 0.10
RY/&F  ~ 29.6 =~ 0.0034
Estimation of Ionic Strengths g Activity Coefficients

1. Solution S (assume 100% dissociation)

e

Contributing Cone. I
species 10%M 10%u
CaCl2 7.00 21.0
CaClz (eluted) 0.05 0.15
KOH 0.40 0.40

Total I = 21,55x10™ *u
using equation 3 it follows that

-log T, = 2.04513 / (1 + 2'01.5)

= 2,048 {21,55::10“‘11)i = 0.0870
1+ 2,0 (21.55x10" %)

2. Solution X
Lesume 1. 35% Ca'Fe(CN)&™ formed (fit of the data).
2. 8,26 K Pe(CN) & fomed (Eaton, GeorgeHanania, 1967).

3. No contribution from ion-triplets eto.
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Contributing Cono, I
species 100 _10°x
CaFe(CN)} " 0.490 (0.35X) 0.980
KFe(CN)3 "~ 0.115 (0.082X) 0.518
Pe(cN)&™ 0.795 (1-(0.35X + 0.082X) 6.36
oat* 0.915 (X-0.35X) 1.83
g 5.48 (41-KPe(CN)3) 2.742
o 2.81 (21 + 2(eluted)) 1.405
KOH 0.04 0.04

Total I_ = 13.88x107°M
-logy = 0.1952 (using equation 3),
Celoulation of K
o = 7.05x104K (including eluted ca?*)
E_-E / 29.6 = 0.0034
log (¥ / yx) = 0.1952 - 0.870 = 0,1082
Substituting into equation 4s
e, = 9.12x107*M
(ion=pair) = 1.405x107° - 9.12x10™% = 4,93x10™“M
(Fe(CN)&™ = X - (ion-pair) - (K'PeCN)3™) = 7.93x10™*M
Substituting into equation ¥s
K = 4.92x107%/ 9,12x1074 x 7.93x10™%M = 683 M
Note: the procedure above was repeated if the calculated and the assumed
(ion-pair) differed by more than 4%. In case of a discrepancy the
calculations were repeated by assuming a different percentage of

associgtion,
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Caloulation of K.
Using equation 18

Log K = log 683 + 16 x 0.512 (13.88:10'3)& / (1.0 + 2.0 {.01338)5‘
£° = gus.

III. BESULTS
Following the sbove procedure and method of calculation, K and

hance K° was determined for both systems, over a range of concentration
and at several temperatures. For the calciwm ferrocyanide system the data
are given in Tebles VIa - e, and for the calcium ferricyanide system
the corresponding data are given in Tables TIIe - d. The results at 25°
for both systems are summarized in Taeble VIIT and are illustrated in
Figure 4.
In Tables Via - ¢ and ViIla - d the columns are a2 follows:
1. Molar concentration of each of K4Fe(CN)g or K3Fe(CN)g, and
Cafl, with 2x10"“M K(H in solution of unknown extent of ion-association.
2. Molar concentration of Callz standard (with sbout 2x107™4N KOi).
3, Difference between measured cell eaf (Ca electrode / sat,
calomel electrode) of solutions X and S.
4. Percent ion-asssociation of K Fe(CN)4™ in solution X (data from
Eaton, George and Hanania, 1967).
5. Molar ionic strength of solution X, after teking ion-asscciation
into account,
6. Molar ionic strength of Solution S, assuming complete ionization,
7. Egquilibrium molar concentration of free 0;2+ ions in solution
X caleulated from equation 4 (method as dessribed sbove in section Ila,

using constants from Table II).
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Table Via
Detemination of Ion Association Constant for Cs®'Fe(cN)d™ at 15.0%,

