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SUM'-IARY 

The object of the work described in this thesis was to investigate some aspects of the 

thermodynamics of calcium sulphate in aqueous solutions containing mixed electrolytes. 

A la rge POrti on of the thesi s descri bes the experimental determi nat i on of the thermodynami c 

solubility product of gvpsum (CaS04 ·2H 20) by an electromotive force method. The procedure used is 

novel and involved the use of a calcium responsive membrane electrode in conjunction with a lead two 

phase amalgam -lead sulphate electrode. The standard potential of the latter electrode and some 

thermod.vnamic properties of calcium sulphate solutions ~Iere obtained in the course of this work. 

r,ypsum solubility measurements were made up to ionic strenclths of six molal in binary and 

ternary electrolyte solutions in the system Ca2+ - Na+ - SO~- - Cl- - H20. A second estimate of 

the gypsum solubility product was obtained from the results. Activit.v coefficients in the mixed 

electrolyte solutions were investigated using some recent approaches in electrolyte thermodynamics. 

An electromotive force method \'JaS used to obtain calcium chloride activity coefficients in 

mixed solutions with calcium sulphate. The experiment was designed to provide confirmation of a 

theoretical limiting law for mixtures of electrolytes having asymmetric charge types. It was 

concluded that such confirmation was not possible for the system investigated. LiteratUl'e osmotic 

coefficients for mixtures of 1:1 and 2:1 charge type chlorides were analysed to check if the data 

conformed to a related limiting law for solvent properties. The theoretical concentration 

dependence trend was not observed, but the data were concordant with primitive model calculations. 
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PAR T 

THE THERMODYNAMIC SOLUBILITY PRODUCT OF 

CALCIUM SULPHATE DIHYDRATE (GYPSUM) IN AQUEOUS 

SOLUTION AT 25°C 



1 . INTRODUCTION 

1.1 STATEMENT OF PROBLEM 

The thermodynamic solubility product (Kspl for the dissolution process 

is defined by 

(E.1.1.1) 

mca2+ and mSO~- are the molalities of calcium and sulphate ions in equilibrium with solid phase 

gypsum, y± is the mean ionic molal activity coefficient and aW is the water activity. 

In Part 11 of this thesis the solubility product is required in order to calculate activity 

coefficients from measured solubilities. Unfortunately literature values for Ksp differ by factors 

as large as two. The solubility of gypsum may be measured with reasonable accuracy, and the water 

activity is so close to unity that an error in its estimation would be negligible. The difficulty 

in obtaining Ksp arises in deducing the value of y± at the solubility limit. 

1.2 LITERATURE RESULTS 

1.2.1 Standard free energies of formation 

KSp may be estimated at 2SoC in an indirect manner from the tables of standard free 

energy of formation given by Latimer (1). The result is Ksp = 2.45 x 10-5 mo1 2 kg-2 • The 

reliance which can be placed on the accuracy of this result for the solubility product, depends upon 

the manner in which the values given by Latimer were reached. The quoted standard free energies of 

formation are self consistent and for liquid water for example are probably very accurate. In the 

case of aqueous multivalent fons, serious problems exist. .Consfder the sulphate ion. The standard 

free energy of formation in aqueous solution is calculated from the standard enthalpy and standard 

entropy of formation. One method of calculating the latter quantity requires the following 

information: 

(i) the standard entropy of gypsum; 

(if) the standard enthalpy of solution of gypsum. 

(iii) the standard entropy of the aqueous Ca2+ 10n; 

(iv) the thermodynamic solubility product of gypsum. 

This is the method used by Latfmer et at (8). It is clear that circular arguments are involved if 

the tabulated standard free energies of formation are used to calculate Ksp for gypsum. This 

situation is somewhat modified by the fact that the figures quoted in reference (1) are derived from 

various sets of data and averaged so as to give values which are self consistent with all other data 

presented in the monograph (1). 
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1.2.2 Freezing point measurements 

The most reliable estimates of Ksp were probably those based on the freezing point 

measurements of Brown and Prue (5). The latter measured freezing point depressions of calcium 

sulphate solutions in the concentration range 0.00418 to 0.011 molal. and five other 2:2 sulphates uP. 

to concentrations of about 0.1 molal. They were able to account for the observed osmotic 

coefficients (~) to about 0.02 molal by assuming ion pairing. Above this concentration serious 

discrepancies were evident. 

Gardner and Glueckauf (2) treated the same data assuming that further association into either 

triplets or quadruplets occurs. Both these assumptions gave a reasonable fit to the experimental 

osmotic coefficients for all six sulphates. Electrostatic contributions were expressed by the 

equations advocated by Glueckauf (6), and three additional parameters were introduced giving terms 

linear in concentlation ostenSibly to account for hydration. Sets of parameters giving a 

satisfactory fit to the osmotic coefficient data were deduced. Activity coefficients were 

calculated at OOC by using these sets of parameters in equations linked to the osmotic coefficient 

equations via the Gibbs-Duhem relationship. A value for the thermodynamic solubility product of 

gypsum at 2SoC was derived using the solubility data of Marshal 1 andSlusher (7), and the assumption 

that activity coefficients are invariant over the temperature range OOC to 2SoC. This procedure 

gave Ksp "' 2.49 x 10-5 mo1 2 kg-2 • 

In a second paper (3) restricted to calcium sulphate solutions, Gardner and Glueckauf used the 

same treatment as in (2), but the temperature dependence of the activity coefficients was taken in~ 

account. It was assumed that the temperature dependence of the ion pair dissociation constant was 

correctly given by the electrostatic treatment of Bjerrum (9). The distance of closest approach (a) 

was taken to be independent of temperature. This proposition was made on the reasonable grounds 

that at the value of "a" deduced from the results at oOe, the interaction energy between two doltlly 

charged ions would be 8 kT at that temperature and 11 kT at 200oC. Consequently the closest possible 

contact, consistent with short range repulsive forces. would be achieved at all temperatures. This 

argument is supported by the work of Marshal 1 and Slusher (7). This modified proceedure resulted in 

a value for the solubility product at 2SoC of 2.26 x 10-5 mo1 2 kg-2
• In 1971 Gardner and Glueckauf 

(4) presented a third paper dealing with calcium sulphate activity coefficients. In this paper the 

Bjerrum concept of ionic association was dispensed with. and activity coefficients were derived using 

a numerical integration of the Poisson-Boltzmann (P-B) equation. The authors carried out extensive 

calculations for 2:2 electrolytes. based on Muller's (10) method for the exact solution of the P-8 

equation. Eight extension terms to the linearised Oebye-Huckel term were used. compared with only 

two extension terms used by Gronwall. La Mer and Sandved (11). Using this approach the only 

variable parameter in the electrostatic contribution to activity or osmotic coefficients is the 

distance of closestapproach. The authors deduced this value for CaSO~ by once again using the 

freezing point data of Brown and Prue. The Oebye-HUckel term was again replaced by Glueckauf's 

apprOXimation to Kfrkwood's equation (12), allowing a term linear in concentration to be added to 
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account for statistical contributions. It was found that the distance of closest approach required 

to fit the observed osmotic coefficients was not markedly dependent on the chosen value for the 

constant in the statistical term. The same assumption that "a" is independent of temperature was 

used to calculate activity coefficients at temperatures greater than OOC, giving a value at 25°C whic~ 

together with the solubility data of Marshall and Slusher (7) gave a value for the thermodynamic 

solubility product of 2.23 x 10- 5 mo1 2 kg- 2 • 

1.2.3 Solubility measurements 

Marshall and Slusher (7) measured gypsum solubilities in sodium chloride solutions for 

concentrations of NaCl from zero up to the solubility limit and at temperatures from 0 to 1000e. 

Values of Ksp were found at each temperature by using a Debye-HUckel (D-H) expression for the 

activity coefficients, extended by empirical terms in I and 12: 

Iz+ z-' S /f + BI + CI2 

1 + (a/ao).(f 

z and z are the charges on the cation and anion: + -

S is the O-H limiting law constant = 1.172 kgl mol- l at 250C; 

a is the distance of closest approach of ions; 

ao is a constant dependent only on temperature and the properties of the solvent; 

Band C are empirically determined constants; 

I is the ionic strength defined on the molality scale by I = i J:"mi z~; 

mi is the molality of the i'th species; 

zi is the charge on the i'th species. 

(£.1.2.1) 

It was assumed that calcium sulphate is fully dissociated in solution. The solubility data was 

fitted by a non linear least squares procedure to give best values of the solubility product. the 

distance of closest approach. and the proportionality constants for the extension terms in E.l.2.1. 

At 2SoC this procedure gave a result of Ksp = 4.23 x 10-5 mo1 2 kg-2
• 

The authors also treated the data by assuming that ion pairing occurs. The details of this 

treatment are not clear. but it was concluded that the original assumption of full dissociation was 

adequate on the grounds that the variance of fit between observed and calculated results was 

essentially the same using the two treatments. 

In this second method of analysis. the dissociation constant was treated as a variable parameter, 

and a value of 0.013 mol kg- l was found for 250C. This is higher than other literature values which 

are in the range 0.003 to 0.006 mol kg-l. Since new results for the solubility proHuct were not 

given. it is probable that Ksp was fixed at the original value rather than treated as a variable. 

Other workers who have treated gypsum solubility measurements 1n sodium chloride solutions are 

Ostroff and Metler (13) and Denman (14). The former used their measurements at 2SoC to calculate a 

value for Ksp of 4.5 x 10- 5 mo1 2 kg-2 by an unsophisticated extrapolation technique. Ion pairing 
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was not considered and activity coefficients were calculated using the Debye-Hucke1 equation with an 

arbitrarily chosen value for the distance of closest approach. Denman (14) treated his measurements 

using a pre-Debye-Hucke1 approach, in that log y± was assumed to be a linear function in the cube 

root of ionic strength. The results of his treatment could be interpreted as being equivalent to a 

solubility prod~ct of 2.9 x 10- 5 mo12 kg-2 at 2SoC. In view of the empirical nature of this approach. 

Denman achieved a surprising degree of accuracy in his primary objective of predicting gypsum 

solubi1ities in a number of electrolyte solutions. 

Moreno and Osborn (15) measured gypsum solubi1ities in sulphuric acid solutions at 2SoC. Single 

ion activity coefficients were calculated using a Debye-HUcke1 equation in which different values for 

the distance of closest approach were used for each species. The value of Bell and George (16) was 

used for the dissociation constant of CaS04 ion pairs; and the value of Lietzke et aZ (17) was used 

for the dissociation constant of the bisulphate ion. The equations were solved by an iterative 

technique in order to obtain free ion concentrations which were consistent with the ionic strength 

used to calculate the activity coefficients. Calculated values of Ksp remained remarkably constant 
-5 2-2 around 2.45 x 10 mol kg over a range of sulphuric acid concentration from zero to 0.05 molal. 

Nakayama and Rasnick (18) measured calcium sulphate solubi1ities in solutions of NaC1 and Na2S04 

up to 0.1 molal at 250C. "Calcium ion activities" were measured by using a calcium responsive 

membrane electrode in conjuntion with a calomel reference electrode. The degree of dissociation of 

CaS04 ion pairs was calculated by an iterative method using a O-H expression for the activity 

coefficients of free ions • The solubility product and dissociation constant were then calculated for 

each solution, making a correction for ion-pairing of sodium and sulphate ions in the Case of Na2S04 

solutions. Values of Ksp were. in the range 2.4 to 2.9 x 10-5 mo1 2 kg-2 and values of the ion pair 

dissociation constant (Ko) were in the range 0.0051 to 0.0066 mol kg-I. 

Tanji (19). measured gypsum solubilities in NaCl. MgC1 2 • CaC1 2 • Na2S04 and MgS04 solutions of 

ionic strengths up to 0.2 molal. Calcium ion activities were measured in the same solutions by means 

of a membrane electrode. The author did not use these measurements to derive values for Ksp and Ko. 
but instead used literature values of Ksp • 2.4 x 10- 5 mol 2 kg-2 and Ko = 0.0049 mol kg- l in order to 

compare observed and calculated gypsum solubilities and calcium ion activities. Activity coefficients 

of free ions were expressed by using Oavies' (74) modification of the Debye-Huckel equation: 

I: (E.1.2.2) 

Account was taken of the formation of MgS04 and NaSO; ion pairs. The agreement between calculated 

and observed quantities was good. This implies that if Tanji (19) had used his measurements to 

derive Ksp and Ko with the same system of equations. values close to 2.4 x 10-s mo1 2'kg-2 and 0.0049 

mol kg- 1 would have resulted. 
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1.2.4 Critical discussion of accuracy for the various methods 

In view of the problem of circular arguments, and the comments made by Latimer Cl) on the 

accuracy of oxidation potentials calculated indirectly, it would be unwise to set the standard free 

energy change for gypsum dissolution within closer limits than 6.3 ±0.3 k cal. This corresponds to 

a solubility product of (2.5 ±1.0) x 10-5 mo1 2 kg-2
• 

The most thermodynamically sound methods are those of Gardner and Glueckauf (2,3,4) and their 

results are thought to be the most reliable. A number of factors do, however, contribute to 

uncertainty in the values of Ksp deduced. These factors are outlined below: 

(i) the difficulty of accurately measuring small changes in the freezing point leads 

to scatter in the results. This may be seen in Fig. 6 of reference 4, where 

experimental osmotic coefficients are plotted against concentration. 

(ii) The restricted concentration range, in combination with scatter of the results, 

allows relatively wide variations in sets of parameters, all of which fit the 

experimental data with insignificant changes in the variance of fit. As a 

consequence, the accuracy with w~ich osmotic coefficients can be estimated at 

concentrations above and below the experimental range is severely limited. 

(iii) The accurate evaluation of activity coefficients by analytical Gibbs-Duhem 

integrations, is limited both by the imperfect nature of the functions used for 

y± and ~, and by errors in the parameters used in the equations. 

(iv) The necessity of .a long extrapolation of activity coefficients from the 

solubility limit at oOe (0.011 molal) to the solubility limit at 2SoC (0.0152 

molal). 

(v) The necessity of correcting activity coefficients for the temperature change 

from 00 to 2SoC. 

(vi) The possibility of error in the value of the stoichiometric solubility of 

gypsum at 2SoC. 

The authors do not discuss accuracy in any of their papers, but in view of the above considerations a 

value of (2.3 ±0.4) x 10-smo1 2 kg-2 seems appropriate. 

The method of Marshall and Slusher (7) would appear to be unsound, primarily since it is well 

known (20) that the activity coefficients of 2:2 electrolytes cannot be represented by a simple Debye­

HUckel expression. The addition of higher order empirical terms would not affect the invalidity of 

the least squares extrapolation to zero ionic strength. A further criticism of the method is that 

ionic strength dependence of the activity coefficients must be different in the regions above and 

below the solubility limit. Below this limit, only changes in CaSO~ concentration contribute to . 
changes in I, but above the limit, changes in NaCl concentration provide the major contribution. 

Consequently, changes in the environment of the Ca 2+ and SO~- ions will be of a different nature in the 

two situations. It is therefore inappropriate to use the ionic strength dependence of the activity 

coefficients in the high concentration region to predict changes in y± below the solubility limit. 
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Similar objections can be made against the previously discussed methods of Ostroff (13) and of 

Denman (14). 

All the remaining procedures use the useful cuncept of ion association to account for d~viation 

of activity coefficients from the D-H expression. Unfortunately ion pair dissociation constants are. 

not true thermodynamic constants since they depend upon the expression used for the activity 

coefficients of the free ions. More specifically if a D-H equation is used, the distance of 

closest approach parameter, should be the distance defining association and should therefore be linked 

to the dissociation constant. This was not the case in any of the treatments: somewhat arbitrary 

values were used for this parameter, more appropriate to the distance of close~approach of ions 

rather than the distance defining association. The concept of single ion activities is also 

unfortunately involved in these procedures, and in the case of Nakayama's work (18), variability of 

the liquid junction potential between the reference electrode and the test solutions is a further 

source of error. While these theoretical objections should be borne in mind, the results obtained 

by using the ion pairing treatments are fairly consistent and would indicate a value of Ksp in the 

range (2.5 ±O.8) x 10-5 mo1 2 kg-2 • 

1.3 THE PRESENT METHOD 

In order to reduce the uncertainty in the value of K a method was required which was more sp 
direct than freezing point measurements, but was still thermodynamically sound. The obvious solution 

was to use electrodes which were reversible to calcium and sulphate ions. Measurement of the cell 

e.m.f. of an aqueous solution saturated with gypsum at 2SoC, would then lead directly to the solubility 

product using the Nernst equation and the definition of Ksp: 

• E~ell + RT ln Ksp - RT 1n aW 
~ F 

This method clearly requires that the standard cell potential and the water activity, are either known, 

or can be accurately determined. 

1.3.1 Sulphate responsive electrode 

The choice of sulphate electrode was controlled by the solubility of suitable sulphates 

(21). Only lead sulphate has a sufficiently low solub1lity,especially since it was desired to Mike 

measurements at calcium sulphate concentrations below saturation. Lead-lead sulphate electrodes may 

be used with either pure or amalgamated lead. Pure lead suffers from the disadvantage that its 

electrochemica1 properties depend markedly on the physical state of its surface (21), so that the 

only sulphate reversible electrode suitable for this investigation was the lead amalgam-lead 

sulphate electrode. 

At 250C, lead amalgams in the concentration range 1.8 to 661 Pb are two·phase systems in which 

solid HgPb2 (containing a little excess mercury in solid solution) is in equilibriUM with the liquid 

phase (22,23,24). Consequently the e.m.f. of a lead amalgam electrode should be independent of 
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amalgam composition over this ran~e. Pushin (24) confirmed this prediction, but later users of two 

phase lead amalgams as sulphate responsive electrodes, used lead concentrations in the restricted 

range 2.5% to 6% (25,26,27,28,29). Following Bray (26), the detrimental effect of oxygen on the 

electrode was emphasised by later workers, and great care was taken at most stages of cell 

preparation. Examination of experimental procedures does ho~~ver show that a situation where 

serious oxidation of amalgam coul~ occur, was present at least once in all of the methods used. 

The stages involved are the transfer of amalgam from preparation cell to storage vessel, and from 

storage vessel to experimental cell. In order to transfer portions of amalgam of the same 

composition as the bulk, the amalgam must be heated to give a single phase. This requires a 

temperature of about 600C for a 4% lead amalgam and, when exposed to air, oxidation occurs rapidly at 

this temperature. It was consequently found necessary to filter off surface oxide by passing the 

hot amalgam through either a glass capillary tube or a filter paper with a pin hole opening. It is 

obvious that oxidation also occurred at this stage, so that the amalgams could not have been free 

from oxide impurities. Although the detrimental effect of oxygen was emphasised, the magnitude of 

observed e.m.f. errors for neutral or nearly neutral solutions was not given in any of the literature. 