L 2 3 4 3 6 1 8 9
10 w0's BB KRN 101, 10’1, 0%, K K
()  (w) (mv) % * " W ) )
1.00 0.600 -0.50  6.75 10.74 2,015 0.715 631 3097
1.20 0.600 1.00  T.50 = 12,38 2,015 0.825 631 3388
1.40 0,800 =0.30  8.00 14.61 2.615 0.994 472 2844
1.60 0.800 0.90  8.00 16.68 2.615 1.123 433 2900
2.00 1.00 =0.20  9.00 19.90 3215 1.3 489 3744
3.00 1.00 3.30  11.7 28,70 3.215 1.86 332 3476
4.00 1.5 2,80 11.2 3582 4.715 2.69 217 2766
4.00 1.50 2.80 11.2 3582 4.T15 2.69 217 2766

mean K° = (3.12 + 0.28) x 10°
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Table V1b

Determination of Ton Association Constant for ¢e®'Fe(CN)&™ at 20.0%,

12 3 5 6 1 8 9
10°c 103 "a X r.&cr). 1031 10’1, 1%, K X
() (w) S I )
1.00 0.800 -4.00 6,75 10.55 2,615 0.702 686 3366
1.0 0,800 -2.20 7.5 12,38 2,615 0.832 607 3306

1.20 0,600 0.%0 7.5 12,38 2,015 0.819 651 3545
1.40 0,800 =1.30 8,00 14.05 2,615 0.914 673 4070
1.80 1,00 =0.60 8.% | 18.46 3,125 1.24 416 056
1.8 1,00 -1.25 8.%  17.96 3.125 1.18 525 3787
2,% 1,00 1.70 10.0 24.32 3.125 1.58 443 4075

K°(nean) = (3.60 +0.32) x 10°
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Table Vie

Determination of Ion Associamtion Constant for Ce®'Fe(CN){™ at 25.0%,

1Lty 3 4 5 6 i 8 9
10°x  10°5  x"F x"re;cu)t' 10’1 10T, 10%, K x*
(X) (0 (av) 0 (0" (g ) ()
0,90 0.800 =5.70 6.20  9.366 2.615 0.608 900 4123
1.00 0.600 =1,20 6.75. 10,26 1,855 0.681 1785 3839
1.20 0.600 0,40 7.50 12,00 2.015 0.785 776 4213
1.20 0.600 0,20 7.50 11.9%4 1.855 0.784 780 4224
1.40 0.700 0,10 B.20 .13.88 2,155 0.912 683 4115
1.50 0.700 1,20 8.40 14.97 2,155 1.01 564 3595
1.60 0,700 2,00 8.50 16.09 2.155 1.09 506 3406
1.60 1.00 -1,00 8.50 18.09 3.045 1.21 463 3413
1.60 1.00 -1,00 8.50 18,09 3.045 1.21 463 3413
2.00 1.00 0,00 9,00 19.98 3.045 1.34 434 3462
2.00 1.00 =0,80 9.00 19.42 3,045 1.25 570 4437
3,00 1.20 1,30 11,7 28,54 3.815 1.86 406 4350

mean K = (3,88 +0.36) x 10°
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Tgble VId

Determinstion of lon Asscciation Constent for Ca’'Fe(cN)™ at 30.0%,

L 2 3 4 5 6 1 8 9
10x 10°s x"Bs k're(oW)d” 10’1 10’1, 10%, K o
() (1) (mv) " () @ ) ()
L.20 0.600 1.00 7.5% 12,22 1,86 0.832 608 3403
L.40 0.800 <1.00 8.00. 14.27 2,46 0,946 585 3658
L.60 0.800 0.00 8,00 15.90 2.46 1.05 581 3941
L.60 0.800 =0.10 8.00 15.90 2.46 1.04 594 4219
L.B0 0.800 0.65 8.5  17.57 2.46 1,12 629 4613
L.830 0.800 1.60 8,70 18.08 2.46 1,22 460 3449
2,00 1.00 <0.80 9.00 19.58 3,22 1.25 573 3835
2,5 1.00 2.10 10.0 24.72 3.22 1.64 385 3741

mean K° = (3.86 + 0.30) x 10°
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Table Vie

Deternination of Ion Associstion Constant for Ce® "Fe(cH)d™ at 35.0%.

1 2 3 4 5 6 T 8 9
109 10°s GeB TN o0 0 103 K K°
(0 () (av) % W* @° (" o) )
1.20 0.600 0.6 7.5 12,03 1..86 0.805 699 3931
1,20 0,600 O.% 7.50. 12,03 1.86 0.787 767 4313
1.20 0,600 0,5 7.5 12,03 1.86 0.800 718 4037
1.3 0.600 1,60 7.80 13.22 1,86 0.883 615 3702
1.3 0.600 1.2 7.80 12,96 1.86 0.854 706 4188
1.60 0,800 1.40 8.70 18,08 2,46 1.20 490 3752
1.8 1,00 -1,% 8.70 17.64 3,065 1.17 542 4064
2,00 100 0.% 9.00  19.74 3.065 1.3 580 4714
2.5% 1.50 -3.00 9.20  19.54 4.565 1.52 499 4060
2,5% 1.5 -2,60 9.20  19.54 4,55 1.57 446 3628

nean K° = (4.04 + 0.23) x 10°
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le a

Determination of Ion Association Constant for Ca’'Fe(CN)3™ at 15.0%,

1 2 3 4 5 6 1 8 9
(ROl sl
1.00 0,900 =1.%0 5.00 8,560 2,92 0.934 86.6 256
1.20 0,900 0.55 6,00 9.697 2,92 1,10 88.5 277
2,00 1.60 =~0.90 8.00 16.43 5.02 1,80 71.0 293
2,50 2.00 =~1,00 9.20 20.78 6.22 2,26 54,6 255
3.00 2.00 0.50 10,0 24,16 6,22 2,64 60.2 312
5.00 3.50 ~0.60 14.0  39.06 10.72 4.33 43,2 312
mean K° = 284 + 21,5
Tgble VILb

Determingtion of Ion Asscciation Constant for 03.2+Ea(0H ﬂ- at 20,000.

1 2 3 4 5 6 1 8 3
10°x 10°s BB, KPe(CNRT10°I 101 10% K x°
()  (w) (av) % M (@ @ ) o
1.20 0,900 0.40 6.00 10.12 2,82 1,10 89,1 288
1,60 1.60 =3.00 7.00 13,51 5.02 1.47  67.5 253
2,00 1.60 =0.75 8.00 15.70 5.02 1.81  66.7 271
3,00 2.00 0,70  10.0  24.33 6.22 2.69  49.8 263
4.50 3.50 =1.60  13.0  35.47 10.72 3.92  44.6 304

mean K° = 276 + 16,2
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Table VIiIo

Determination of Ton Association Constant for Ca”'Fe(CN)3" at 25.0%.

! 2 3 4 5 6 1 8 9
10°x 10°s Ex"Ba  x'me(cW)iT 10°I. 10°I_ 10% K x°
() () (av) # W* (0° w* ") ()
0.900 0.800 =1.25 4.00 7.T20 2.52 0,838 99.8 287
1,00 0,800 0,200 500 . 8.583 2,62 0,921 105 317
*}:ﬁ/ 1,40 =3.20  T.20 12,86 4.32 1.29  T79.3 293
2.00 1,40 0.50 8.00 _ 16.43 4.32 1.80 T0.3 298

2,5 3.00 =5.90 9.20 20,22 9.22 2,19 73.4 351
3,00 2.00 0.60 10.0 24.16 6,22 2,66 54 .3 290
4.00 3.50 =2.70 12,0 31.90 10.72 3.52 4.9 289
5.00 3,50 =0.76 14,0 39.06 10.72 4.30 45.5 339

* 1,60x10 M K3Fe(CN)g mesn K° = 308 + 21
1.42x107>M CaCle

Table VIId
Detemination of Ion Assogiation Constant for Ca®*Fe(CN)2"~ at ﬁ,oocg

R | 3 4 5 6 1 8 9
10°x 10%s %% k'Fe(cW)i” 10°I_ 10°I_ 10%c K K°
() (M) (uv) % W* w* (W* ) (W)
1.00 0.900 -1.60 5.00 8.585 2.915 0.921  106. 324
1.20 0.900 0.50 6.00 10.22 2,915 1.11  80.8 268
2,00 2.00 =3.50 8.00 16.45 6.215 1.80  68.8 295