Evidence that cell e.m.f. values are not critically dependent upon the degree of oxidation may be 

obtained by comparison of results for the cell 

This cell e.m.f. was measured at 250C by a number of workers giving the following results in inter­

national volts: 0.96464 (25); 0.96466 (30); 0.96463 (31); 0.96462 (32); 0.96471 (33). The 

results span a range of only 0.09 mv while the care taken to exclude oxygen varied from almost no 

precautions in references 25 and 30 to fairly extensive precautions in the case of reference 33. 

Whether the same result would be obtained if a truly oxygen free cell was used is unknown. 

In studies using acid solutions, such high preciSion has not been obtained. Harned and Hamer 

(22) found unreproducibility of the order of 2 mv occurred in moderately dilute sulphuric acid, even 

though "the greatest precautions were taken to eliminate air". ·At concentrations of H2SOlt below 

0.006 molal, the results of Baumstark (34) are within experimental error of those given by Shrawder 

and Cowperthwaite (29) but his two results at higher concentratiosare inconsistent by about 2 mv. 

Thus the importance of excluding oxygen, and the maximum permissible level before its presence 

becomes significant, are not easily ascertained from the literature. It was decided therefore to 

exclude the lead amalgam from oxygen at all stages of experimental work. 

The standard electrode potential of the two phase lead amalgam-lead sulphate electrode was 

determined from the cell 

Pt, H2 / H2 SOIt / Pb SOIt / Pb (Hg) Cell I 

by Baumstark (34) and Shrawder (29). It has already been mentioned that the e.m.f. results of these 

workers were in good agreement, but the values of E~bSOIt/Pb(Hg) obtained were - 0.35217 into volts 

and - 0.35052 into volts. respectively. The reaSon for this discrepancy lay in the extrapolation 
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techniques used. Baumstark (34) assumed a linear relationship between cell e.m.f. and the square 

root of ionic strength, while Shrawder (29) took account of incomplete dissociation of the bisulphate 

ion in a similar extrapolation. Neither treatment was satisfactory and it was decided to re-examine 

both sets of results in order to obtain a more reliable value for EO. In addition it was decided to 

make measurements to low calcium sulphate concentrations so that an independent result for the 

standard electrode potential could be obtained. This would also enable values for the ion pair 

dissociation constant of CaS04 to be determined. 

1.3.2 Calcium responsive electrode 

Calcium amalgam electrodes were considered to measure calcium ion activity, but were 

discarded on the grounds that the standard potential was unreliable. Butler (35) has supported 

the reversibility of this electrode, and after re-evaluating all previous experimental results, he 

concluded that E~a2+/Ca(Hg) a - 1.996 ±0.002 v. The uncertainty of ±2 mv quoted by Butler is 

thought to be over-optimistic since the experimental results give individual values for EO covering 

a much wider range. Even if the uncertainty of ±2 mv was considered reasonable, this would still 

be an unsatisfactory electrode to use, since the corresponding uncertainty in the solubility product 

of gypsum would be ±0.4 x 10-5 mo1 2 kg-2• 

Calcium responsive membrane electrodes do not have a standard electrode potential in the normal 

sense of the term, and the effective contribution to the electrode potential of the standard term is 

unfortunately subject to drift with time (38). These electrodes do however. have the great 

advantage that they can be conveniently transferred from one solution to another in a similar manner 

to hydrogen ion responsive glass electrodes (38). If the potentials of two cells between which the 

electrode is transferred are combined, the unknown "standard potential" of the calcium electrode may 

be eliminated. Membrane electrodes reversible to calcium ions may be subdivided into those using 

solid ion exchangers. and those using liquid ion exchangers. The former only recently reached the 

stage where a conveniently handlable electrode was used in satisfactory experiments (36). but the 

latter have been used successfully since 1966 by a number of workers in the form of the commercial 

Orion model 92-32 electrode. It was shown by Ross (37) that the electrode gave a Nernstian response 

over a wide concentration range, that it was insensitive to pH changes in the range 5.5 to 10, and 

that anions did not in general show any interference. These conclusions have since been confirmed 

by other workers (38). It was therefore decided to use the Orion electrode for this work. 

1.3.3 Reference cells 

In order to eliminate the unknown standard potential of the calcium elec\rode. silver/ 

silver chloride electrodes with pure calcium chloride solutions were employed as reference cells. 

The activity coefficients of CaC1 2 are known with a high degree of accuracy and silver/silver 

chloride electrodes can be prepared with low bias potentials. The standard e.m.f. of the Ag/AgC1 

electrode has been determined by a number of workers (21) and the three results quoted in reference 21 
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at 2SoC are within 0.06 mv of the mean value. 

1.3.4 Proposed experimental work 

The intended work programme was split into three stages: 

(i) a preliminary investigation using CaC1 2 solutions only. This was to check 

(a) that the response of the calcium electrode was Nernstian; (b) that 

solution pH was not critical in the expected working range and; (c) to 

examine the effect of other variables in order to determine optimum conditions. 

(ii) Measurements over a wide concentration range, using pure CaS04 solutions in 

test cells with CaC1 2 in reference cells. 

(iii) Measurements using test cells, filled with CaC1 2 solutions which were in 

equilibrium with gypsum. This was to check that the test cells responded 

accurately to CaS04 activity. 
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2. EXPERIMENTAL 

2.1 MATERIALS AND APPARATUS 

2.1.1 Water 

Distilled water was passed through a column of mixed strong acid and strong base ion 

exchange resins (Permut1t "Bio-Deminrolit") irrmediately prior to use. 

2.1.2 Calcium sulphate dihydrate 

Analar material was used. Purity was checked by calcium analysis using E.D.T.A~ by loss 

on ignition determinations, and by powder X-ray diffraction. Details are given in Part 11 of this 

thesis • 

2.1.3 Lead nitrate 

Analar lead nitrate was dissolved in water at the boiling point. A concentration of 

about 1.2 kg per kg of water was used. The hot solution was filtered using a number 4 porosity 

filter stick and the filtrate cooled in the collection flask to OOC. Large crystals resulted. 

enabling the supernatlnt solution to be decanted. Solutions for use in electrolysis were prepared 

by adding deionised water to the lead sulphate crystals and equilibrating the mixture at OOC. This 

gave a solution of suitable concentration, with little chance of any contamination. 

2.1.4 Calcium chloride solutions 

Analar CaC12·6H20 was recrystallised in the following manner: 0.73 kg of the solid was 

added to 0.52 kg of water and the mixture heated until the crystals dissolved. A clear solution 

was filtered off from a small residue of solid material using pr~heated filter sticks (No. 4 porosity). 

The filtrate was cooled to oOe and crystallisation induced by adding a crystal of CaC1 2·6H20. The 

shock crystallisation which resulted was considered undesirable. so the flask was heated until nearly 

all the crystals redissolved. and was then slowly cooled to oOe. 

The product was dissolved in water to give a stock solution approximately one molal. Solutions 

for the preliminary experiments were prepared by weigh~ from this stock. The solutions were analysed 

for calcium by the E.D.T.A. method described in Part 11 of this thesis. and self consistancy 

calculations showed a maximum discrepancy of less than 0.3 per cent. 

2.1.5 Calcium SUlphate solutions 

A stock solution of concentration 0.00998 molal was prepared ~y weight. The concentration 

was checked by E.D.T.A. titration and the two values were found to agree within 0.06%. Solutions were 
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prepared by weight from this stock down to a lower limit of 0.000658 molal. A saturated solution of 

the di-hydrate was prepared by equilibration with excess solid phase for a minimum of 3 weeks at 

25°C. 

2.1.6 Calcium chloride-calcium sUlphate solutions 

Calcium chloride solutions were prepared by weight from the 1 molal stock and were 

equilibrated with excess gypsum. Equilibrium concentrations of CaSOq were deduced from the 

solubility data in Part 11. 

2.1.7 Silver oxide 

This was prepared by dissolving 0.5 mole of Analar silver nitrate in 0.65 kg of water in 

a 1 litre conical flask. A solution of 0.5 mole of Analar sodium hydroxide in 0.2 kg water was 

slowly run into the AgN0 3 solution while the latter was vigorously stirred using a large magnetic 

stirrer. The flask was stoppered and stirring was continued for 20 min. When the precipitated 

Ag 20 had settled, the supernatant liquor was decanted (about 90% by volume) and replaced with 

deionised water. This washing procedure was repeated a further 30 times, the slurry being stirred 

for a minimum of 30 minutes at each stage. 

2.1.8 Lead sulphate 

A 0.4 molar solution of recrysta1lised AR lead nitrate was vigorously agitated using a. 

magnetic stirrer, and a solution of Analar sodium sulphate was slowly run into the flask up to the 

stoichiometric proportion. After stirring a further 15 min. and allowing the precipitated PbSO~ to 

settle, the supernatant liquor was decanted and replaced with defonised water. The washing 

procedure was repeated, and the slurry was then boiled for 15 min in order to increase crystal growth 

and give better settling characteristics. The precipitate was washed by decantation a further 15 

times. Approximately 90% of the liquid phase was removed at each stage. 

2.1.9 Mercury 

High quality mercury was washed with 15% sodium hydroxide solution by bubbling filtered 

air through the contents of the flask. The NaOH solution was replaced at intervals until the 

aqueous phase remained almost clear after prolonged washing. This stage was reached very quickly 

since the starting material was essentially pure. After washing a number of times with distilled 

water, the process was continued with 1 molar perchloric acid for four days, changing the acid 

solution each day. The purified mercury was washed throroughly with distilled wate~, ethanol and 

ether, and was triply distilled under vacuum. 

The product was once again treated with 1 molar perch10ric acid before finally washing with 

water. 
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2.1.10 Lead amalgam 

Amalgams containing about 4% lead were prepared electrolytically (21) in the cathode 

compartment shown in Figure 2.1.1. C and B are inlets and outlets for the water jacket, 015 a 

platinum electrode, E is a stirrer (used at a very slow speed), F is a liquid junction to the anode 

compartment. The latter was a three necked flask with a large platinum anode, filled with 1 molal 

Analar nitric acid. Separate anode and cathode compartments were necessary, since discharge of 

nitrate ions at an anode in the presence of lead ions leads to the formation of lead peroxide (28). 
I 

The cathode compartment was filled with 2 kg of mercury and an approx. 1 molal solution of the 

recrystallised lead nitrate. The quantity of lead nitrate solution used was twice that required for 

the electrolysis. This precaution was taken to ensure that the concentration of lead ions was 

always in vast excess over any impurity ions, thereby reducing the chance of discharging foreign 

cations in the latter stages of electrolysis. The liquid junction was made by applying a vacuum at 

an inverted "V" connection between the compartments. Care was taken to ensure that the level of 

liquid was the same in both compartments, to avoid syphoning of solution between them. A current of 

0.2 amp was required for about 104 hours in order to give an amalgam of the chosen composition. 

During electrolysis the amalgam was not susceptible to oxidation, but once the applied potential was 

removed, precautions were necessary. Immediately electrolysis was complete~ the anode compartment 

was disconnected, and the stirrer and platinum electrode removed from the cathode compartment. The 

amalgam was washed 10 times with 1 kg aliquots of freshly distilled and deionised water. Inlet and 

outlet tubes for oxygen free nitrogen were inserted in the head of the vessel, and the amalgam outlet 

tube (X) was connected using a P.T.F.E. sleeve to the inlet (A) of the storage vessel (shown in 

Figure 2.1.2). The preparation vessel was flushed out with oxygen free nitrogen and partially 

evacuated using a water pump about 15 times. It was then maintained at a positive pressure by using 

a fairly fast nitrogen flow rate. Water at about 70 to sooe was passed through the water jacket for 

10 minutes after the last traces of solid HgPb 2 disappeared. The solid phase normally floats just 

below the surface, but its presence is made clearly evident by "pimples" on the surface. During 

this heating stage, the small quantity of water on the surface of the amalgam evaporated and the 

storage vessel was evacuated with tap A open. The storage vessel was tested for leaks by its ability 

to hold a vacuum and was then alternately filled with oxygen free nitrogen and evacuated. After 

about 10 cycles, the vessel was partially evacuated and with a positive pressure of N2 still flOWing 

over the surface of the hot amalgam, tap X of the preparation cell was opened allowing the amalgam to 

run into the storage ves~el. The last 10 C.c. of amalgam was retained in case any surface 

impurities were present. Taps X and A were closed, and the pressure of nitrogen in the storage vessel 

was increased to two atmospheres. On all the app~ratus used, taps were of the P.T.F.E. type and 

P.T.F.E. sleeves were used on all the joints. 

2.1.11 Silver-silver chloride electrodes 

The method of preparation was based on the procedures given in Ives and Janz (21) for the 
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thermal electrolytic type of electrode. This type of electrode was chosen since a fast response was 

not essential. but low bias potentia1s about a stable standard potential were required. 

Nine electrodes were made in a batch in the following manner: a 30 l1li1 length of 26 gauge 

platinum wire was spot welded to copper wire of a slightly thicker gauge. The platinum wire was 

sealed into a glass tube so that nearly 20 l1li1 of wire protruded from the sealed end. This wire was 

coiled into three turns of a spiral about 1.5 mm diameter. The platinum spiral was cleaned by 

boiling briefly in concentrated HN03. washing with distilled water and finally boiling for 15 min in 

conductivity water. Pure A9 20 in the form of a water paste was applied to the platinum spiral with 

a clean spatula so as to completely fill and cover the spiral giving a 3.5 mm diameter ball of paste 

suspended from the Pt/glass seal by about 4 mm of uncoated wire. 

The silver oxide was thermally reduced to silver by suspending the electrodes in a vertical 

loading furnace. The furnace temperature was slowly raised to 90-950C and was held at this 

temperature for 1 hour to prevent spluttering caused by rapid water vapourisation. The temperature 

was then slowly raised to 4500C and held at this for 40 minutes. The electrodes were cooled 

within the furnace to avoid thermal shock. A second coat of A9 20 was applied by dipping the 

electrode into an aqueous slurry of silver oxide. This gave an even coating about 0.25 mm thick. 

Thermal reduction was carried out as before. "Araldite" was poured down each electrode to prevent 

mechanical stress at either the spot weld or Pt/glass seal. 

The electl'odes were chloridised in O.OS N KCl solution. A parallel arrangement of silver 

electrodes was used, equidistant from a large central platinum cathode. It was thought that a 

parallel assembly of electrodes would give a more consistent percentage conversion of silver to 

silver chloride than a series arrangement, if the silver spheres were of significantly different size. 

The platinum cathode was a cylinder of platinum foil about 15 mm high and about 15 mm diameter. This 

was suspended by means of two platinum wires. spot welded to the cylinder and also to a thick copper 

wire above the surface of the chloridising solution. Ives and Janz (21) suggest that between 10% and 

20% of the silver is converted to the chloride, though the figure presented on p. 217 of reference 21 

indicates that about 20% conversion should give stable potentials with the correct EO value after a 

short ageing period of 10 hours. Chloridisation in excess of 20% is not recommended due to poorer 

stability of potential and sluggish response. The percentage chloridisation could not be accurately 

estimated since the weight of silver was not known with any precision. This was estimated by 

assuming 4 mm spheres of silver. 40% of the volume being attributed to porosity and 10% to the Pt 

spiral. A total current of 30 m.a. was passed through the 9 electrodes for a time calculated to 

chloridise lS% ±S% of the silver on each electrode. After ageing overnight in the KCl solution used 

for chloridising, bias potentials were found to be S ~v or less. The electrodes we~e washed with 

distilled water and stored in CaC1 2 solution. Bias potentials were remeasured after a further 7 

days and found to be 10 ~v or less. 
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2.1.12 Calcium responsive electrode 

An Orion 92-20 membrane electrode was used. A diagram showing the internal construction 

of this electrode is given in Figure 2.1.3. The electrode case is constructed from P.T.F.E •• and the 

ion exchange li?uid is a solution of 0.1 molar calcium didecylphosphate in dioctylphenylphosphonate •. 

This solution is supported on a hydrophobic membrane which separates the external test solution and 

internal reference solution. For the latter, a solution of 0.033 molal CaC1 2 was used. The 

solubility of calcium didecylphosphate in water is sufficiently low fol' the response of the electrode 

to be Nernstian down to concentrations of 10-5 molal CaC12 (38). 

2.1.13 Nitrogen 

"White spot" nitrogen was passed through a tube of copper turnings maintained at about 

5200C in order to remove any remaining traces of oxygen. Nitrogen used to degas the test solutions 

was first passed through two water bubblers and also through a bubbler containing the same solution 

as that in the cells. All connections were made with Portex thick walled tubing. 

2 • 1 • 14 Ce 11 s 

The design of cells used for measuring calcium sulphate activity is shown in Figure 2.1.4. 

Separate compartments were employed for the calcium responsive and sulphate responsive electrodes. 

This was primarily because this design enabled oxygen to be excluded from the sulphate compartment at 

all times. but had the additional advantage that lead ions could be excluded from the calcium 

compartment if this was desired. 

Cells used for measuring calcium chloride activity, both as reference cells and in the pre­

liminary experiments. were essentially similar to those shown in Figure 2.1.4 except that the central 

SUlphate compartment was omitted. The cleaning procedure used was to thoroughly wash out the cells 

with concentrated nitric acid, followed by water, and finally to twice boil water in the cells for 

15 minute periods. 

2.1.15 Lead SUlphate slurry transfer apparatus 

This apparatus is shown in Figure 2.1.5. It was used initially to prepare a slurry of 

lead sulphate crystals in an aqueous phase of the same composition as that to be used in the cell. 

This was achieved by transferring a portion of the slurry in pure water to the apparatus and filtering 

off excess water through a No. 3 porosity sintered glass filter at H. Transfer tube K was not used 

at this stage and was replaced by a stopper. A portion of the most dilute of the solutions to be . 
investigated was shaken with the lead sulphate, and after settling, the supematant liquor was 

filtered off. This procedure was repeated about 8 times using a volume ratio of fresh solution to 

settled slurry of about 5 to 1. The transfer tube was inserted and the apparatus connected to the 
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cell at R. The slurry was deoxygenated by passing oxygen free nitrogen in through both rand K and 

out through J. By closing tap J, the slurry was forced through K and into the cell at R: 

This procedure could then be repeated using the next most concentrated solution without the 

necessity of cleaning out the apparatus. A new transfer tube was however required each time. 