4-50 3050 ‘1-70 130w 35o4T 10.72 5092 4’406 314
5,00 3.50 «0.90 14,00 38,62 10.72 4.26 49.6 371

meen K° = 314 + 26
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Table VIII
Vari akion of Ton Association constant with Ionic Strength at 25.000,

c*Pe(tN) I Ca®*re(om)3™
X K
M) logk ri/la-ali’ (") log K /et

90  2.95 0.0811 45.5 1.66 0.1416
7% 2490 0.0842 - 44.9 1.65 0.132
716 2.89 00398 54.3 1.74 0.118
T8  2.89 00897 3.4 1.87 0.111
685 2.8} 0.0953 84.4 1.93 0.102
564  2.75 0.0984 70.3 1.85 0.102
506 2470 0.1012 79.3 1.90 0.0924
465  2.67 0. 1060 105 2.02 0.0782
463 2.67 0.1060 9.8 2,00 0.0748
434 2.64 0.1102

57» 2.75 0.10%0

406  2.61 0.1262

Date fron Tables YIe and VIIe
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1
092} Qe 015

Figure 4 - Variation of X with ionic strength at 25.0°C,
Date from Table VIII. Lines indicate theoretical

slopes (equations 18 and 22).
A. Ce®re (o) &

B, Ca? *ro(cn)i -
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8. Ion-Association constants for eguilibria 11 and 12 at ionie
strength I , caloulated from equations L6 and 20 (method as deseribed
in section IID),

9. Temodynamic ion-sssociation constant for equilibria 11 and 12,

calculated from equations 15 and 19 (methodl as described in section 11D).

The mean enthalpies andi entropies of ion association for the two
systems are obtained from the temperature variation of their fomation

constants using the themodynamic relztions:

5E° = 4.576 d 1ogK%/a (/1) (23)
as® = (8H®- ac®) / ® (24)
The deta are given in Table IX and are plotted in Figure 5. The

resulting AH® and & S’ values are swnariged in Table XI,

Tgble XX
Varigtion of Themodynansic Ion Associstion Constant K° with Temperature

4= 3w
2+ 2+
¢ 3 & Ca® Fe(CN) a Ce' :ti'.(cll)l
] 10 /'KK ) -3 0 ] (<] <]
C 10° L logK (limi ts) K log K~ (1imits)

15.0 3,471 3,12
20.0 3.411 3,60
25.0 3.354 3.88
3.0 3.299 3.86
35.0 3.245 4.04

1+

»28 3453 - 3.532 284 + 21.5 2,419 - 2.485
232 3.516 = 3.592 276 + 16,2 2,415 = 2,466
036 3-547 -— 5-53 m 1' 21;0 2-‘58 - 2.517

«30 3551 = 3.619 314 4 26.0 2.459 - 2,532
025 3.581 - ;l629

I+ i+

I+ 1+

Data from Tebles VIa e and ViIa - d
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Figure 5 = Variation of £ with Tenperature,
Data fron Table IX, Iines indisate
aversge slopes.

A, Ca®Mre(em) 4"

B, Ca? "’r.(cn)i"
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I7. CALORIMETRY
The enthalpy changes obtained above vere also detemined

independently and direotly using & microc¢alorimeter described below,
The experiments were carried at rcom temperature which was 25 # 4°.
A, Apparatus

Instrument

A Beckman molel 190B microcelorineter vas used in the calorimetric
deteminatio;la of the enthalpy changes which had a minimum sensitivity
of 5 millcalories and an acouracy of + ¥ over 24 hoars,

The instrument is duigne& to measuxe the heat-burst resulting
fron the mixing of micromole quantities of reactants in a reaction vessel
blLanked against speppropriate reference vessel containing suitable
qaantities of the reference reagents. Themixing is achieved either
aatonatically or mamwally by preparing s program up to seven phases which
can rotate the reaction vessel to either, 0, 90, 180 or 270° positions,
clLockwise or counterclockwise.