2.1.16 Measuring circuit 

The calcium electrode had a very high resistance and consequently a measuring circuit 

was required with a high imput impedence. An E. r. L. "Vibron" electrOOleter (model 33B) was used. 

The most sensitive scale on the instrument was always used by backing off the major part of any 

potential greater than 10 mv with a Tinsley 5590A vernier potentiOOleter. The output frOOl the 

electrometer was recorded on a Honeywell-Brown chart recorder. With a suitable capacitance across 

the imput to the recorder, the residual noise of about 0.1 mv amplitude from the electrOOleter was 

smoothed out enabling the potential to be measured to within ±O.02 mv. The potent10meter was 

standardised using a Tinsley (type 152B) Weston standard cell. Two similar cells were used to check 

that the standard potential was correct. High quality screened cable was used for all connections 

between electrodes, electrometer, and potentiometer. A mains water pipe was the only earth 

connection used. 

2.1.17 pH measurement 

A RadiOOleter PHM26c pH meter was used in conjunction with a Radiometer K401 calomel 

reference electrode, filled with saturated KCl solution, and a Radiometer G202C glass electrode. 

The instrument was standardised using a double buffering technique and was very stable. An expanded 

scale enabled results to be measured to within 0.01 pH units. 

2.1.18 Temperature control 

The room used for the experiments could be thermostatted above ambient temperatures, but 

no cooling facility was available, and room temperature occasionally rose above 2SoC. The cells were 

therefore placed in an insulated air box. This had the added advantage that the cells could be 

screened from electrical disturbances by earthing the aluminium foil lining of the box. Heating was 

provided by four 15 watt red light bulbs. Coloured bulbs were used since it was noticed that the 

cell e.m.f. showed a small reversible response to light frOOl the fluorescent strip lights in the 

room, presumably due to the Ag/AgCl electrode (21). Water cooled copper coils were installed around 

two fans used for air circulation, and thermostatic control was achieved by utilising a mercur.y 

contact thermometer to control the heating circuit. The cells were placed on an almn1n1um plate 

20 mm thick, the latter acting as a heat reservoir. The temperature was initially set (and 

occasionally rechecked) with a Hewlett Packard 2801A quartz crystal thermometer which had itself been 

checked using a platinum resistance thermometer. When the centre of the·box was set at 25°C the 
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bottom was found to be at 25.030C. A mercury thermometer sensitive to changes of O.loC, showed no 

significant temperature variation over the course of the experiments. 

2.1.19 Stirrer 

An Electrothermal lE5502 mini-stirrer was used, with a glass paddle having blades about 

4 mm in diameter. A 12 v d.c. output mains transformer/rectifier was used to give continuously 

variable speed control. 

2.2 PRELIMINARY EXPERIMENTS 

The effect of controllable variables was initially investigated using two of the reference cells 

filled with calcium chloride solutions. A change in the immersion depth of the calcium electrode 

from 5 mm to 20 mm did not lead to a significant change in cell e.m.f. This is consistent with the 

results of Rechnitz and Lin (39) who found that a change in immersion depth from 10 mm to 60 mm 

produced an increase in cell e.m.f. of 0.1 mv. The depth of immersion in subsequent experiments was 

maintained at 10 mm ±3mm. The effect of bubbling nitrogen through the solutions, was also found to 

be without significant effect. This was not unexpected from the viewpoint of dissolved oxygen 

affecting the Ag/AgCl electrode, since this problem is restricted to acid media rather than to neutral 

or nearly neutral solutions (21). Some change would have resulted if sufficient CO2 was initially 

present in the solutions to lead to a measurable hydrogen ion response by the calcium electrode (38), 

The two solutions used were found to have pH values of about 5.9. Addition of small quantities Of. 

NaOH solutions did not produce a measurable change in cell e.m.f. until the pH was raised above 10.' 

Above this pH, the e.m.f. began to fall, possibly due to the formation of CaOH+ ion pairs. 

During these preliminary experiments. stirring rate was found to be a significant factor. 

Absence of any stirring resulted in a slow drift of potential. Very fast stirring rates gave rapid 

response times, but the terminal e.m.f. was rather unstable. The difference in cell e.m.f. between 

a fast rate of stirring and unstirred solution was about 0.2 mv.· Rechnitz and Lin (39) stated that 

an increase in stir rate from 200 r.p.m. to 400 r.p.m. resulted in an increase of 0.3 mv in cell 

potential. The most reproducible results were obtained using slow stirring rates of 40 to 100 

r.p.m. The steady state e.m.f. was found to be insensitive to changes in stirring rate within this 

range, and for the preliminary experiments a standard stir rate 'of about 70 r.p.m. was adopted. 

After these initial experiments were completed, six calcium chloride solutions were used having 

the molalities shown in Table 3.1.2. The electrode was always transferred to the solution next 

higher or next lower in concentration. In the latter case, the electrode was washed with water 

from a wash bottle, and in both cases excess liquid was removed from the tip of the electrode by 

carefully wiping with clean cellulose tissue. The cell e.m.f. generally reached a constant value 5 

to 10 minutes after placing in the solution, but if a slow drift was still discernable the potenti.l 

was taken after 15 minutes. Since cell transfers were made in both directions. any overall drift 
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in the standard potential of the calcium electrode should be eliminated on averaging the results. 

r~easurements were made initially at the natural pH of each solution. Nitrogen was not bubbled 

through the solutions so that the pH would have a tendency to be lower than the "correct" value. 

The pH of each solution was measured. one droo of 0.25 molar MaOH added to each and the pH was re­

measured. Transfer potentials ~/ere measured the following day but unfortunately one cell was left 

unstoppered overnight and appreciable eval'loration losses resulted. The solution pH was re-measured 

immediately after carrying out the transfer e.m.f. measurements. 

The cells were rinsed and refilled with fresh solution, and cell potentia1s and solution pH 

values were re-measured. One drop of 0.1 molar tlaOH was added to each solution. and pH measurements 

were made immediately before and after the next set of e.m.f. measurements. This emphasis on the 

effect of solution pH was thought necessary in view of the reported (38) anomalous minima in cell 

potential which occurs at pH 4 for 0.1 molar CaC1 2 and pH 6 for 0.0001 molar CaC1 2. 

2.3 PREPARATION OF CELLS FOR I1EASUREMENT OF CALCIUM SIILPHATE ACTIVITY 

The amalgam storage reservoir ~/as attached to the cell at R using a connector of the design 

illustrated in Fig. 2.1.2 at Y. The purpose of the connector was to allow the amalgam to be 

transferred to the cell \~ithout leaving any excess amalgam above the tap R. It was therefore 

necessary that the orifice of the connector was smaller than the bore of tap R. and that when in 

position. the tip of the connector was virtually touching the P.T.F.E. tap. Nitrogen was bubbled 

through the presaturaters for a period of at least one hour. Tap T was then closed. and the cell 

flushed with nitrogen via R. The three way tap at F was closed to the passage of amalgam but was 

clearly open to the passage of nitrogen between E and Y. Taps P and Q were closed and the system up 

to taps 0 and C evacuated via S. After checking the ability of the system to hold a vacuum. it was 

alternately flushed with nitrogen and evacuated. finally leaving an excess pressure of "2 in the 

cell and closing tap E. The amalgam was heated to about 6SoC using a hot plate covered with a 

sheet of asbestos. Agitation was provided by bubbling N2 through the sintered glass filter at G. 

By alternating this with evacuation via B. the amalgam in the outlet tube Z was partially 

discharged and refilled. When all traces of the solid phase HgPb 2 disappeared. the pressure above 

the amalgam was increased to about two atmospheres and tap C closed. The cell (Fig. 2.1.4) was 

once again flushed with N2 by opening taos E and Q. A pressure slightly in excess of atmospheric 

was produced by closing tap Q and about 1 second later tap E. Amalgam was run into the electrode 

cup by turning the three way tap F clockwise through 900 until the CUD was about one third full. 

With tap F in its original position. any excess amalgam left in the connection between F and R was 

forced into the cell by opening tap E. This was closed together with tap R. the storage reservoir . 
was disconnected, and reolaced by the slurry transfer apparatus (Fig. 2.1.5). Taps T and Q were 

opened, allowing N2 to flow through the cell while the amalgam cooled. An excess pressure of about 

half an atmosphere was allowed to build up by closing Q. and was released by opening R. Since this 

forced air in the transfer tube through the slurry. it was necessary to deoxygenate the slurry 

vigorously for about 30 minutes, using both K and I as inlets. The slurry was transferred by 
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openin~ tap Q and closing tap J. Nitrogen entering at J served the dual purpose of prev~nting the 

slurrv from settling, and providing the pressure necessary to transfer the slurry. When sufficient 

lead sulphate was transferred to give a settled layer 2 to 3 mm thick, tap J was opened, tap R of the 

cell closed, and the transfer apparatus disconnected. 

Sufficient solution to fill both cell comoartments to a level above the top of the electrode 

bowl was poured in the calcium electrode compartment. This solution was deoxygenated for at least 

one hour by bubbling N2 in through both Q and P and out throu~h U, with stoppers at M. Wand V. 

Part of the deoxygenated solution was then transferred into the lead amalgam-lead sulphate compartment. 

This was carried out by applying an excess pressure of N2 on the solution at U, closing Q, opening S, 

and alternately opening and closing tap P until the level of solution was equal in both compartments. 

The fast flow rates of solution produced by this procedure, forced any N2 bubbles out of the connecting 

tube P. (The presence of bubbles in P aoparently gave rise to instability in the measuring circuit.) 

Taps P and S were closed, 0 was opened, and the source of N2 removed from U. Tap T was open through­

out the slurry transfer and solution transfer stages. 

Since the filling operations were performed at approximately 250C in the temperature controlled 

room. thermal eouilibrium was quickly achieved in the thermostatted air box, and the first potential 

reading was made between 15 and 30 minutes after solution was transferred to the lead amalgam-lead 

sulphate compartment. 

2.4 E.M.F. MEASUREMENTS 

Two reference cells containing pure CaC1 2• and four test cells were used for each run. Three 

runs were made using pure CaS04solutions in the test cells. and one run with saturated CaS04 in 

CaC1 2 solutions. One of the reference cells was chosen to be used in transfer experiments with the 

test cells. the other was used to check that the calcium electrode was responding in a Nernstian 

manner. This check was made at least twice daily. Measurements were made on each test cell about 

20 minutes after placing it in the therll10statted air box. Subseouent measurements were made at 

gradually increasing intervals of time over the following few days. 

2.4.1 Experimental conditions 

The major differences in technique between these measurements and the preliminary work 

were as fo 11 crtIS : 

(i) nitrogen was bubbled continuously through both compartments, but when potential 

measurements were made, the gas was normally allowed to escape through tap S. 

rather than be forced through the calcium compartment via tap Q. This procedure 

was followed in order to avoid pressure differences across tap P. This connecting 

tap was kept closed to avoid any significant diffusion of lead ions into the calcium 

compartment. The input impedence of the electrometer was sufficiently high to Mike 

this procedure feasible • • 
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(ii) Rather than remove excess linuid from the tip of the calcium electrode with 

cellulose tissue between transfers, the electrode was washed with the solution 

on which measurements were about to be made. As before, if the previous 

solution was more concentrated than the new in any solute, a preliminary wash 

with deionised water was given. This technique gave shorter, more shallow. 

transient e.m.f. curves. 

(iii) Use of the stirrer was discontinued except under the special circumstances 

referred to later. This was simply because stirrin(j gave much less marked 

effects than in the preliminary ~JOrk. 

2.4.2 Pressure effects 

When measurements were first taken, N2 was allowed to bubble through both cells, and it 

was noticed that the observed e.m.f. increased and decreased in sequence with bubble formation in the 

calcium compartment. Also when the pressure in the lead sulphate compartment was released by 

opening tao S, the observed e.m.f. decreased. Both these results were more evident as the concentra­

tion of CaS04 decreased. The magnitude of these effects as a function of applied pressure was 

measured by connecting a water manometer to S. The manometer design was such that the tube joining 

it to S could be flushed with nitrogen before any measurements were taken. Further checks were made 

by (i) monitoring the effect of overall pressure due to changes in atmospheric pressure; (ii) 

increasing the pressure in the calcium compartment alone and (iii) by increasing the pressure on both 

comoartments simultaneously. 

2.4.3 Effect of oxygen 

At the end of the first run, the cells were left for 13 days and it was found that the 

lead amalgam-lead sulphate electrode potentials had drifted to more negative values. Oxygen was 

bubbled through the sulphate compartment of one of the cells, and the cell e.m.f. was monitored. 

A steady change in cell potential of 0.3 mv oer minute reSUlted. The direction of this change was 

again to more negative lead amalgam potentials. When the oxygen supply was replaced by nitrogen, 

the amalgam potential continued to fall for 15 minutes, but then gradually increased and eventually 

rose above the value prevailing before oxygen was admitted. It would have been very interesting 

to have continued the nitrogen flow to check if the cell potential would reach the value foun~ when 

the cell was first prepared. This would have answered the question of whether the electrode was 

truly reversible to oxygen impurities, but unfortunately measurements were terminated prematurely, 

2.4.4 Introduction of lead SUlphate into calcium compartment 

Under normal operating conditions the calcium compartment of the cell was ~.'nta'ned free 

of dissolved lead sulphate. This procedure necessitated a correction for liquid junction potenti.l 

between the two comoartments. but obviated the need for a correction due to response of the calcium 
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electrode to lead ions. Calculations in section 3.2.3 show that the latter correction is more 

imoortant, and that both corrections increase in magnitude as the CaS04 concentration falls. In 

order to test the accuracy of the calculated corrections, PbS04 was added to the calcium 

compartments of two of the cells and the change in cell potential monitored. The lead sulphate was 

added in the form of a slurry, the aqueous phase being of the same CaS04 concentratiCln as that of the 

test solution. Rapid equilibrium was reached by dispersing the PbSO using the mini-stirrer. The 
. 4 

change in potential was taken as the mean difference between four transfer potentia1s before the 

addition and four results taken after the addition. 

2.4.5 The most dilute solutions 

At the lowest concentration of calcium sulphate used (0.000658 molal), a steady drift 

in cell potential was' always present unless the solution was stirred. The direction of the drift 

was consistent with a build-up of calcium ions in the solution from dissolved ion exchange molecules. 

When the stirrer was switched on, a small jump in potential resulted, regardless of whether the 

paddle was turning or not. Measurements were therefore taken immediatelv after the stirrer was 

switched off. This technioue gave very consistent results. 

The solution of next highest calcium concentration (0.00111 molal) gave a discernable drift, 

but the magnitude of this drift was not significant. 

2.4.6 Single ion activities 

Although the activities of single ions are indeterminate, it was thought worthwhile to 

measure the changes in calcium and sulphate ion "activities" in order to compare the results with 

other workers (18) and (19). ~teasurements were made on four of the CaS04 solutions and on the two 

CaC12 solutions. The calomel electrode used in the pH measurements was used as a reference 

electrode, in conjunction with the calcium and silver-silver chloride electrodes in the CaC1 2 

solutions, and with the calcium and sulphate responsive electrode in the other solutions. 

2.4.7 pH measurement 

Solution pH measurements were made at the end of each run. These were taken when 

nitrogen had been bubbling through the solutions for a minimum of three hours. During the. 

measurements, the calcium compartment was flushed with nitrogen from tap U to avoid any CO2 

absorption. 

2.4.8 Mixed CaS04-CaC12 solutions 

In addition to measuring calcium sulphate activities. a silver/silver chloride electrode 

was placed in the calcium compartment of the test cells. and calcium chloride activities were 

measured. For the most concentrated CaC1 2 solution (0.97 molal), the observed transfer potential 
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using the chloride responsive electrode was close to the theoretical value. This showed that the 

calcium electrode was still responding in an approximately Nernstian manner at the high CaC1
2 

concentration. The transfer potential using the sulphate electrode was however in error by 

about 35 mv, even after taking account of the change in water activitv. 'The most obvious 

explanation was that some change in the PbS04 solid phase occurred at the high concentration of 

calcium chloride. The next section gives experimental details of how this hypothesis was 

investi ga ted. 

2.5 X-RAY OIFFRACTION STUDIES 

The question of whether solid PbS04 suffered a phase change in the solution of high CaC1 2 

concentration, was comolicated by the possibility that removal of the solid phase from its aqueous 

environment would destroy the new phase. This problem was overcome by studying slurries of high 

solids content by powder X-ray diffraction. 

A Phil1ips powder X-ray diffractometer was used with a copper anode. Copper Ka radiation was 

cut off using a nickel filter and samples were generally scanned over the range 502e to 7002&. 

In order to prevent evaporation losses during measurements the surface of the sample was covered with 

"Se110tape". This resulted in loss in intensity and also gave rise to a broad peak in the region 

S029 to lSo2e.. A nunber of sl urry sampl es were run both covered and uncovered. Details of the 

sam~~ studied are given below. 

X 1: A slurry of PbS04 in water as originally prepared. 

X 2: Slurry from the most concentrated CaC1 2 solutions (0.97 m). which remained in the 

slurry transfer apparatus and was assumed to be identical to that giving an 

anomalous cell e.m.f. 

X 3: A portion of X2 was filtered, washed with acetone and vacuum dried. 

X 4: Ana1ar CaC1 2 ·6H20 was dissolved in a portion of X2. 

X 5: To check reproducibility, freshly prepared PbS04 was equilibrated with the 

0.97 molal CaC1 2 solution using a multiple "agitation followed by decantation N 

technique. 

,X 6: Lead sulphate was equilibrated with the next most concentrated solution (0.317 

molal CaC1 2 ). 

In all the above samples the calcium chloride solutions were presaturated with calcium sulphate and 

contained small quantities of solid phase gypsum. In the three samples below. pure CaC1 2 solutions 

were used. 

X 7, X 8 and X 9: Lead sulphate waS equilibrated with calcium chloride solutions of 

concentration 0.97,0.78 and 0.50 molal. respectively. 

When the solids density of settled slurries was low, the samples were partially filtered using • 

IMl1l1pore" menDrane before eXamination on the diffractometer. 
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3. RESULTS Arw.JlI~USSI<! 

3.1 PRELIMINARY WORK 

3.1.1 Results 

The observed transfer·potentials are given in Table 3.1.1. This is split into four 

sections primarily on the basis of solution pH. The reason for the large discrepancy in pH values 

in the two columns of Table 3.1.1B is that the initial readings were made on the previous day, 

all~ving considerable time for CO2 pick-up. 

3.1.2 Calculation of theoretical transfer potentials 

The cells may be represented by: 

x 
Ag / AgCl / CaC1 2 (mR) / CaC1 2 (mX) / AgCl / Ag 

x 

calcium electrode 

where x - x represents the liquid ion exchange membrane which is impermeable to water and anions. 