The resulting heatburst is speeded through a thermopile into a
hest sink end is proportionsl to the generated voltsge in the themmopile.

A recorder plots both the gemexrstel voltage vs time and the
integral of the themopile voltage versus time, Once the instrument is
calitrated ,the integral plot yields direstly the heat produced in
millicalories,

Cells

Two types of cells were used in the determinations, One type con-
sisted of glass wessels with aanular space capacity of 15 ml and two
drop wells with cepecities up to 300 pl each. The second type could
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accommdate up to 8 ml in each of two compartments but had no drop wells,

Tor pelibrating the instrument cells of the first type were used
vhile for the other detemminations it was found convenient to use the
other cells,

B. sximent edure

1. Calibration, The instrument was calibrated by measuring the
heat of meatralization of 0.0L00M EC1l with excess 0.010N NaOH, The
following soclutions were used:

1,00 x 10-3 Nafl., The solution was prepared by taking 117.0 mg
of Analer NaCl from a freshly opened bottle and making up to 2 liters
vith Clz free doubly distilled water. The solution was used both in
the reference cell sz a control resgent, and for meking up the HC1 and
NaOH solwtions to adjust the ionic strength.

1400 x ;Oﬂl HCl, prepared from a standerdized B.D.H. concentrate
using the 1,00 x L0™*M NaCl solution, as the diluent.

1400 x 107°M NaCH, prepared from a stock which was standardized
againsi pobassium hydrogen phthalate, by dilution. The concentration
of this solution was not ocrucial in the experiments because it was tsken
in excess,

Tne measurements were made using the drop well type cells described
above. The guantities taken are shown in Tables Xa - b, which also give
the heets obttained. A plot of the calibration curve traced by the pen
recordexr is shown im Figure 6.

The nicro gquantities were delivered wusing a Beckman micro pipette
(200 p1) and larger volumes through hypodemmic syringes (20 cc.).

Hzats were measured after 3 - 4 hours of equilibration when a steady
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Teble Xa
Calorimetric Measurement of Heat for Cs’'Fe(CN)&™
100 pv_range
Reaction cell Reference cell i.u, Heat
Expt. No. Tygp. left Right Ieft Right (ave.) (meal)
1 2% HCL NeDE HCL  NaCl -1110  53.28
27 HCL NaOHE HC1  NaCl -1110  53.08
2 27  mixt, HO H0 -125 5.98
3 27 Callz I, Hz0 320 15.3
Fe(C¥)e
HC1 = 0.40 m1 of 0,01008
NaOH = 15,0 ml1 of 0.010F
NeCl = 15.0 ml of 1.0 x 10™*K
K4Fe(CN)g = 7.0 ml of 4.00 x 10°M
Callz = 7.0 ml of 4,00 x 107X
Mixture = 7.0 ml, 4.00 x 10M in K4Fe(CN)¢ and in Callz
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Tasble Xb

Calorimetric Measurement of Heat for Ca’*Fe(cN)3”

100 pv range

Tsnp Reaction cell Eelerence cell i,u, Heat
Expt. No. C. Left TRight [Left Right (ave,) (mecal)

1 21 HCl NaOH HCL  NaCl «555  =2T.1
2 21 Caflz 20  H:0 Hz 0 =100 - 4.90
3 21 K3 F20  H:0 Hz0 -85 -4.15
Fe(CN),
4 21 mixture E0 M0  E0 <158 - T.71
5 25 CalCl: K3 H20 Hz0 190 9.14
Fe(CN)g
6 21 CeCl: Fe( Cﬁia Mict, Hz0 320 15.6
HC1 = 0,2 ml of 0.0100N
NelH = 15.0 m1 of 0,0LOM

Nall 15.0 m1 of 1.00 x 10~ %

KaPe(CN)g = 7.0 ml of 1,00 x 10 %

7.0 m1 of 1.00 x 10~ %)y

i
g

Mixbure 7.0 ml, 1,00 x 10" in CaCl; and in K3Fe(CN)g¢
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Figure 6 ~ Calorimetric measurement of heat of neutralization of
HCl and NaOH (see text)
T1 = time of initial mixing, showing heatburst
- Tz,T3 = time of second and third mixings



-66-

baseline vas obtained by the differentiator pen,
2, Measurement of heats of ion-association for Gaz"'l"efcmf and

c&’*r.( Cllﬂ-

Using cells with 8 nl double compartments, measurements were made

of the heate produced upon mixing various combinations of the compounds
invelved. Detamils of conditions and quantities of reagents are given in
Tables Xa - b, pages 63 and 64.
C, Calculations snd resul ts

The method of computing the heat involved makes use of the integrator
trace of the type shown in P:i.gu::-e 6, Such a plot yields a number of
integrator units, i.u., (number of chart graduations crossed by the
integrator trace x 10), and these are directly proportional to the heat
in millicalories (see below).

Calibration factor. In the calibration experiment reported in Table
X2, 4.00 x 107® moles of HC1 are neutralized at 27°. However, as the
sibsequent experiments for measuring the heat of the calcium ferrceyanide
gystem are cerried at 26° a ocalibration factor at this temperature is
nededs

Heat of neutralization = 13,270 cal/mole.

Terefore, 4,00 x 10°% moles x 13,270 cal/mole = 53.08mcal evolved.
But the resction gave -1110 i.u. (et 100 pv range of amplifier),

therefore, calibration factor= -1110/53.08 = =20.91 i.u./mcsl.
In the calibdbration experiment reported in Table Xb, 2.00 x 10™® moles of
HC1 were neutralized at 121‘0. At this temperature, the heat of neutral-
ization is 13,570 cal/mole,

therefore, 2.00 x 107 mole x 13,570 cal/mole = 27.14 mcsl evolved.
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Calibration factor = =555 i.u./27.1 meal = -20.48 i.u./meal.

320-(~125)

20.91 = 21,3 meal (Teble Xa)

For Ca2+Fu(0H):-. heat of resstion =

Moles reactant = 7.00 ml x 4.00 x 10™°M = 28.0 x 10™ mmole.
Assume 35% ion-pair fomation,
product = 0,35 x 28,0 x 10 = 9.80 x 10 >mmole
OH = 21,3 meal/9.80 x 10 mole

= 2.1] Coal/mole

20

50%4‘._8_ = 15,6 (direct from

For Ca?*Fe(CN)2", neat of reaction =
able Xb, §)
or 9.14 = (=7.71) = 16.85 (indirect from
Table Xb, 4 and 5)
= 15,6 or 16,8 meal.
Assume 15% ion-pair fommation,
prodwct = 0,15 x 7,00 m1 x 1.00 x 10N = 1.05 x 10”2 mmole
AE = 15,6 ox 16.8 mcal./1.05 x 1072 mmole

= 1.48 ox 1,60 Keal/mole.
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Tauble XI

Sumnary of Thermodynamic Data at 2§.O°c

Ca®*Pe(CN)E™  ca*Fo(cw)3”

K 3882 + 361 308 + 21

AE . (Keal) 21 +0.5 1.5+ 0.7
AH, (Keal) 2,17 + 0,12 1.54 + 0,06
AS e, 236 4+1.2 16,5+ 1.2

AH;“ - as (biained from potentiometric measurements.

&I{ga - as (bimined from calorimetric measurements,



DISCUSSION

In the work described above, a commercial liquid-liquid membrane
calcium electrode was evaluated to establish its thermodynamic revers-
ibility to free (unbound) ca®* ione in dilute aqueous solutions, On
thie basis, it was used in the determination of ion-essociation
congtante within specified ranges of conditions.