The observed,cell potential will be the sum of the potential develooed at the membrane and the 

difference in the individual electrode potentials. If the concentration of CaC1 2 is higher in 

the reference solution than the test solution, a process of ion exchange will occur at both surfaces 

of the membrane with the nett effect that Ca2+ ions cross from the reference to the test solution. 

This will quickly result in an equilibrium potential developing across the membrane, such that the 

test solution is positively charged with respect to the reference solution. In the absence of 

other cations, the membrane potential (E M) should be given by (8), 

• (E.3.1.1) 

where R and X refer to reference and test solutions, EMX and ~R are the potentials on either side 

of the membrane and EA is an asymmetry potential which should ideally be independent of the nature 

of the test solution. 

Silver/silver chloride electrodes respond to chloride ion activiiv in a Nernstian manner, 

consequently the difference in chloride concentrations leads to a potential difference given by 

or • (E.3.1.2) 

where EEX and EER are the electrode potentials measured with respect to adjacent solution, and 

E~9C1/A9 is the standard reduction potential of the silver/silver chloride electrode on the 
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TABLE 3.1.1 

D 

E 

F 

I 

J 
5.96 

5.96 

6.42 

(B) 

pH 

~ESPONSE OF THE CALCIUM RESPONSIVE ELECTRODE 

IN CALCIUM CHLORIDE snLUTIONS 

U JI 
(A) 30/6/1971: Solutions at natural pH 

, 
E.m.f. differences between adjacent solutions Mean e.m.f. differences 

/absolute millivolts : /m.v. 
I 

- --~.-.--. -------------
41.1 40.95 41.1 41.05 

39.3 39.5 39.6 39.47 

39.3 39.0 39.1 39.13 

J 36.2 36.0 35.85 36.02 

36.9 37.0 37.25 37.1 37.08 

2/7/1971: After adding 1 drop of 0.25 N sodium hydroxide 

------ --------,---------- .. --- -'--
E.m.f. differences between adjacent solutions Mean e.m.f. differences rSolution : 

In iti ally Finally 
1---
I A 

B 

C 

D 

F 

9.46 

8.96 

9.00 

9.00 

7.83 

._---_." --
8.33 

41.25 
7.11 

39.15 
7.08 

39.05 
7.28 

72.7 
6.85 

(C) 19/7/1971 : 

-- .-----------.---... --

41.17 41.2 41.2 41.20 
i 

39.23 39.2 39.25 ; 39.21 

I 38.95 39.05 39.0 39.01 
I 

72.55 72.75 72.65 ; 72.66 
i 

Fresh solutions at "natural" ~H 

,--.----------- --------- , - ------------------. 
Solution ____ !..H _____ f ___ -=~~~~~f!erenCes between adjacent SOlution~an e.m.f. differences 

A 5.82 
41.1 40.08 41.2 40.75 40.98 

B 5.88 
39.55 39.5 39.45 39.45 39.49 

C 6.02 
39.12 39.2 39.05 39.09 

0 5.75 
35.43 35.7 35.45 35.52 

E 5.87 
36.6 37.1 37.05 36.91 

F 6.38 

(D) 21/7/1971 : After adding 1 dro~ of 0.1 N sodium hldrox1de 

-
Solution I pH 

I Initially Finally 

A 7.74 6.67 

B 7.66 6.53 

C 8.18 6.65 

0 7.43 6.51 

E 7.68 6.60 

F 7.33 6.78 

---------
E.m.f. differences between adjacent sol 

--" -----
41.25 41.0 40.95 

39.15 39.35 39.4 

38.85 38.9 39.1 

35.5 35.5 35.5 

36.75 37.0 36.85 
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41.07 

39.30 

38.95 

35.50 
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TABLE 3.1.2 CALCULATED ACTIVITY COEFFICIENTS AND TRANSFER E.M.F. 

VALUES FOR CaC1 2 SOLUTIONS 

--------r------ --.---------.--

" Solution CaC1 2 i y± Log lo (my±) Theoretical ~ 
molality I Transfer e.m.f./m.v. 

I ---_._-----_._- -----.. - -------. --- 1'-.----------
I 

A 0.0010275 0.8877 -3.0399 
41.32 

B 0.0032519 0.8197 -2.5742 
39,38 

C 0.010650 0.7286 -2.1304 
39,16 

D 0.033081 0.6185 -1.6891 
35.68 } 

E 0.099104 0.5211 -1.2870 72.67 
36.99 

F 0.295890 0.4559 -0.8700 
------_ .. -

TABLE 3.1.3 STATISTICAL ANALYSIS OF TRANSFER E.M.F. RESULTS 

~-ut-i-o-n -+--Me-an-tr-a-n-sf-e-r-'Gdard 

e.m.f./m.v. Deviation 

------1-----·· 
No. of , Theoreti ca 1 Student's t (P • 0.05) I 

results - mean t 
fm.v. /m.v. 

I 
j 14 +0.147 5.74 2.16 

A 
41.073 0.161 

B 
: 14 +0.027 0.42 2.16 
I 

39.363 0.151 
C 

39 .052 0.120 ; 13 +0.108 3.24 2.18 

I 9 -0.001 0.01 2.51 
D 

35.681 0.277 

! 10 +0.030 0.501 2.26 

t 

E 
36.960 0.189 

F 
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arbitrary scale such that EO+ = O. The sign convention used is that of the I U P A C (40). The H /H2 ••••• 

theoretical potential of the cell is obtained by adding equations 3.1.2 and 3.1.1: 

(E.3.1.2) 

If EA can be neglected, the cell potential will be positive. 

If the calcium electrode is transferred to a second test solution, the difference between the 

second cell potential and the first will be given by 

= RT 1n (aCa2+a~1-)XI 
2F 2 

(aCa2+ aC1-)X2 

(E.3.1.4) . 

where ET is referred to as the transfer potential. This assumes that the asymmetry potential is the 

same in both test solutions. The calcium chloride activities may be represented as 

where m is the stoichiometric molality of CaC1 2 and y± is the mean molal activity coefficient. 

Values of y± at the required concentrations were calculated using the parameters given by Lietzke and 

Stoughton (41) for the equation 

= - IZ+Z-' S fI + 2BI + 3 CI2 + 4 oIl 
! 3" 

1 + A{f 

(E.3.1.5) 

The authors computed best fit values of A, B, C and 0 to the corresponding osmotic coefficient 

equation, using experimental osmotic coefficients in the concentration range 0.002 to 6.0 molal. 

Theoretical values for the transfer potentials were calculated using 

.. (E.3.1.6) 

with RTfF taken as 25.692 to give values in absolute mi11ivolts. The results are given in Table 

3.1.2. 

3.1.3 Statistical analysis 

Since no systematic trend was observed, either with time or solution pH, the results 

were treated as a single population and Student's t test applied: 

• Ix - 1I1 

s(X') 

where n .. number of observations. 

x • arithmetic mean 

1I .. theoretical value 
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sex) standard error of mean = s(x)/ ni 

sex) standard deviation of observations 

Values of t n-l were calculated and compared with tabulated values of t n_l corresponding to a SS 

probability level. The results are given in Table 3.1.3. If Ix - IlI/s(x) is greater than t 1 n-
(p = 0.05) then it can be said with 95 per cent confidence that x is significantly different to u. 

At this probability level. two out of the five results are significantly different in the 

statistical sense. 

3.1.4 Discussion 

A factor of equal if not greater importance than the -above statistical test. is the 

magnitude of the differences between experimental and theoretical results. All the differences in 

mean values are within 0.15 mv. These discrepancies should be compared with tolerable errors in y± 

for the calcium sulphate measurements. At the solubility limit of gypsum an error of 0.25 mv 

in transfer e.m.f. corresponds to an error of 1% in Y
t

' It should be recognised that the 

computed CaC1 2 activity coefficients are subject to uncertainty arising from a number of sources: 

errors in the experimental osmotic coefficients. errors in the analytical Gibbs-Duhem integration to 

give activity coefficients (arising both from experimental error and from the use of imperfect 

equations for ~ and Y
t

) and finally. errors in interpolation. It was therefore concluded that 1n 

the relevant concentration range the response of the calcium electrode was generally consistent 

with the Nernst equation. and that observed deviations from this ideal behaviour were within 

acceptable limits. The precision of the results however. was such that a single determination did 

not give satisfactory accuracy. 

3.2 PURE CALCIUM SULPHATE SOLUTIONS 

3.2.1 Results and statistics 

The cells may be represented as 

(Hg)Pb / PbSO~ / CaSO~(ml) / CaSO~ / Calcium electrode 
PbSO" (m2) (md 

Cell 11 

and 

Ag I AgCl I CaC1 2 (m3) / Calcium electrode Cen III 

If m2 is assumed to be zero. the e ••• f. of cell 11 is given by 

• - EO - RT In(a + 1 Pb2+/Pb(Hg) 2F ~ 
aPb(Hg) 
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The activity of lead ions is controlled by the activity of sulphate ions through the solubility 

product of PbS04• and in a two phase amalgam apb(Hg} is a constant. Consequently the e.m.f. of 

cell 11 may be re-written as 

(E.3.2.1.l) 

The e.m.f. of 'cell III may be written in a similar manner as 

or as 

• (E.3.2.1.2) 

The transfer potential is given ~v subtracting E.3.2.1.2 from E.3.2.l.l giving: 

.. E~gCl/Ag - E~bS04/Pb(H9) + ~T ln ml 'Y±CaS04 - W ln 4
V3 

m3 'Y±CaC1 2 

(E.3.2.1.3) 

In the presence of dissolved PbS04• the transfer potentials are modified as discussed in section 

3.2.3. I~hen PbSO,+ is restricted to the lead amalgam compartment, the transfer potential is 

given by 

E* 
T 

.. 

where Ej is the liquid junction potential between the two compartments. 

(E.3.2.1.4) 

The observed values of ET for each cell are given in Table 3.2.1 in chronological order. No 

significant trends were observed as a function of time so mean values. and 95% confidence limits for 

the means, were calculated for each cell. Where more than one cell was used for a given solution. 

differences were less than 0.3 my. Overall values were calculated for each solution and these 

results are summarised in Table 3.2.2. 

3.2.2 Effect of pressure differences 

It was found that the observed cell e.m.f. was unchanged when the overall pressure WI' 

increased on both compartments. A pressure increase on one compartment alone gave rise to a change 

in potential the sign of which was dependent on the direction of the pressure difference. The 

magnitude of the change was found to be proportional to the pressure differenee. and approximately 

inversely proportional to the concentration of CaSO,+. These results which are shown graphically ift 
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TABLE 3.2.1 

1 No. 

OBSERVED TRANSFER POTENTIALS 

.. _---_.----------------,;------, 
Observed Transfer Potentials 

/(abso1ute millivolts) Solution 
pH ; an~e~~l~~;'on -"_"e~:~~~::tsl----

--------- ----------------------------------------r-~-----~ 
25/8/71 564.46 
26/8/71 i 564.71 

H 27/8/71! 564.56, 564.21 

I 2 - I :;;:;7;-1 ::::::' 564.20, 564~0 ----------- --I 
L ___ ~ ___ 1 ___ !.8/~e_l ______ ;-- _~_~~~_~!._~~~:55,_5!~:~~_~~.7 I 

6.09 

5.97 

i 
I 
I 
I 

3 27/8/71 544.57, 544.43 i 
J 28/8/71 544.75, 544.75, 544.8 = _~: __ 5_.9_9_ 

pH of calcium chloride reference solution (D) on 28th August 6.05 
r---------.---------,-----
; 29/9/71 564.51, 564.45, 564.33 
i 

4 

H 

30/9/71 564.35, 564.43 
1/10/71 564.30, 564.48 
2/10/71 564.50 
4/10/71 564.24 6.14 

~--------------------------------------------------------~-------

5 

L 

6 

J 

30/9/71 522.68, 522.80, 522.87, 522.8 
1/10/71 522.70, 532.68 
2/10/71 522.75 
4/10/71 522.33, 522.89 6.32 

30/9/71 544.48, 544.40, 544.43, 544.48 
1/10/71 544.45. 544.53 
2/10/71 544.45 
4/10/71 544.46. 544.49 6.59 

._---------_._-- ._-------. __ ._------------------------
7 

G 

1/10/71 
2/10/71 

571.24,571.42,571.46,571.30,571.35.571.38 
571.55. 571.57 
571.85 i 4/10/71 

L-~----,---
I pH of calcium chloride reference solution (D) on 4th October • , 

8 

M 

--r·~6/~0/;;---- ~ --~12 .30, 512.30, 512.30. 512.35. 512.30, 512.30. 512.00 

27/10/71 512.64. 512.37. 512.32 
28/10/71 512.16. 512.16. 512.15. 512.00 
29/10/71 512.43. 512.22. 512.20. 511.91, 511.98 

I 

i 
i 

6.24 I 
j 
I 

6.23 I 
J 

5.65 
---------~--------~ ----- ------------------------------+------~ 

9 

K 

27/10/71 535.05, 535.06, 534.82 

28/10/71 535.06, 535.00. 534.65 
29/10/11 6.01 -' --_._-_._--_._-------+- 535.04, 534.98, 534.66, 534.70, 534.58. 534.43 

555.30, 555.30 i 
I' 
I 

10 27/10/11 I 
28/10/71 I 555.65. 555.56. 555.49, 555.30. 555.05 

6.39 
-----4--.. ----... -----. ·----·---.. -··---.. c------------·-·-------·-·-··---------~-----! 

29/10/71 I' 555.64. 555.58. 555.32. 555.20, 555.13. 555.08 

11 
G 

28/10/71 571.70. 571.68.571.70, 571.71. 571.67, 571.85. 571.85 
29/10/71 I 571.86, 571.75. 571.70. 571.83. 571.73 6.49 

----L--------------------~--__i 
pH of calcium chloride reference solution (D) on 29th October • 6.38 
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TABLE 3.2.2 SUMMARY OF TRANSFER POTENTIAL RESULTS 

Solution Hean.value 
of Er/m.v. 

~-c-on-;-ide~:-'I 
limits of mean/m.v •. 

. -.------...... ------t------t------r------t-----'----j! 

I G 0.01518 

2 

7 

11 

OVERALL 

5 

9 

12 

26 

571.62 

571.46 

571.75 

571.62 

! 
I 

i 
i , 

± 0.08 

± 0.14 

± 0.05 

± 0.07 
--.. --.------- .- ... _----.-.-. ----_._---1-._-- .----- ------i· 

H 0.0099 80 4 

OVERALL 

0.0059 97 10 
-- i---"--

3 

J 0.0033 6 6 

OVERALL 

I 

6 564.33 

9 564.40 
: 

± 0.08 

± 0.03 

-. ;;.--L-- -~::-::-: ---!----:-:-:~-3---i 
I 1 

5 i 544 .66 ± O. 19 I 
9 544.46 ± 0.03 

14 I 544.53 ; ± 0.08 I 
i I 

i --. ---:-·-1 
-. 

K 0.002003 

L 0.001109 

I I ' 

1----~-------+----__1--.-. --;:---' ---i-!---------·---::-:-::-:-----~r~---:~:·-
i I 

I I I -;.----- .. ----. -_. -r---------- j· 
M : 0.0006576 L 8 I 

i . 
512.23 19 ± 0.04 

Figure 3.2.1 may be explained by assuming that the pressure differences cause solution to flow through 

tap P (Figure 2.1.4) even though the tap is nominally closed. 

When a dilute electrolyte solution is forced through a fine capillary by an applied pressure 

difference, a potential known as the streaming potential (45) is set up between the ends of the 

capillary. The potential difference should only be referred to as the streaming potential (ESp) 

when zero electrical current flows through the capillary. Under these conditions 

- Ll2 AP 

Lu 

where ~p is the pressure difference. 

(E.3.2.2.1) 

This equation derives from the phenomenological equation for the electrical current density (J). 

when J is set equal to zero. 

J • Lll E + L12 P (E.3.2.2.2) 
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.. 4.0 

FIGURE 3.2.1 EFFECT OF PRESSURE DIFFERENCES 

BETWEEN CELL COMPARTMENTS 

Increase in 
cell e.m.f./m.v. 

2.0 

1.0 

.. 2.0 2.0 4.0 6.0 

Excess Pressure on PbSO,+ Compartmentl 
cm H20 

.. 1.0 

CaSO,+ molality 

0.00111 0 
0.00200 ..... . 
0.00998 A 

0.01518 x 
0.00334 • 

.. 2.0 



where E is the electrical potential gradient and P is the pressure gradient. Lll and Ll2 are the 

appropriate proportionality constants. In the absence of a pressure gradient Lll is simply 

interpreted as the electrical conductivity. Table 3.2.3 gives the gradients, equivalent 

conductivities (~). and values of L12 calculated from 

= (£.3.2.2.2) 

Equivalent conductivities were assumed to have a similar concentration dependence as ZnS04 and CUS04 

solutions. Values were interpolated graphically from the data given in Harned and Owen (47). With 

the exception of the lowest concentration Ll2 is seen to be approximately independent of concentrat"ion. 

It can be shown (45) that provided the capillary is not too small. or the concentration too low, 

.. 

where ~ is the zeta potential, E is the p~tt1vity and n is the solution viscosity. In dilute 

solution E and n can be taken as concentration independent, and ~ has been found experimentally to 

increase only slightly with electrolyte concentration. Reference 42 gives results for potassium 

chloride. 

It was therefore concluded that the pressure dependence and the concentration dependence of 

the results could be satisfactorily explained by the phenomenon of streaming potential. 

TABLE 3.2.3 CONCENTRATION DEPENDENCE OF THE STREAMINr, POTENTIAL 

m ESp lAP >. Ll2 
CaS04 arbitrary 

/mol. kg- l /m.v. (mm H20)-l I(Ohm. equiv.)-l cm2 units 

0.01518 0.88 64 0.85 

0.00998 1.24 74 0.92 

0.00333 2.92 91 0.88 

0.00200 4.94 98 0.97 

0.00111 11.9 107 1.41 
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3.2.3 Effect of lead sulphate solubility 

The cells were generally used in such a manner that the calcium electrode compartment was 

maintained free of dissolved PbS04 . Under these conditions the cell e.~.f. is modified by the 

presence of dissolved lead sulphate in the lead amalgam compartment because: 

(i) the additional sulphate present> gives rise to a correction term at the amalgam 

electrode of magnitude RT ln 
2r" 

is the PbS04 molality. 

where m1 is the CaSO .. molality and m2 

(ii) The activity coefficient of sulphate ions in the amalgam compartment is changed 

by the presence of dissolved PbS0 4 • The correction required to compensate for 

this effect is small compared to (i). and was consequently neglected. 

(iii) A liquid junction potential (Ej ) is set up between the two compartments. The 

magnitude of liquid junction potentials are difficult to predict. If activity 

coefficients are neglected the diffusion potential (Ed) may be estimated by 

using the Henderson equation (42) 

• 1 n [-=-! _:"",:,_~_i ] (E.3.2.3.1) 

i i i 

Provided Ed is small I the approximation Ej • Ed should be adequate. ui is the 

ionic mobility of the i'th ionic species and ci. c~ are limiting concentrations 

at either side of the liquid junction. If the double prime is taken to refer 

to the amalgam compartment. then 

ln [ 
> USO~-

US02- mt + UCa2+ mt 
It 

(ml + m2) + UCa2+ mt + U .. 2+ .J 
• (E.3.2.3.2) 

Differences in molal and molar concentration scales are ignored. 

In the logarithmic term. the use of equivalent conductivities at infinite dilution 

(A~) should not lead to a significant error. but a correction for concentration was 

made to the pre-logarithmic term using the theoretical equation (43) 

• • ).~ - ~ z+ B {il (1 + A (I) (E.3.2.3.3) 

A
O 

• l(z++lz.l) B li/(l + A /i) 

for the transport number of the cation (t+) and the corresponding equation for t •• 
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The value of A was taken as 1.3, and the values of B and ~o were taken from 

reference (43). The pre-1ogarithmic term of equation (E.3.2.3.2) now 

reduces to - RT (t+ - t ). 
2t -

When cell potentia1s were measured with both compartments saturated with PbSO~. 

a liquid junction potential is no longer present, but two additional 

corrections are necessary. 

(iv) The activity coefficient of calcium i~lS will be modified but this effect was 

neglected for the same reasons as (ii). 

(v) The calcium electrode will respond to the presence of Pb 2+ ions in the test 

solution. The reSDonse may be estimated by using the semi-empirical 

equation (38): 

E = constant + * 1n [aA + i)A ki ai Zi/ZA ] 

where ki are selectivity constants which are determined experimentally. 

(E.3.2.3.4) 

The selectivity constant for Pb 2+ ions in the present system is quoted by 

Ross (38) as 0.63; but k values are concentration dependent and equation 

(E.3.2.3.4) is not reco/Tlllended for correcting cell potentials when the level 

of impurity ion is high. If equation (E.3.2.3.4) is assumed to be adequate. 

and activities are replaced by molalities. the magnitude of the correction 

term is given by 

RT 1n 
2f 

The importance of these various effects can only be calculated if the 

solubility of lead sulphate in calcium sulphate solutions is known. 

Unfortunately, no experimental determinations could be found in the 

literature and the solubil ity was estimated in the following manner. The 

mean of four results (44) determined between 1930 and 1934 for the solubility 

of PbSO~ in water at 250 is 0.0452 g per litre or 0.000149 molal. The 

solubility product of lead sulphate is therefore given by 

(E.3.2.3.5) 

In the presence of CaS04 (ml) the solubility of lead sulphate (m2) is given by 

(E.3.2.3.6) 

The problem to be resolved is therefore one of estimating y± for PbSO, in the 

pure solution and in the mixed solutions with CaS04' Fortunately. absolute 

values are unnecessary provided the variation of y± with ionic strength is 
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known with reasonable accuracy. Gardner and Glueckauf (2) in their treatment 

of freezing point data for 2:2 sulphates found that the variation of y with 
± 

concentration was largely independent of the metal ion. It was decided to use 

their values for y± (CaSO .. ) as an estimate for y± (PbSO .. ) on 'the grounds that: 

(a) of the divalent metal ions whose sulphates have been studied, 

the Ca2+ ion has the largest ionic radius and is therefore 

most comparable with Pb2+; 

(b) in the mixed solutions the ionic medium is essentially that of 

CaSO ... since the concentration of lead ions is always small. 

Table 3.2.4 shows the values of y± interpolated graphically from reference (2), 

together with the estimated solubilities of PbSO .. calculated using equations 

(3.2.3.5) and (3.2.3.6). Also shown are the estimated corrections to the cell 

e.m.f. required to compensate for the dissolved lead sulphate. At the three 

lowest concentrations of CaSO .. , these corrections are of significant magnitude. 

Fortunately the percentage error in estimating the solubility of PbSO .. is least 

under these conditions. An attempt was made to estimate the 95% confidence 

limits for the solubilities and e.m.f. corrections and these are also given in 

the table. The reason for choosing to measure cell e.m.f. values with the 

calcium compartment free of lead sulphate is now apparent. The uncertainty 

in potential caused by the liquid junction potential is well within 

experimental error at all the concentrations of CaSO .. , but the uncertainty in 

the correction required to compensate for response of the calcium electrode 

to lead ions would have been significant at the lowest CaSO .. concentrations. 

The sign of the liquid junction potential was deduced from the equivalent con­

ductivities of Pb 2+ and SO!- ions. The mobility of sulphate ions is higher 

than that of lead ions, so that an equilibrium liquid junction is set up such 

that the calcium compartment becomes negatively charged relative to the 

compartment containing dissolved PbSO... Since experimentally it was found 

that the calcium electrode was the positive electrode, the effect of the 

liquid junction waS to reduce the observed cell e.m.f. and transfer 

potential from the ideal values given by equations (3.2.1.2) and (3.2.1.3). 

The effect of additional sulphate ions on the response of the sulphate 

electrode increases the transfer potential over that given by equation 

(3.2.1.3). Saturating the calcium compartment with PbSO .. removes the 

liquid junction potential. and introduces an additional response by the 

calcium electrode to Pb 2+ ions. Both these effects serve to increase the 

e.m.f. of cell I. For solutions K and M. the changes in transfer potenti.l 

on adding PbSO .. to the calcium compartment were determined experimentally. 
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TABLE 3.2.4 LEAD SULPHATE SOLUBILITY 

I Estimated I Correct; on I Correction 
, 

Correction 
CaSO" So 1 ubil i t.v of I for liquid ! for Ca I for SO" 

; Solution molalit~ , Estimated PbS04 ! junction Electrode Electrode 
/mol. kg I (10 5 x molal; ty) I potent; al I y± 

I i 
/mo1. kg- 1 i /m.v. /m.v. /m.v. 

I 1.03 
I 

0.01 0.010 
G ~ 0.01518 0.33 < 0.005 

± 0.5 i ± 0.005 ± 0.005 
-~ 

I 1-----------~-------

1.15 ! 0.01 0.015 
H i 0.009980 0.385 < 0.005 I 

± 0.5 : ± 0.005 ± 0.005 
--------- ~.---.---- ------- ... --- -

I 1.39 I 0.02 0.03 
I 0.005997 

, 
0.453 < 0.005 I ! 

± 0.5 + 0.01 ± 0.01 

1.83 

I 
0.05 0.07 

J 0.003336 0.528 < 0.005 
± 0.6 ± 0.02 ± 0.02 

I 
2.27 0.01 

I 
0.09 0.14 I K f-- 0.002003 

0.610 

I 
± 0.7 ± 0.01 ± 0.04 ± 0.04 I , I -_ .. -

r I 

I I 3.28 0.03 0.23 0.37 
L 0.001109 0.676 I I ; 

! I I 
+ + + + _0.02., _0.10 I _0.10 

--·t--·-·-------
0.06 '0;52 0.81 

L------tl---------.------I.-------.. __ ._ i ______ ~_~.9 __ I I 4.29 
M I 0.0006576: 0.751 I 

. ± 1.0 ± 0.03 ± 0.20 ± 0.20 

Changes of + 0.08 m.v. and + 0.45 m.v. resulted. The calculated values are 

+ 0.10 ±0.05 m.v. and + 0.58 ±0.23 m.v. respectively. In view of the errors 

in both experimental and calculated changes, this is considered to be 

reasonable agreement. 

3.2.3.A Single ion activities 

The precision of the measurements described in section 2.4.6 was poor. This was 

presumably due to variability of the liquid junction potential at the reference electrode. In view 

of this problem and since the objectives of this section wen! of limited importance, the results will 

not be discussed further. 

-35-



3.2.4 Initial treatment of results 

Equation (3.2.1.4) may be reexpressed as 

(E.3.2.4.1) 

A plot of ET against some function of concentration, should give the standard electrode potential of 

the lead amalgam electrode as the zero concentration intercept. This must always be so, regardless 

of the suitability of the extrapolation function, provided accurate results are available to 

sufficiently low concentrations. If the square root of concentration is used in the extrapolation 

function, the limiting slope at zero concentration must be given by the Debye-Huckel limiting.law 

constant multiplied by Iz+z.IRT/F. 

This procedure was followed in order to check if the present results were consistent with 

literature values for E~bSO~/Pb{H9)' The standard potential of the silver-silver chloride electrode 

was taken as + 222.4 m.v. This is the mean of three results at 250C spanning a range of 0.12 m.v. 

(21). The activity of the calcium chloride reference solution was calculated in the same manner as 

given in section 3.1.2. Values of ET are given in Table 3.2.5 and are plotted in Figure 3.2.2. as a 

function of ml~' The results are shown extrapolated to a value of [0 which was deduced subsequently 
o using more sophisticated methods of treatment. Also shown are the values of EpbSO~/Pb(Hg) quoted by 

Shrawder and Cowperthwaite (29) and by Baumstark (34), and the Debye-HUckel limiting law gradient. 

The experimental points do not extend to sufficiently low concentrations to enable the limiting 

law to be sensibly utilised. As a consequence, the extrapolation could not have been made with any 

accuracy if it was based solely on the present treatment. Even so, it is difficult to reconcile any 

extrapolation of the present results having the correct theoretical slope at the origin. with 

Shrawder's value of - 350.52 m.v. This pOint will be discussed again later. 

The estimated maximum error limits shown in Table 3.2.5 were obtained by adding the 951 

confidence limits calculated for the precision of the transfer potentials, to the estimated maximum 

errors in the estimated corrections made for lead sulphate solubility. To this total. a constant 

contribution of ±0.15 m.v. was added to account for errors in E~gCl/A9. calcium sulphate molality, 

calcium chloride activity, and any other systematic errors present. This total is greater than the 

overall 95% confidence limits for Er' since all sources of error would need to be in the same 

direction for an error of this magnitude to occur. 
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FIGURE 3.2.2 PRELIMINARY TREATMENT OF RESULTS 
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TABLE 3.2.5 PRELI~lINARY TREA1MENT OF RESULTS 

I ~_ET/m.:] I 
-

Solution Cell No. Er'm.v. Estimated maximum 

I 
erro.r limits in ETlm.v. 

.---
2 I 571.61 324.73 ± 0.24 

G 7 571.45 324.57 ± 0.30 
I 11 571.74 324.86 ± 0.21 
I OVERALL 571 .61 324.73 ± 0.23 I 
I 

.-

1 564.31 328.21 ± 0.24 
i 

i H 
I 

4 564.39 328.28 ± 0.18 
I i 

I OVERALL 564.35 328.25 ± 0.24 
I 

i I 

I 10 555.32 332.30 ± 0.29 
! 

3 544.59 i 336.64 ± 0.36 
I : 

: 

; J I 6 544.39 336.44 ± 0.20 
i 

I ! OVERALL 544.46 336.51 ± 0.25 
1 I : ; 

I ! I I 
K I 9 I 534.71 339.87 ± 0.34 

, i I , , , 

L 5 
, I 

522.31 ' 342.12 j ._---+--------_. 
511.48 . 345.25 

. 

± 0.40 

M 8 ± 0.42 

3.2.5 Extrapolations for a model system 

It is clear from the previous section. that if an accurate value of EDPbS04/Pb(H9) is to be 

obtained. a different extrapolation function must be used. An adequate function must give a 

reasonably accurate prediction of the concentration dependence of the activity coefficient. from zero 

concentration up to the highest concentration used. One of the objects of this section is to 

determine the tolerable limits within which the "adequate function" can differ from the ·perfect 

function" • 

As discussed earlier. the activity coefficients of 2:2 sU.lphates may be approximated to 

reasonably high concentrations by using either a non-linearised solution of the Poisson-Boltzmann 

equation. or a 1 i neari sed D-H solution in conjunction wfth an assumed equilibrium between free 10ns 

and ion-pairs. The latter treatment is used in this section, since it is more amenable to 

computa t1 on. 

Consider a hypothetical 2:2 electrolyte HX, which has a dissociation constant for the equilibrium 

between ion pairs and free ions, 
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of 0.005 rool kg- 1 
(E.3.2.5.1) 

This value for Ko was chosen in order to be consistent with literature values for CaSO~ (5). 

An ion pair was defined in the Bjerrum sense as any pair of oppositely charged ions which are 

closer than some arbitrary distance q. Ions within this distance are considered to make no 

contribution to the ionic strength of the solution, while so called free ions, outside this distance 

contribute to the electrostatic non-ideality of the system in a Debye-HUckel manner. The equation 

chosen for the mean activity coefficient of free ions was 

• - IZ+ZJ S jT 
1 + (q/ao) jI 

(E.3.2.5.2) 

a is a constant in the Debye-HUckel equation, dependent only on temperature and the dielectric o 
constant. The distance of closest approach of free ions (the distance defining association) q, was 

taken as 0.714 nm which is half the Bjerrum distance (qB) for a 2:2 electrolyte at 250C. In the 

original Bjerrum treatment q was fixed for any electrolyte by 

• IZ+ZJ e2 

2 £ kT 
(E.3.2.5.3) 

where e is the electronic charge, and k is the Bolt~nn constant. This is the distance at which 

the mutual electrical potential energy of two ions is equal to 2kT, and according to the Bjerrum 

roodel, is the distance at which the number of negatively charged ions in a thin spherical shell 

around a central positive ion is a minimum. Guggenheim (48) has suggested that for 2:2 electrolytes 

the use of q distances less than about 1.0 nm is unsuitable in a 1inearised D-H equation. This is 

of no consequence in the present treatment since we are defining the exact properties of a model 

system. 

Consider the hypothetical cell 

M I M2+ X2
- (m) / NX(s) I N Cell IV 

where NX is a very sparingly soluble electrolyte salt of the metal N. The cell potential is given 

by 

E • (E.3.2.5.4) 

The standard cell potential EO was arbitrarily set at 100 m.v •• and the equation re~itten as 

E • o E - RT ln mf Yf 
F 

(E.3.2.5.5) 

The subscript f indicates that the properties of free ions are referred to. If the acti vity 

coefficient of ion pairs is assumed to be unity. equation (3.2.5.1) l8y be re-expressed IS 
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(E.3.2.5.6) 

Cell potentia1s were calculated as a function of stoichiometric molality (m) by solving equations 

(3.2.5.2) and (3.2.5.6) by an iterative procedure for mf and Yf' The molality of free ions was 

initially set at the arbitrary value of 0.75 m. Equation (3.2.5.2) was solved for Yf using I • 4 m,. 
and equation (3.2.5.6) solved to give a new value of mf • The cycle was repeated until the new value 

of mf was within 0.01 per cent of the old value. Using equation (E.3.2.5.5). cell potentials were 

calculated for concentrations of MX up to 0.1 molal. The results can be considered as experimental 

cell potentials having zero error. 

The effect of using incorrect values of Ko or q was found by using equation (3.2.5.5) to 

calculate EO for each concentration. Values of mf and Yf under these new conditions, were found by 

the same iterative procedure as described above. Dissociation constants of 0.0035, 0.0045. 0.006 

and 0.007 mol kg-I, and distances of closes approach of 1.071 nm (3qS/4) and 0.476 nm (qS/3) were 

used. 

The results are shown plotted against ionic strength in figures 3.2.3 and 3.2.4. Ionic strength 

was chosen as the abscissa, since in a real system, the contributions of non-electrostatic terms to 

lny are linear in I at low concentration, and because a small error in the distance of closest approach 

can normally be compensated for by a suitable addition term to lny which is again linear in I. This 

latter relationship is modified by the ion-pair dissociation equilibrium, since the concentration of 

free ions also varies. 

The model system was also used to check the effect of using incorrect values of EO and q on the 

value of Ko obtained by a similar extrapolation procedure. 

For each concentration, the value of ~Yf was calculated using equation (3.2.5.5). and by 

assuming an initial value of Ko, an approximate value of mf was found from equation (3.2.5.6). Th1s 

was used to calculate a value for Yf using equation (3.2.5.2) and a new value of mf was found using 

the fixed value of .fYf' The last cycle was continued until the new value of mf was within 0.01. of 

the old value and Ko was calculated from equation (3.2.5.5). 

The results are given in Figures 3.2.5. 3.2.6 and 3.2.7 where log Ko is plotted against I. 

This choice of functions was made on the grounds that if errors linear in I are expected for lny. 

linear errors in I should also be expected in log Ko rather than Ko. The effect of an error in q 

is shown in Figure 3.2.5, where results for q • qsl3 and q • 3qB/4 are seen to exhibit increasing 

curvature towards the "correct" value of log Ko at low concentrations. but do not extrapolate to this 

value. This was not unexpected since Ko (unlike EO). is not a true thermodynamic constant. 

Figure 3.2.6 shows that an error in EO leads to Ko values which diverge from the "correct Ko N as I 

approaches zero. This divergence does not become marked. however. until quite low concentrations 

are reached. Figure 3.2.7 shows the effect of partially compensating errors in EO and q. For one 

pair of values. an almost constant value for Ko results for all concentrations between 0.006 I and 
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FIGURE 3.2.3 MODEL CALCULATIONS FOR A 

HYPOTHETICAL 2:2 ELECTROLYTE. 
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. FIGURE 3.2.4 
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FIGURE 3.2.5 MODEL CALCULATIONS FOR A 

HYPOTHETICAL 2:2 ELECTROLYTE. 

EFFECT OF INCORRECT VALUE OF q 

EO = 100 m.v. 
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FIGURE 3.2.6 MODEL CALCULATIONS FOR A 

HYPOTHETICAL 2:2 ELECTROLYTE. 

EFFECT OF INCORRECT VALUES OF EO 
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FIGURE 3.2.7 ~1ODEL CALCULATIONS FOR A 

HYPOTHETICAL 2:2 ELECTROLYTE. 

EFFECT OF INCORRECT VALUES FOR EO AND q 
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0.14 I. It follows that if this pair of Ko and q values were used in a determination of EO. a value 

close to 99.75 m.v. would result over this same concentration range. The error in EO would only 

become apparent if accurate cell potentials were available below 0.006 I. 