4ds with all quantitative work, the results are subject to certain
linits of uncertainty. In mu- case, these depended on the following
major factors: limiting properties of the electrode, necessary electro-
chemicgl assumptions, and the sensitivity of the measuring device
(potentiometer).

The limiting properties of the electrode were the following:

(1) Finite solubility of ion-exchenger in water which was assumed to
contribute Ca’’ concentration of 5 x 1078 (claimed by the manufac turers) .
(2) Drifts in potential with time which could be due to the uncertainty
in .ED. These caused non-reproducible results in some cases, (3) Drifts
in potential in solutions containing foreign ions. Thie did not pose a
serious problem because all measurements could be mede within a range

of conditions where outside effects did not interfere.

To minimize these uncertainties, the elesctrode was preconditioned
and thoroughly washed with the solution, the potential of which was to be
determined. Also, the time interval of recoxding the observed potentials
was minimized and the solutions were chosen such that they had very close

Caz-" ion activities which minimized the contribution of the measured

- €9 =
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potential to the unsertsinties in the calculations. The electrode was
used in the optimum range of concentration in which it had been shown
to have Nernstian bshevior and a range in which assumptions about
activity coefficients and non-existence of ion-triplets could be
justified.

The p of the solutions was kept in the safe region 6 - 8.

The electrochemical sssumptions were the following: (1) that the
electrode had beem equilibrated and was thermodynamically reversible to
Ca.z+ ion activity at the different temperatures; (2) that the reference
salomel electrode was also equilibrated and reversible (to C17);

(3) that liquid junztion potential of the system was either constant or
negligible during the experinents; (4) that the Debye-Huckel extended
equation could be used in the estimation of activity coefficients.

Temperature eguilibration of the whole electrode was not prasticable
and so the assumption about equilibration could not be wverified directly,
but was indirectly checked through the intermal agreement of results and
from agreement between the calorimetric and potentiomeiricslly detemined
heats,

The second assumption was justified on grounds that the calomel
mnatched, within 0.2 mv, other similar electrodes, and that it was equi-
librated at the different temperatures for at least four hours before use.

The assumption regariing liquid-junction potential was directly
tested in the Ag-AL1 experiments (VA in previous section) which showed
that changes in 5";)' if any, were within the limits of error of potentio-
metric measurements, less than 0.1 mv, Assumptions about activity

coefficients wers jastifiadle on grounds of the concentration range covered
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in our experiments, The uncertainties due to the precision of the
potentiometer (+ 0,05 mv) were within the range of other uncertainties
about the electirode.

Al together, these uncertainties are reflected in the degree of
reproducibility of results. Tadles VI to VIL show & 10% mean deviation
in the K° values, It should be noted that from every set of measure-
ments & few resul ts were ignred as their deviation from the mean was
larger than twice the mean deviation of the set.

The enthalpies of ion-issociation were determined by two independent
nethods., From the temperature wariation of the equilibrium congtant at
five temperatures, the uncertainty sppears to be very large (25 to 40
respectively (Table IX)) Hovever, the direct nicrocalorimetric deter-
mination yielded more preciss results (5%) which were also in good
agreenent with the potentionetric results, It was on this basis that
average enthalpies and hence entropies, were computed. Table XI.

These results on ca’ binding may be compared with other ion-
association data on hexscyamferrate systems. Unfortunately, them are
wery few cases for which complete thexmodynamic studies have been remwrted;
these are summarized at the top of Table XII. Other available data,
chosen from the compilatiom of stebility constants (Sillen 1964), are
giren in the lower part of Table XII. Also included in the Table are
Bjeryum distances for ion-peirs czlculated on the basis of the electro-
static theoxry of ion-associstion (Hanani a, private communication (1963))
using the equilibrim constant data. Bjerrum distances may be taken as
& measure of equilibrium d isteances between the centers of hydrated cations