Experimental cell potential s cannot be measured to indefinitely low concentrations. and errors 

increase as the concentration is reduced. This is the main point to remember when considering the 

implications these model calculations have for real systems. A number of points arise: 

(i) in the determination of EO small errors in Ko or Q could lead to results being 

incorrectly interpreted as linear in I, giving an error in the intercept; 

(ii) if distinct curvature is present. a better value of EO can be obtained by 

drawing a best curve through the pOints, rather than by forcing a linear fit. 

(iii) the most effective way of ensuring an accurate extrapolated value for EO is to 

vary the parameters around reasonable values. and ~ke advantage of the knowledge 

that all the sets of points must extrapolate through the same intercept. Most 

weight should be given to the set of points giving an apparently linear 

extrapolation; 

(iv) the question put at the beginning of this section concerning the tolerable 

difference between an "adequate function" and the "perfect function" is seen 

to be unanswerable without a knowledge of the concentration range and accuracy 

of the resu 1 ts . A more sen sib 1 e ques t i on is "Do the resu 1 ts ex tend to 

sufficiently low concentrations with the accuracy required to distinguish an 

"adequate function" from functions leading to significant error?" If the 

answer to the latter Question is affirmative. then errors in the parameters are 

unimportant, since they can be detected and eliminated by the procedure 

outlined above; 

Cv) in the determination of Ko values, the intercept is not expected to be 

independent of q and EO; 

(vi) if any doubt exists as to the value of the standard cell potential given in 

the literature, it is advisable to check that the results are compat1.ble with 

this value, otherwise the Ko values obtained may be meaningless. Only an [D 

value compatible with the results should be used to determine KO; 
(vii) the determination of a "correct" pair of Ko and q values is a difficult task, 

and the best procedure is probably to choose a reasonable range of q values and· 

give corresponding Ko values for each. 

Similar considerations would apply if any other method of representing the activity coefficients were 

used. The suitability of an equation or set of equations for representing the concentration 

dependence of the activity coefficient may be judged by ability to predict a linear dependence of [D 

with I. In addition the gradient required should not be unreasonably high. 
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3.2.6 Treatment of results using ion-pair concept 

The results for CaS04 were treated in the same manner as for the model system. An 

arbitrary value of Ko = 0.004 mol kg- 1 was chosen and used in conjunction with values of q between 

qB and QB/4. An'arbitrary value of Q = qB/2 was also used with values of Ko between 0.003 and 

0.007 mol kg-I. 

and 

For each pair of Ko and q values, equations 

- IZ+Z.I s [f 
1 + (q/ao) [f 

(E.3.2.5.6) 

(E.3.2.6.1) 

were solved by an iterative procedure to give self consistent values of mf and Yf' Values of 

E~~S04/Pb(Hg) were calculated at each concentration using 

E~9Cl/Ag - ET + ~T ln (mf Yf) - 3/2 ~T In(4 Y3 m3 YtCaC1
2

) 

(E.3.2.6.2) 

where ET is the transfer e.m.f. corrected for errors introduced by the solubility of PbS04 • The 

additional superscript to the cell potential denotes that EOI will only be equal to EO when I equals 

zero, due to imperfections in the equations used to calculate calcium sulphate activities. 

The results of this treatment are given in Figures 3.2.8 and 3.2.9. Provided non-linearity 

is permitted, smooth curves can be drawn through all the sets of points to a common intercept of 

-352.6 m.v. Other pairs of Ko and q values were used which gave apparent linearity of EOI with 

ionic strength. These latter results were analysed by the method of least squares assum1ng a 

linear regression between EOI and I. All the intercepts were within ±0.15 m.v. of-352.6 m.v., and 

the standard error of the intercept (46) led to 95S confidence limits of ±O.16 m.v. This does not 

of course take into account systematic errors, which were estimated at a maximum of ±O.15 m.v. It 

is clear that these results are quite incompat1ble with the value deduced by Shrawder and 

Cowperthwaite (29) of -350.52 m.v. 

By utilising the value of EO • -352.6 m.v. the results were analysed to give values of Ko for q 

values in the range q • qB to q • qB/4. The value of mfYf was calculated from equation (3.2.6.2) 

and the individual values of mt and Yf calculated in the same manner as for the model calculations. 

Finally Ko was deduced using equation (3.2.5.6). 

The results are shown for the two extreme values of q in Figure 3.2.10. No s1gnif1cant 

deviations from linearity were discernable, so the points were fitted to straight lines using the 

least squares principle. Dissociation constants obtained from the intercepts are shown in Tabl. 

-41-



FIGURE 3.2.8 TREATMENT OF CaSO DATA USING 
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FIGURE 3.2.9 TREATMENT OF CaSOt DATA USING 
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FIGURE 3.2.10 TREATMENT OF CaS~DATA 
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3.2.6 together with the standard errors of the intercepts. Corresponding values of Ko were also 

calculated using EO = -352.4 m.v. and -352.8 m.v. These results are also given in Table 3.2.6. 

If the Sjerrum treatment is applied to these results, values may be calculated for the distance 

of closest approach (a) of ions within the ion pair. The de~ree of association, or the fraction of 

negatively charged ions within the distance a to q of a positively charged ion is given by (43) 

1 - a 

J
2q la 

4 IT m L (2q)3 S x-~ eX dx 
1000 S 

2qB/q 

(E.3.2.6.3) 

where a is the degree of dissociation, L is Avogadro's constant, x = - z+z_ e2/EkTr and r is the 

distance between ion centres. The dissociation constant may be written as 

so that the association constant is given by 

K -1 
o 4 IT L (2Qs)3 Q 

1000 a2y~ 

where Q. x e dx 
J

2qS/a -~ x 

2qB/ q 

(E.3.2.6.4) 

(E.3.2.6.5) 

As the concentration approaches zero, both a and Yf approach unity. giving a limiting value for the 

association constant of 

(E.3.2.6.6) 

For any pair of Ko and q values. the only unknown in equation (3.2.6.6) is the distance of closest 

approach (a). Robinson and Stokes (43) tabulate values of 

Q(b) J: x-~ eX dx 

as a function of b at 2SoC. Equation (3.2.6.6) may be written in the form 

• + 1000 (E.3.2.6.7) 

This equation was solved for 'a' using graphical interpolation of the tabulated Q(b) values. The 

results are given in Table 3.2.7 together with the results obtained by Brown and Prue (5) from a 

comparable analysis of their freezing point data. The error limits shown for the distance of 

closest approach correspond to changes in EO of ±0.2 m.V. A smaller value of IEol leads to a 

larger value of'a: Values of q in the range 0.5 qB to qB give an almost invariant distance of 

closest approach of about 0.38 nm. This is precisely the value predicted from the relevant bond 

lengths. (4). but this exact agreement is probably fortuitous. As would be expected. smaller values 
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TABLE 3.2.6 ION PAIR DISSOCIATION CONSTANTS FOR CaS04 

Ko / (mole kg- l
) 

q/nm I Standard error r 
--

0.357 

0.476 

0.714 

1.071 

1.428 

--

EO = -352.6 m.v. 
in Ko EO .. -352.4 m.v. 

--~ .. -- 1--------
(1/ .. qB) 0.00530 

(% qB) 0.00501 

(Y2 qB) 0.00453 

(% qB) I 0.00400 
I 

(qB) 0.00364 
I 

TABLE 3.2.7 

PRESENT WORK (25°C) 

± 0.00014 

± 0.00012 

± D.OODlO 

I ± O.OOOOS 

I ± 0.00007 
J I 

COMPARISON WITH RESULTS BASED ON 

FREEZING POINT MEASUREMENTS 

0.00585 

0.00550 

0.00492 

0.00431 

0.00390 

BROWN AND PRUE 

q/nm alnm q/nm 

i 
EO .. -352.8 m.V. 

0.00484 

0.00460 

0.00418 

0.00373 

0.00341 

(5) (OoC) 

a/nm I Ko I Ko 
, /(mole kg-I) : /(mole kg-I) 

I 
1 .428 (qB) I 

! 
0.00364 0.393 ±0.01 1.387 (OB) 0.0033 0.356 

1.071 (% qB) 
I 

0.00400 0.381 to.Ol 
i 

0.714 (lk qB) 

I 
0.00453 

I 
0.371 to.009 0.694 (l.~ qB) 0.0043 0.348 

0.50 0.0050 0.341 
I 

0.476 (Y3 qB) 0.00501 I 0.348 to.009 

I 0.40 0.0054 0.326 

i 
i 
I 

for q lead to smaller values for 'a'. Use of q values lower than the physically reasonable 0.38 nm can 

only give absurdly small 'a values. and q • qB/2 is probably the lowest value which can sensibly be 

used. This restriction is also consistent with Guggenheim's view (48) that small q values are not 

suitable for use in the linearised D-H equation. 

Comparison with results obtained by Brown and Prue (5) is slightly complicated by the 

temperature difference. This should not have any effect on the distance of closest approach. but 

KO would be expected to be lower at 25°C than at OOC by about 0.0004 mole kg- l (49). The present 

analysis gives values of Ko and'a'which are both higher than the corresponding figures at ooe. The 
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descrepancy is not excessively large, a standard cell potential of about -353.2 m.V. would give good 

agreement between the two sets of results. Other workers (2,3,49) have analysed the data of Brown 

and Prue assuming further association of ions into triplets. Although this assumption should not 

have a marked effect at these low concentrations, the results are more concordant with the present 

analysis. Using q = qB' Pitzer (49) found KO = 0.0036 mole kg- 1 at OOC; and Gardner and Glueckauf 

(2) using q = 2qB/3 found KO = 0.00428 mole kg- 1 and a = 0.362 nm at OOC. The dissociation constant 

has also been estimated from solubility data of calcium iodate in potassium sulphate by Bell and 

George (50), and from conductivity data at low concentrations by Money and Oavies (51). Bell and 

George (50) used the Oavies equation (E.l.2.2) to represent all activity coefficients. This is 

approximately equivalent to using q = 0.38 nm (at I = 0.01 m). and leads to a value for Ko of 

0.0049 mole kg- 1 at 250C. The value of "a" quoted by Bell and George (50) (4.43 a) is almost 

certainly a misprint. since it is inconsistent with a statement made by the authors in their 

discussion. Even if this were not so. the result would be meaningless due to the inconsistency of 

using "q = 0.38 nm" in the activity coefficient expression to give Ko. and then using q • qB (1.43 

nm) in the Bjerrum treatment to obtain "a" from Ko' Money and Oavies treated their data using the 

O-H limiting law which is equivalent to setting q equal to zero. This is not of great importance 

however due to the low concentrations used. A value of Ko • 0.0053 mole kg- 1 was obtained at laoe. 

Summarising this section, the application of Bjerrum's concept of ion pairing has enabled 

activity coefficients of calcium sulphate to be determined as a function of concentration. It was 

necessary to make an arbitrary choice of two parameters. but provided reasonable values were assigned 

to these, a unique value for the standard electrode potential was obtained. This potential was 

used in conjunction with physically realistic association distances. to give ion-pair dissociation 

constants and corresponding distances of closest approach which were in good agreement with 

literature results. 

The apparent success of the method does not preclude the possibility that the concentration 

dependence of the calculated activity coefficients was sufficiently in error to give a significantly 

incorrect intercept. This possibility is investigated in the next section. by dispensing with the 

ion-pair concept. More direct calculations of activity coefficients were made in order to test 

whether the same intercept for the standard electrode potential was obtained. 

3.2.7 Treatment of results using numerical solutions of Poisson's equation 

Historically the most fruitful approach in the calculation of activity coefficients in 

dilute solution has been via calculations of the mean electrostatic potential for a single fixed ton. 

Poisson's equation connecting the electrostatic potential at a central ion (i) with the average 

distribution of surrounding charge may be written as 

(E.3.2.7.1 ) 
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where w is the mean electrostatic potential. 

Pi is the average density of i-type ions 

and Wi is potential of mean force. 

This equation is 'exact as written, but Oebye and HUckel substituted ziew for Wp an approximation 

which is only valid when tile distribution of charge is spherically symmetrical at all times. This 

is only true for extremely dilute solutions. Frank and Thompson (65) found that significant 

deviation from spherical symmetry was present for 1:1 electrolytes at concentrations as low as lO-~ 

molal. For 2:2 electrolytes the problem arises at still lower concentrations. Oebye and HUckel 

made a further approximation by linearising equation (3.2.7.1) giving 

(E.3.2.7.2) 

This approximation re-introduces a degree of physical self consistency. but results in large errors 

due to the neglect of higher order terms. especially for electrolytes of valency types higher than 

1:1. MUller (10). Gronwall et aL (ll) Guggenheim (66) and Glueckauf (4) have retained the higher 

order terms in treatments of 2:2 electrolytes, but have all used the approximation that Wi • zi~' 

Gronwall (11) used an analytical solution, while the other authors resorted to numerical solutions. 

Outhwaite (67,68) has used a more sophisticated procedure by expressing (E.3.2.7.1) as 

= - 4: ! e'l '1 V ex.[- e'l (. + 'l/kT] (E.3.2.7.3) 

where V is the excluded volume term and 6 is called the fluctuation term. Both of these concepts 

were introduced by Kirkwood (71) who used a statistical mechanical approach. The deviation of V 

from unity is unimportant for dilute solutions, but the 6 term is of significant magnitude at the 

lowest concentrations used in this study. 6 may be evaluated using different closure approximations 

depending upon the number of fixed ions for which the potential is calculated. For a single fixed 

ion 6 = zero and (E.3.2.7.3) is the normal Poisson-Boltzmann equation (if V • l). Outhwaite has 

evaluated 6 for two fixed ions in linearised (67), and also in non-linearised numerical solutions 

(68,69). The computations were carried out using both the Debye and the GUntelberg charging 

processes. In the former, ions in fixed positions are reversibly charged from zero to zie. while in 

the latter. ions of charge zie are brought from infinity to their final positions relative to the 

fixed central ion. 

The results were compared with the recent Monte-Carlo calculations of Card and Valleau' (70). and 

were found to give better agreement than activity coefficients calculated using the unmodified 

Poisson-Boltzmann equation. The self consistency of the results was checked by using the ·second 

moment condition" of Stillinger and lovett (73). and also by testing the agreement between Debye and 

GUntelberg charging processes. Both tests indicated that the modifications were in general In 

improvement, but self consistency varied with concentration and with electrolyte charge type. The 

modifications were also judged to be an improvement. since th~ correctly predicted oscillations in 

the radial distribution function above a critical value of Kt (K is the reCiprocal of the effective 
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radius of the ionic atmosphere). 

Outhwaite (69) has tabulated values of lny± as a function of concentration and distance of 

closest approach. He gives results for the Debye charging process using. the nonnal POisson­

Boltzmann equation (PBD). his modified equation (MPBD). and for his modified equation using the 

Guntelberg charging process (MPBG). Results are not given for the unmodified equation using a 

Gilntelberg charging process (PBG). but these are given by Gardner and Glueckauf (4). Unfortunately 

Outhwaite gives values of lny± at only three sla ratios, and at Ka values which are too widely 

separated for accurate interpolation. 

s (E.3.2.7.4) 

and !C = 
( 

8 lILe2 ) l.[I 
1000 £ kT 

bfI (E.3.2.7.5) 

Dr. Outhwaite generously agreed to compute values of lny± using the MPBG treatment at three values of 

s/a. and at values of !Ca corresponding to the CaS04 concentrations used in this study. The values 

of s/a chosen were 8.0, 7.6 and 7.2 corresponding at 2SoC to distances of closest approach of 0.356. 

0.375 and 0.396 nm. Using these values of lny±, the standard electrode potential of the lead 

amalgam electrode was calculated at each concentration using equation (3.2.4.1). and a best estimate 

was obtained by extrapolating to I = O. The results of this analysis are shown in Figure 3.2.11. 

It is apparent that the treatment is consistent with a unique intercept of EO • -352.6 m.v. If 

linearity of EO. with concentration is chosen as the criterion with which to judge the most 

appropriate distance of closest approach, then a value of a • 0.38 - 0.39 nm results. This treat­

ment is consequently entirely consistent with the previously described Bjerrum treatment. provided 

q distances greater than i qB are used in the latter. 

Values of lny± were deduced for the MPBD and the PBD treatments at sla • 7.2 by plotting Iny± 

(PBD) - lnYt (MPBG) and lnYt (MPBD) - lny± (MPBG) against ~a using the values tabulated by 

Outhwaite at sla • 7.0. The differences were interpolated at the pertinent concentrations. and 

were added to the lnYt (MPBG) values evaluated above at sla • 7.2. This treatment involves the 

assumption that the differences between the different lnYt values are independent of sla over the 

range 1.0 to 1.2. EO values calculated using these activ1ty coeff1c1ents 1n equation (3.2.4.1) are 

shown in Figure 3.2.12. The results corresponding to lnYt (MPBG) are shown again for comparison. 

The differences between the treatments are clearly significant, but best curves drawn through all 

the sets of points are once again consistent with a unique intercept of -352.6 m.v. for EO. The 

precision of the intercept is difficult to assess due to the marked non-linearity of the curves. 

It is evident that the distance of closest approach required to give linearity, decreases in the 

order MPBG, MPBD, PBD. 

Values of lnY t using the PBG treatment were evaluated with the aid of Gardner and Glueckauf's 

(4) tabulated values of InYM' These authors defined InYM as 
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where YOH is the Oebye-Huckel activity coefficient defined by 

- ~ s __ "_ 
1 + "a 

(E.3.2.7.6) 

(E.3.2.7.7) 

Consequently lnYM' the MUller extension term, is equivalent to Gronwa11's extension terms (11) except 

that the latter gave only the third and fifth order terms, while lnYM includes terms up to the 19th 

order. Glueckauf's tables are sufficiently extensive to enable accurate graphical interpolation of 

1nYM" Values of lnYM/"a were plotted against Fa at sla values of 8.0, 7.6 and 7.2. Interpolated 

values of 1n M were added to calculated values of lnYOH' E~bS04/Pb(H9) was once again evaluated 

using equation (3.2.4.1) and was plotted against molality of CaS04 in Figure 3.2.1~ The extrapolated 

values were consistent with an intercept of EO = -352.8 m.v. 

Glueckauf (4) prefers a modification of (E.3.2.7.6) in which lnYOH is replaced by the following 

activity coefficient expression: 

= - L\s (1 + 0.5 lCa )2 
2 1 + lCa 

(E.3.2.7.8) 

This equation was proposed by Glueckauf (6) in an effort to correct for the approximations in lnYOH' 

It is based on the work of Kirkwood (12) in that it closely approximates Kirkwood's equation for 

concentrations up to lCa = 1.0. Values of lnYKG were calculated and used to give new values of EO, 

but the differences in YDH and YKG were negligible at low concentrations, and the extrapolated value 

of EO was unchanged by this analysis. 

Values of -lny! are compared in Table 3.2.8 for all the various treatments outlined above using 

a rati 0 of sla of 7.2. The d iscrepanci es between the Guntel berg and Debye charging processes, for 

both the unmodified and modified P-B treatments shows that both treatments are imperfect. Values 

based on Outhwaite's work (69) should be preferred on the grounds outlined previously, but a decision 

as to which set of activity coefficients are best is unnecessary for the present purpose. This is 

because all the treatments give good agreement when used to obtain extrapolated EO values. The 

difference between the value derived using the PBG treatment (-352.8 m.v.) and that derived from all 

the other treatments, including the ion-pair concept of Bjerrum (-352.6 m.v.), is small compared with 

the sum of the eXperimental precision and the possible systematic errorS. This result is strong 

evidence that all these methods of obtaining EO are adequate. Compared with the semi-empirical 

method discussed in section 3.2.4, of plotting ET against (m and extrapolating to zero concentration, 

any of the methods used in this or the preceeding section results in a negligible uncertainty in 
o 

EpbS04/Pb(Hg), 
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TABLE 3.2.8 

Solution lCa 

_. 
G I 0.3199 

H 
I 0.2594 I 
! 

I ; 0.2011 

J 0.1500 

K 0.1162 

L 0.08647 
I I 0.06658 M , 
I I 

CALCULATED VALUES OF THE ELECTROSTATIC 

CONTRIBUTION TO -lny+ FOR A 2:2 ELECTROLYTE 

WITH s/a = 7.2 

-lny /1 ec. 

O-H PBO MPBO I PBG 
(OH) 

--- ._-._-- ----t--_ ... _-_._-_ ... - ---

0.8725 1.0246 1 .0748 1.0689 

0.7415 0.8896 0.9271 ! 0.9285 I 

! i 
I 0.6027 0.7399 0.7656 , 0.7702 

I 0.4695 i 0.5881 0.6043 0.6091 
I 

0.3748 I 0.4739 ! 0.4842 0.4891 I 

I 
I 
I 

0.2865 0.3626 I 0.3684 0.3721 
I I 

I 0.2247 i 0.2852 0.2880 I 0.2819 I 

I I 
I I 

3.2.8 Re-~nalYSiS of e.m.f. data for sulphuric acid 

PBG MPBG 
(KG) i 

I 
: 

i 1 .0858 

0.9383 

11.1326 

i 0.9756 
J 

, 
0.7752 i 0.8029 

I I 
, 0.6113 ! 0.6296 

i 
0.4903 ! 0.5014 

i 
: 0.3786 0.3726 

1 0.2882 ' 0.2914 
j 

A large discrepancy exists between the standard electrode potential for the lead sulphate 

two phase lead amalgam electrode required to fit the present data, and the value deduced by Shrawder 

and Cowperthwaite (S and C) (29) from results on the cell 

Pt, H2 / H2SO,+ (m) / PbSO,+ (s) I Pb(Hg) Cell I 

It was decided to re-analyse the raw data of the above authors and those of Baumstark (34) for the 

same cell, in order to determine whether this discrepancy was due to the observed cell potentials, or 

to the extrapolation procedures used. 

The cell potential is given by 

E 

Baumstark expressed his results in the fonn 

• E' + RT ln 4m 3 

2F 

(E.3.2.8.1) 

(E.3.2.8.2) 

He plotted EOH against mi and used a linear extrapolation of the data. giving for the intercept 

EO E -352.17 m.v. This procedure is open to many Obv1ous crit1cisms. but the neglect of both ion 

association, and deviations from the O-H limit1ng law. coincidentally resulted 1n a 11near relat1on­

ship over almost the whole concentrat1on range stud1ed. and the intercept gives a reasonable value 
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for EO. Shrawder (29) assumed that the first dissociation of sulphuric acid was complete, but that 

only a fraction a of the resulting bisulphate ions were dissociated. 

The dissociation constant of the bisulphate ion, given by 

aH+ aSO~­

aHSO -.. 
(1 + a)m (am + Z) 

(1 - a)m Y 
HSO .. -

(E.3.2.8.3) 

was taken as 0.0120 mole kg-I. This is the value deduced by Hamer (52). More recent determinations 

by both e.m.f. and spectrophotometric methods pOint to a lower value in the region of 0.0104 ±0.OOO4 

(43,53). In equation (3.2.8.3) the activity coefficients refer to free ions, and Z is the solubility 

of PbSO .. in the given sulphuric acid solution. Using this nomenclature, equation (3.2.8.1) was 

expressed as 

E 

and was re-arranged in the usual way to give 

E + RT ln (am + Z)(l + a)2m2 
2F 

(E.3.2.8.4) 

(E.3.2.8.5) 

In order to calculate the degree of dissociation of the bisulphate ion. Sand C assumed that for any 

solution YH+ and YHSO- were equal. Equation (3.2.8.3) was then solved by making the additional .. 
assumption that YS02- was given by the Gronwall, LaMer and Sa~dextension (11) of the O-H equation. 

It 
An ion size of 0.3li4nnwas employed. This was the distance giving best agreement with e.m.f. data 

for cadmium sulphate and zinc sulphate. The standard cell potential was determined by plotting EO* 
against m~. Shrawder (29) stated that EO* approached the Oebye-HUckel limiting slope as the 

concentration decreased, and that EO was evaluated by taking values of EO* which fell on the' 

limiting slope and adding to them appropriate values of 3RT/nF lny computed with the aid of the 

limiting law. These statements will be referred to again shortly. 

The method used by S ~nd C is open to a number of criticisms. The most obvious is that Hamtr's 

value (52) of K2 is no longer considered to be correct. The assumption that YH+ • YHSO .. - may 

introduce some error. but this or some equivalent assumption is difficult to avoid. Use of the 

Gronwall. LaMer and Sandved expression (11) for the single ion activity coefficient of SO~- is 

difficult to justify. Estimating single ion activity coefficients is always best avoided if 

possible, but in this case YSO~- may be used in equation (3.2.8.3) without significant error 

provided the value of K2 has been determined from a similar equation using the same expression for 

YS02- and the same assumption that YH+ • YHSO -. 
.. It 

Hamer (52) used the O-H limiting law expression. 

while later workers used O-H expressions of the form of equation (3.2.6.1). It is clearly 

inconsistent to determine a value of K2 using YS02- given by a O-H expression, and then to use this 
It 

value of K2 to calculate YS02- values using a different expression. even if the only chang. is in 
It . 

the distance of closest approach parameter in the same O-H equation. Use of a Gronwall. LaMer and 
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Sandved expression is particularly inappropriate, since this extended form of the D-H equation 

was designed as an alternative to the use of dissociation constants. The activity coefficients 

given by this equation are therefore stoichiometric rather than for free ions. 

Literature' values for the solubility of PbS04 in H2S04 solutions used by Sand C are generally 

in good agreement with more recent values (54,55 and 56) except at the lowest concentrations. The 

error in the earlier values is not of great importance with Shrawder's own results. but is of 

significance at the lower concentrations used by Baumstark (34). Equations (3.2.8.4) and (3.2.8.5) 

are slightly different to those given in reference 29 in that the former equations assume complete 

dissociation of all dissolved lead sulphate, while Sand C assume the same degree of dissociation as 

that of the HS04- ion. Calculations using a dissociation constant of 0.0045 mol kg- 1 for PbSO~ 

ion pairs shows that the real situation is closer to that given by equations (3.2.8.4) and (3.2.8.5). 

but that both assumptions are adequate. 

At a low enough ionic strength. the concentration dependence of EO* must be given by the D-H 

limiting law: 

(E.3.2.8.6) 

where A is a constant closely related to the previously defined constant S. At the concentrations 

used by Shrawder (29). a mOre refined equation of the form given by (E.3.2.6.1) should be required. 

where m is replaced by ionic strength calculated on the basis that only free ions contribute. and the 

denominator 1 + p{f is introduced. If p is arbitrarily set at unity, the denominator is significan,tly 

different to unity (1.055) even at the lowest concentration used by Sand C (0.001 molal). 

In view of these various criticisms of the procedure used in reference 29. it was thought rather 

odd that the three experimental pOints of lowest concentration should all fall on the limiting slope 

when plotted against~ This assertion. made by the authors. was checked by measuring the gradient 

of the D.H.L.L. curve given in their Figure 3. A value of 0.129 V kg~ mol -I resulted. A more 

accurate assessment of this gradient was made by dividing (EO* - 'EO) by mi. for the three points of 

lowest ionic strength. The authors' value of EO was used (-350.52 m.v.) and values of EO* were taken 

from their Table Ill. This method gave gradients of 0.128.0.127 and 0.127 V kg i mol-i at 

concentrations of 0.001.0.002 and 0.005 molal. The theoretical gradient using modern values for 

RTfF and the O-H limiting slope is given by 

aEO' '" 3 RT arm IT 
• 0.1564 V kgi mol-t 

This large discrepancy cannot be accounted for by changes in the values assigned to constants. 

Values used by the LaMer school at the time of reference 29. lead to a gradient of 0:155 V kgt mol-t , 

It follows that the extrapolation used by Shrawder (29) was merely an arbitrary straight line passing 

through the three points of lowest concentration. This means that the extrapolated value of 

E~bS04fPb(Hg) cannot be relied upon to give an accurate result and the value of Sand C should not 
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be given any greater weight than Baumstark's value (34). 

The present analysis of the data was carried out on the same basis as that for CaSO~. 

Equation (3.2.8.3) was solved for a by setting YH+ equal to YHS0
4

- and by calculating the activity 

coefficient of free sUlphate ions using 

1nYf (E.3.2.8.7) 

where I is given by m(l + 2a) + 4Z. Estimated values of Z at each H2S04 concentration were made 

from a best curve of solubility data used by Sand C and from the later results of references 54. 55 

and 56. The same type of iterative procedure was utilised and an arbitrary value of K2 = 0.011 was 

used in combination with distances of closest approach for free ions of 0.714, 0.536, 0.357 and 0.236 

nm. For sulphuric acid these distances correspond to qB' 0.75 qB' 0.5 QS' and QS/3, respectively. 

The equations were also solved for a using an arbitrary q distance of 0.536 nm in conjunction with 

dissociation constants of 0.009,0.010,0.012 and 0.013 mol kg- 1 • The raw data of both Baumstark 

(34) and of Sand C were treated in the same manner, and E~bS04/Pb(Hg) was calculated by substituting 

the resu1 ts into 

EO' 
PbS04/Pb(Hg) 

Ece11 + RT 1n (am + Z)(l - a)2m2 - 3RT S li (E.3.2.8.8) 
2F T (1 + q [f/ao) 

Once again if optimum values are chosen for K2 and q, a linear dependence of EO' on ionic strength 

is expected. 

Figures 3.2.13 and 3.2.14 show results based on Shrawder's data plotted against I, and Figure 

3.2.15 gives results for both sets of data on the same graph. It is apparent that Shrawder's (29) 

results show less scatter, but that both sets of data are compatible with a common intercept at 

I = 0 of -351.6 m.v. Errors were estimated as ±0.2 m.v. for systematic errors. ±O.l m.v. for 

uncertainty in the adequacy of the extrapolation technique. and ±0.3 m.v. as the 95S confidence 

limits of the intercept. The latter is a function of scatter in the combined data. This 

analysis indicates that about half the discrepancy between Shrawder and Cowperthwaite's (29) 

value for EO and that deduced from the CaS04 data was due to differences in extrapolation procedure. 

This still leaves a difference of 1 m.v. to be accounted for. A number of explanations are possible: 

(i) the difference could have arisen by chance due to random experimental errors 

in the resul ts ; 

(ii) differences in the chemical purity of the amalgam used. or possibly differences 

in the physical nature of the solid phase Pb2Hg or PbSO~; 

(iii) errors due to incomplete exclusion of oxygen; though the direction of t~ 

difference necessitates that oxygen was present in the CaSO~ solutions to a 

greater extent than in the H2S0~ solutions. This is thought to be unlikely in 

view of the reproducibility and stability of the CaSO~ results. which indicate 

that the comprehensive precautions taken to prevent oxygen contaminating the 

amalgam were successful. 
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FIGURE 3.2.15 
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3.2.9 Stoichiometric activity coefficients of H,SO .. 

The availability of accurate stoichiometric activity coefficients for sulphuric acid 

would enable a choice to be made between the two EO values. Numerous investigations of the 

stoichiometric' activity coefficients of sulphuric acid are present in the literature. Cell e.m.f. 

measurements have been the most frequent source of data. but freezing point and vapour pressure 

methods have also been used. The range of values is as great as 20% at a concentration of 0.02 

molal. This is unfortunate since H2S04 is often used as a primary standard in isopiestic work. 

Until recently the accepted results were those of Harned and Hamer (62). for cells IV and V. 

These were put on an absolute scale by extrapolation of Hamer's results (63) for the cell 

Cell V 

Hamer's value (52) for the dissociation constant of the bisulphate ion was used in the extra­

polation. Covington et al (64) concluded that Hamer's results for cell V were in error. 

particularly at low concentrations. Covington found consistent results for cell V and for 

Cell VI 

These results are considered the most reliable. but some uncertainty was attached to the values. 

due to uncertainty in the bisulphate ion dissociation constant and the distance of closest approach 

parameter. The results did not extend to sufficiently low concentrations to enable non-linear 

extrapolations to be of use., This led to an uncertainty in the EO values of ±0.4 m.v. 

The results of Shrawder and Cowperthwaite (29) and of Baumstark (34) using the two phase 

lead amalgam electrode have been largely disregarded by recent authors. possibly because of the 

disparity between sulphuric acid activity coefficients quoted in references 29 and 34. but also 

because of the adverse opinion of the reliabilitv of the electrode in acid solution formed by 

Harned and Hamer (32). The present analysis of both sets of data has shown that these objections 

are largely invalid. and the uncertainty in the extrapolated value of EO is comparable with that 

of EO for other electrodes. The difference between EO derived from the H2SO .. results and that 

derived from the CaSO .. results is not of imoortance. provided this reflects a true difference in 

standard electrode potential due for example. to a different physical nature of the lead amalga •• 

Stoichiometric activity coefficients were calculated by re-expressing equation (3.2.8.1) as 

(E.3.2.8.9) 

and taking EO as -351.6 m.v. The resulting values for Shrawder and Cowperthwaite's data are shown 

in Table 3.2.9. The positive and negative error limits correspond to EO values of -352.0 m.v. and 

-351.2 m.v. respectively. Also shown are values of Yt given by Harned and Hamer (62) and valuls 

calculated from the results of Covington et at (64). It is seen that the present results fall at 

intermediate values. An EO value of -352.6 m.v. forces exact agreement with the results of 

Covington. The concurrence of this value with EO derived from the Ca SO .. e.m.f. data is thought to 
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TABLE 3.2.9 

Molality 
of H2S0~ 

I 
0.001 

0.002 
i 

0.005 
i 
I 

0.010 

I 0.020 
i 

COMPARISON OF STOICHI~1ETRIC MEAN 

MOLAL ACTIVITY COEFFICIENTS FOR H2S0~ 

Stoichiometric Activity Coefficients 

Present analysis of Harned and Hamer 
Sand C data (ref. 62) 

.. --- ----- - -- ._._-- -- ---_.- --_ .. _ .. _---_.- - ~-

I 
0.818 ±0.OD8 0.830 

0.749 ±0.007 0.757 

I 0.630 ±0.006 0.639 
I 

0.529 ±O.OOS 0.544 I 

i I ! 0.433 ±O.OOS 0.453 _.L-_________ . ___ . __ ~ __ -. .'_ .. _0·_--___ -- i 

C, 0 and W-J 
(ref. 64, cell Il) 

0.516 

0.420 

be coincidental, but does indicate that the "true" standard potential of the two phase lead amalgam 

electrode may be closer to -352.6 than-3S1.6 m.v. Consideration of the uncertainty in the present 

results and those of Covington leads to the conclusion that the stoichiometric activity coefficients 

calculated from these two sources of data are, within experimental error. the same. 

3.2.10 Evaluation of bisulphate ion dissociation constants 

Since a more reliable extrapolation of the cell e.m.f. data had been carried out. it was 

considered worthwhile to continue this treatment of H2S0~ by evaluating values of Ko and the distance 
+ 2-of closest approach of H and SO~ ions. 

Sulphuric acid activities given by 

(am + 1)(1 + a)2m2 YS02- Y~ .. (E .3.2.10.1) 

were calculated from equation (3.2.8.4). For any given value of q. values of YS02- and YH+ were .. 
estimated using (E.3.2.6.1) by choosing an initial value of a in order to calculate a value for I. 

Substituting values into (E.3.2.10.1) gave a cubic equation in a which was solved iteratively and the 

ohysically reasonable root chosen. This enabled better estimates of the free ion activity 

coefficients to be calculated. and the cycle was continued until self consistent values of a and y 

were obtained. These values were then substituted into (E.3.2.8.3) to give a value of K2 • This 

procedure was carried out using q values of Y3' lh. % and 1 times qB in conjunction with EO • -351.6 

m.v •• and with q • 0/ .. qB in conjunction with EO • -352.0 and -351.2 m.v. 

Values of log K2 for Shrawder and Cowperthwaite's data (29) are shown plotted against ionic 

strength in Figures 3.2.16 and 3.2.17. Figure 3.2.18 presents the data of both Sand C and of 

Baumstark (34). for EO • -351.6 m.v. and q • 3A qB' For all pairs of EO and q values. the points 
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FIGURE 3.2.16 EVALUATION OF K2 FOR SULPHURIC ACID FROM THE DATA OF S. AND C. 
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FIGURE 3.2.17 EVALUATION OF K2 FOR SULPHURIC ACID FROM THE DATA OF S. AND C . 
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are shown extrapolated to I = zero, in a linear manner giving rather more weight to the data at high 

concentrations. This is because as the concentration approaches zero, small experimental errors, or 

a small error in EO result in wildly divergent values for the dissociation constant. Consequently, 

the precision of the intercept is not high and the resulting values of K2 must be given rather wide 

error limits. The values of the ion pair dissociation constant of HSO; are summarised in Table 

3.2.10. It is seen that an uncertainty of about ±O.nOB mol kg- 1 arises from imprecise knowledge of 

EO, and that for a given EO value an uncertainty of ±O.004 mol kg- 1 remains due to doubt as to the 

suitability of the extrapolation. The variation of K2 with the distance defining ion pairing should 

not be judged as representing the same type of uncertainty, since a relationship between the two is 

physically necessary. Whether the observed numerical relationship is physically reasonable is 

perhaps best judged by using the Bjerrum treatment to test whether the distance of closest approach 

is effectively constant over a range of q values where the theory should be expected to hold. It is 

clear from the results that this system is unsuited to precise determinatfons of K2, due to the 

nature of the cell used. Table 3.2.10 also gives values derived by Covington et aZ (53) using the 

cell 

Cell VII 

This and other buffered cells discussed in reference 53 should give more reliable values for K2. 