ard aniom® in ion-pairs.
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It is noticed first of all that the present work has yielded
ion-association constante which are maller than the literature values
reported. In the case of 09.2+Pa(cll):- our result is about 20% less,
but for Ca?*Fe(CN)3™ it is less tham half the value previously reported
(Table XII). These discrepancies probably reflect the difficulties
encountered in previous studies of association between ions of unequal
charge by the conductivity method (Namcollas, 1966), and may also be
partly due to underestimetion of the extent of X' binding to hexa-
cysnoferrate ions (Eaton, George and Hanania, 1967). An independent
check on these results would be through the use of caleium hexacyano-
Ferrate salts directly, An attempt vas made, in this woxrk, to prepare
ani crystallize (m3;(Fe(CK)g)z.12H20, but no potentiometric measurements
on this compound were nade,

A comparisom of the date in Table XII shows the main features of
ion-association themodynemice, Increasing charge on either ion
Ferors gtronger binding. Inthalpies of ion-pair formation are weakly
enlothemic, and Bjerrum ion-pair lengths mre reasonably close to
hylrated ionic xredii, But there are two sbnormal Bjerrum distances:
Q1) 032+Fe(CN)3- has a very large value which indicates extremely weak
binding (as reflected in the small formation constant); (2) Le* *Fe(cN)§”
hes an impossibly small value, clearly showing the failure of the
Bjerrum electrostatic model for such a highly charged system., Apart
from these exceptions the general oconclusion may be drawn that the
conplexes are redl ion-pairs held by electrostatic forces,

The present work hes shown that the caleium electrode works

4themodymanicelly under certain conditions of ca?t and of foreign ion
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concentrations. As such it can be used for measuring caleium ion
activity in natural, biological and chemical systems.

Caleimm finds its importance in natural systems such as sea and
natural water resources, and in different forms of rocks which are of
interest to geochemists.

In bological systems free ionized calcium is said to control
muscle contraction, blood clotting and nerve impulse transmission end
as the physiological functions are related to calcium activity in
contrest io concentration, the method could be a very convenient way of
me asuring Ce't activities. Tis would be in contrast to previously used
methods sweh as EDTA, which gives the concentration of total free calcium,
and Moclean end Hastings' frog heart method which measures not only Ca
activity but rather the ratio of Ca/Na as the activities of the two ions
are very auch related (Niedergerke and Luttgau, 1957).

In chemistry, the elecixrode provides a method of studying the
themodynamic constants of different complexes, chelates or ion-pamirs
involving Ca. Indeed, Glauser, Lfkovits, Glauser & Sevy (1967) have
evaluated the Corning caleium electrode, which works on the same principle
as the Orion Ca electrode, and have used it in studying the EDTA complexe-
metric titration of caleium atpH T, for the determination of the themmo-
dynamic parsmeters which could only be studied before, through the study
of the ligard characteristics.

T™e application of the electrode to the problem of ion-association
has confirmed the reslity of ion-association equilibria and has yielded
results which are consistent with an electrostatic theory of iom-pair

formation,
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The existence of ion-pairs necessitates modificatione in caloula~
tions involving electrolytee in aqueous solutions. A recent treatment
of the subject concerns the solubility and solubility product equilibria
in the CaS04 system where large errors in previous calculations were
pointed out (Meites, Pode and Thomas, 1966).

Ion-pairs are also important in physiological systeme and a few
illustrative examples may be noted here. Bianchi end Shanes (1959) have
postulated thet ion transport. across all membranes may occur as ion-pairs.
Walser and Browder (1959) have pointed out the important role of ion-
pairs formation in the renal trensport of certain elecirolytes.

It is interesting to note that ion-pairs, such as calcium ferro-
eyanide, have been found by Walser (1960) to promote protein binding of
caleium in contrast to chelates, such as calcium citrate,

So far, the calcium electrode has had very limited use in the study
of ionic¢ interactions and equilibria., But its development is a recent
one, ani the prospects of its epplication in analytical, biological

and physicochemicel research is certain to increase.
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