The present results are higher than those obtained using Cell VII, but the differences are probably 

within experimental error. 

3.2.11 + 2-The distance of closest approach.of H and SO~ ions in the 

Hsoi; ion-pair 

\ , 
For an unsymmetrical electrolyte, derivation of the relationship between Ko and a using 

the Bjerrum treatment is not as straightforward as that given for 2:2 electrolytes. Since this does 

not appear in any of the standard texts, it is outlined below. 

If a central SO~- ion is conSidered, the number of H+ ions (NH+) within the distance a + q of 

the central ion is given according to Bjerrum's treatment by NH+ • 4n nH+ (2qB)3Q, where nH+ is the 

total concentration of H+ ions per c.c. (assuming qB is expressed in cm) and the other symbols have 

been previously defined. If the total concentration of so~- ions is m (the stoichiometr1c 

concentration of H2SO~), then the concentration of ion pairs is given by 

• (E.3.2.11.1) 

where L is Avogadro's constant. 

If a central H+ ion is considered, the number of so~- ions w1thin a + q of the central 10n is 

only half NH+. but since the total concentration of H+ ions is 2m, the concentration of 1on-pa1rs 1s 

again given by equation (3.2.11.1). 
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TABLE 3.2.10 ION PAIR DISSOCIATION CONSTANTS FOR 

THE BISULPHATE ION 

..---------------------- -----------------~------ -- ----- .--- ---

, 0.536 

1
0.357 

I 0.236 

. Present analysis of 5 and C's results (ref. 29) Cov1ngton et al (ref. 53) 
-- ------- ------- ------1 

q/nm q/Ml , EO = -352.0 m.v. EO = -351.6 m.v. EO .. -351.2 m.v. 

I 
-t---+---+--.l 

O.OlOB ±0.OO04 
, 

(% qB) I 0.0106 0.0112 ±0.OOO4 

0.0118 ±0.OO04 

0.0122 ±0.OOO4 

0.0123 
0.517 0.0105 

0.304 0.0116 
(Y2 qO) ! 
(l/g qO) I 

L-______ ~~ _______ ~ __________ ~~ __ . ________ ~ _______ ~~ __ . __ . ___ _ i 

TABLE 3.2.11 THE DISTANCE OF CLOSEST APPROACH rF 

H+ AND 50;- IN THE HS04 ION PAIR ACCORDING 

TO THE BJERRUM TREA'P1ENT AND usnfi 
EO ~ -351.6 m.v. FOR CELL I 

Distance Distance of 
def.1n1ng ion pair closest approach 

(q)/nm (a)/nll 

0.714 (qB) 0.155 

0.536 (3A. qB) 0.154 

0.351 (% qB) 0.153 

0.236 (lh qB) 0.149 
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Defining the degree of dissociation a as 

a 

--m 

the ion pair dissociation constant Ko may be expressed as 

am (1 + a) m 
(1 - a) m 

y y 
SO~- H+ 

YHS04-

but (1 - a)m is the concentration of ion pairs given by (E.3.2.11.1) so that 

1);1 411 2L (2qB)3 Q 

1000 a (1 + a) 

(E,3.2.11.2) 

(E,3.2.11.3) 

but as m + 0, a + 1 and all the activity coefficients also approach unity. Under these conditions, 

KQl (E.3.2.11.4) 

This equation is identical to (E.3.2.6.6), derived for CaS04 ion-pairs, except that Q8 for a 2:1 
\ I 

electrolyte is only half the size of qs for a 2:2 electrolyte. The relationship between Ko and a is 

therefore given as before by equation (3.2.6.7). 

Pairs of Ko and q values, calculated in the previous section using EO • -351.6 m.v., were used 

in equation (3.2.6.7) and the resulting value of'a' are shown in Table 3.2.11. It is apparent that 

. a'is insensitive to change in q over the range ~qB to qs' a distance of 0.154 nm being required to 

fit the dissociation constants over this range. The question of whether this distance is physically 

reasonable is obscured by the unsuitability of the 8jerrum model to represent the two stage process 

(72) involved: 

3.2.12 Stoichiometric activity coefficients for CaS04 

The evaluation of y± for the calcium sulphate solutions rests primarily on the value 

taken for the standard potential of the two phase lead amalgam. It is important to distfnguish 

between the "true" and "experimental· values of this potential. As a consequence of the unresolved 

discrepancy of 1 m.v. between the EO values derived from CaS04 and H2S04 cells and the uncertainty 

in each. the "true" standard potential is not known to better than il m.v. The relevant potential 

required in the evaluation of stoichiometric activity coefficients. is the effective.rD value of the 

electrodes used. This may differ from the "true" potential due to impurities or due to solid 

phases being in metastable states (e.g. small Or strained crystals). Since· all the methods of 

extrapolating the CaS04 results give consistent values for the "experimental" standard electrode 

potential within the precision of the measurements, it is this value of -352.6 m.v. which should be 
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used to evaluate y± for Ca504 • This concept also means that any difference between the value taken 

for the standard potential of the Ag/AgCl electrode and the experimentally effective value would also 

be automatically allowed for by the present analYSis. The only restriction in using this distinction 

between "true" and "experimental" standard potentials is that all the electrodes used must have the 

same standard potential. Bias potential checks showed that this was true for the Ag/AgCl electrodes, 

and the observed reproducibility of transfer potentials from different cells of the same CaS04 

concentration indicated that this was also the case for the lead amalgam electrodes. 

Activity coefficients were calculated for the seven calcium sulphate solutions using equation 

(3.2.4.1) viz. 

E' 
T 

The resulting values are given in Table 3.2.12 using EO ~ -352.6 m.v. Values of y± derived by 

Gardner and Glueckauf (3) to fit Brown and Prue's (5) freezing point data, were interpolated as a 

function of temperature and concentration from the data in Table 3 of reference 3. These are 

also presented in Table 3.2.12. Activity coefficients derived by P1tzer (49) from the same 

freezing ooint data and using a similar analysis to that of Glueckauf are almost identical to 

Glueckauf's values at low concentrations, but are slightly higher than his at the two highest 

concentrati ons. 

The error limits shown in Table3.2.12 were calculated by adding the error limits given in 

Table 3.2.5 for E~ to the estimated error in the "experimental"value of EO The latter was taken 

to be the sum of the 95% confidence limits calculated from the standard error of the intercept 

(±O.16 m.v.). the uncertainty in the validity of the activity coefficient expressions used in the 

extraoolation (±O.l m.v.). and the systematic errors (±O.15 m.v.), giving a total of ±O.4l m.v. 
I 

The systematic errors are already included in the estimated error limits of ET' so that the pertinent 

uncertainty in EO is ±O.26 m.v. Part or all of the systematic error in E~ should also be 

discounted when estimating y ±,since the method of estimating the "experimental" value of ~PbS04/Pb(Hg) 

should be, in part. self-compensating. This fact was disregarded. 

Comparison of the present results with those of Glueckauf (3), shows that at the two lowest 

concentrations, the values are within experimental error the same. At higher concentrations the 

two sets of values deviate, but inclusion of error limits for Glueckauf's results would probably 

enable the differences to be reconciled. 

3.2.13 Osmotic coefficients of calcium sulphate solutions 

Osmotic coefficients were calculated by utilising the relationship 

• • ~ + cl (E.3.2.13.1) 
2 

in which a is the fraction of free calcium ions and .f is the osmotic coefficient of free ions. 
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TABLE 3.2.12 

CaSOIj 
molal ity 
/mol kg- l 

I 0.01518 

I 0.00998 
I 0.005997 
I 
I 

0.003336 

0.002003 
I 
i 0.001109 
I 

0.0006576 
I 

I 

STOICHIOMETRIC MEAN MOLAL IONIC ACTIVITY 

COEFFICIENTS OF CaSO, IN AOUEOUS 

SOLUTION AT 250C 

~-

I Stoichiometric activity coefficients of CaSOIj 

--r 
Present resul ts I G and G 

I ref. (3) 

0.338 ±0.006 0.317 

0.388 ±0.008 0.369 

0.454 ±0.009 0.436 

0.535 ±0.010 0.519 

0.609 ±0.014 0.591 

0.681 ±O.O17 0.675 

0.751 ±O.020 0.739 
-- l 

The equation implies the assumption that ion-pairs behave ideally. It would have been preferable 

to use stoichiometric activity coefficients in a direct Gibbs-Duhem integration: 

~ .. 1 + ! Im'zm m'd In Y
t 

m' .. o 

(E.3.2.13.2) 

Unfortunately the integration from rn' a zero up to the lowest experimental concentration is difficult 

without an accurate analytical expression for lny
t

• 

In order to calculate ~f it-was convenient to use a pair of Ko and q values which gave a linear 

relationship between EOI and I. Such a pair are Ko .. 0.0043 and q • 0.714 nm. which gave (using a 

least squares fit) the relationship 

• -352.67 - 54.8 ~Ij (m.v.) (E.3.2.13.3) 

Combining equations (3.2.6.1) and (3.2.6.2) and adding a term kI to 1nYf to account for the linear 

dependence 9i ves 

EOI 
• 354.47 - ET + 25.692 ~n mf - 4 x 1.172 Ii' + kI] (E.3.2.13.4) 

1 + 7.14 x 0.3291 If 

Using this equation with k • zero, gave equation (3.2.13.3). It follows that the correct value of k. 

required to make EOI independent of I is given by 
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k + 54.8 
25.692 x 4 

0.533 kg mo1- 1 

The usual Gibbs-Duhem relationship between activity and osmotic coefficients then gives 

~f - 4 s (R - 2 1n R - 1) + k 
~ R 2 

where p = q/ao and R = 1 + p Jl[ 

(E.3.2.13.5) . 

Osmotic coefficients calculated in this manner are shown in Fig. 3.2.19 plotted against molality 

of calcium sulphate. The experimental results of Brown and Prue (5) are given for comparison. 

These are seen to be within experimental error of the present results, except perhaps at the highest 

concentration. A correction for the temperature difference between the two sets of data would 

exacerbate this difference, since Pitzer (49) suggests that for divalent sulphates 

- 0.008 ± 0.008 • 

3.2.14 The thermodynamic solubility product 

This may be calculated directly from Equation (1.1.1), viz. 

where rns = 0.01518 mol kg- 1 (see Part 11 of this thesis) 

y± = 0.338 ±0.006 

and 8w = exp (- 0.036 ms ~s) = 0.9995 • 

The result is 

(2.63 ±O.09) x 10- 5 mo12 kg- 2 

Any error in the measured solubility of gypsum (ms ) is irrelevant, since its prior use in 

calculating y± exactly compensates for any error present. The solubility product could have been 

calculated directly from the results without any knowledge of ms' except for its use in calculating 

the corrections arising from PbSO~ solubility. 

This value for the solubility product lies at the centre of the literature results discussed in 

the introduction, but the error limits are much smaller than those estimated for the literature 

values. 

3.3 MIXED CaSO~ - CaC1 2 SOLUTIONS 

3.3.1 EXperimental transfer potentials 

Using the lead amalgam electrode, the test cells may be represented IS 
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CaSO" ( ) 
(Hg) Pb / PbSO .. / sat - ml / calcium electrode 

CaC1 2 (m .. ) 
Cell IV A 

Since the solutions were all saturated with gypsum, the effect of dissolved PbSO .. was always 

negligible and has been ignored in the representation of Cell IV. The potential of cell IVA is 

given by Equation (3.2.1.1), and if the pOtential of cell III is subtracted, the transfer potential 

is given by 

= 

(E.3.3.1.) 

Alternatively. if the silver-silver chloride electrode is used, the test cell may be represented as 

CaSO" ( ) 
Ag / AgCl / sat - ml / calcium electrode Cell IV B 

CaC1 2 (m,,) 

The cell potential of which is given by 

"EO" EO + RT 1 ( 2) Ca - AgCl/Ag n aCa2+ aCl -
2F IYB 

Subtraction of the potential of the pure CaC1 2 reference cell leads to a transfer potential of 

(E.3.3.1.2) 

Transfer potentials are given for the four test cells in Table 3.3.1. Mean values are given in 

Table 3.3.2 together with 95% confidence limits calculated from the standard error of each mean. 

The solution pH values were within acceptable limits. 

3.3.2 Theoretical transfer ~tentials 

Since all the solutions were saturated with gypsum, ET(A) should be dependent only upon 

the water activity as influenced by the presence of calcium chloride. From equation (1.1.1) 

we have for any solution 

• 

If the present test solutions are denoted by X and water saturated with pure gypsum is denoted by 

G. then 

• 
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TABLE 3.3.1 

r-------- ---------r, -- ---

Solution I 

TRANSFER POTENTIALS FOR 

CaS04 - CaCl z TEST CELLS 

,- "----~---.- ~---~ -- ------------
.. --------------------,-----, 

Observed Transfer Potentials/m.v. 
No. and l 

CaC1
2 

. Date ,--------.------.-------,------------1 
- ET (B) 

Solution 
pH 

/mol kg 
mola1it'Y 1 I ET (A) 

-t-------t-----t----l 
I 

N 

0.005090 

15/11 /71 

16/11/71 

17 /11 /71 
18/11/71 

571.71, 571.61, 571.68. 571.70 
571.68,571.63,571.63,571.68 
572.03, 571.92, 571.93, 
571.82,571.88,571.71 
571 .80, 571 .97, 571.97 
571.87, 571.64, 571.54, 571.36 

571 .61, 571 .40 
571.56, 

NEGATIVE VALUES 
55.58, 55.57, 55.59 
55.59, 55.54, 55.53 
55.55, 55.59, 55.68 
65.62, 55.59, 55.60 
55.62, 55.54, 55.56, 
55.53 
55.54, 55.55 
55.48 

6.68 
19/11/71 
25/11/71 
26/11/71 571 .53 55.52 j 

---:--- -~-------

16/11/71 
17/11/71 

571.91, 571.89,572.06,571.84 
571.94, 571.73, 571.90, 571.94 

o 18/11/71 572.01,571.89,571.84 
0.03347 19/11/71 571.75 

25/11/71 572.71 
26/11/71 572.20 : _____________ 1 __ _ 

P 

0.31735 

16/11/71 572.30, 572.27 
17/11/71 572.23, 572.28, 572.29, 572.30 
18/11/71 ' 572.40, 572.46, 572.44, 572.47 

19/11/71 
25/11/71 
26/11/71 

572.49 
572.33, 572.43 
572.34, 572.22 
572.23, 572.41 

f------~-~ .. ----~----
, I 

17/11/71 607.19,·607.29,607.52,607.56 

Q 
0.97043 

18/11/71 

19/11/71 

25/11/71 
26/11/71 

, 607.56 
607.68,607.72,607.77,607.74 

607.70,607.50,607.57 

607.03,607.18 
606.55, 606.80 

POSITIVE VALUES I I 

0.88, 0.72 
0.73,0.71,0.87,0.77 
0.78, 0.75, 0.78, 0.72 
0.69 
0.79 

75.23, 75.24, 75.27, 
75.27 
75.24, 75.16 
75.00, 74.93 
75.13, 75.30 

123.13, 123.22, 123.22 
123.24 
123.22, 123.03, 123.02 
122.47, 122.55 
121.97, 122.20 

6.41 

-J 
! 

6.85 

6.83 

pH of calcium chloride reference solution (D) on 18/11/71 6.49 

~----------------------------------------------------.------.- -------~ 

-61-



TABLE 3.3.2 ~1EAN TRANSFER POTENTIALS AND CONFIDENCE LIMITS 

Mean Transfer Potentials/m.v. 

, CaC1 2 m~1!~1t~ ---;-i~-)-- r--9-5%~~~~i-de~c~---1---;-(;)------1-95% confidence 
I molality / 1 k 1 T i llmlts T : limits 

t~·~::~;-~~~~l~~;- 571.68 l-- ± 0.08 - 55.57 ± 0.-02---

I 0.03347 I 0.01005 571.91 ± 0.08 0.77 ± 0.04 i 

I I I I 0.31735 i 0.00772 572.35 ± 0.05 75.18 ± 0.09 i 
i 0.9704* I __ 0.0059* 607.41) i ± 0.20 122.84 ± 0.31 I 
>__ ____ '- ------__ L ____________________ l____________ __ l __________________________ J 

* Nominal values - see text 

Solution 

TABLE 3.3.3 THEORETICAL EFFECT OF WATER ACTIVITY ON ET~ 

,-------,-
I CaC1 2 ! 
I molalit~l i 
I /mol kg 

Water 
activity 

Change in 
Transfer potential 

/m.v. 

[ -------- -E-:P~~-t~- ----~ 

I 
Transfer potential 

/m.v. 
------r----------~r_--------~-----------------_+------------

G 0.000 0.9995 571.62 

N 0.00509 0.9992 0.006 571.63 

0 0.03347 0.998 0.041 , 571.66 
I p 0.3174 0.985 0.38 572.00 

I Q 1 O.97M 0.947 1.39 573.01 

- ------- __________________ 1___ _ _ __ ______ ____ ______ _ _ -.-1_ 
.. _------- --_._---

and 

= RT ln (aw) - RT ln (aw) 
F G T X 

Water activities were interpolated graphically using the data given for calcium chloride by 

Robinson and Stokes (43). The molality of calcium chloride was taken to be m~ + ml. but the 

correction for CaSO~ solubility was almost negligible. The calculated transfer potentials are 

given in Table 3.3.2 based on the mean observed value for solutions saturated with gypsum alone. 

The solution of lowest CaC1 2 concentration has almost exactly the predicted transfer potential and 
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the next two solutions are probably within experimental error of the expected value. These results 

provide excellent confirmation that cell IVA measures CaS04 activity. The transfer potentials of 

the most concentrated solution are clearly in error, and it is evident from the magnitude of the 

differences that some factor other than experimental error is involved. 

One possible explanation for this anomalv was that the calcium electrode was responding in a 

non-Nernstian manner at the hi~hest CaC1 2 concentration. This suggestion was checked for solutions 

P and 0 by making the reasonable assumption that the concentration of dissolved CaSO" had a 

negligible effect on the CaC1 2 activity. Theoretical transfer potentials (ET(B)) were calculated 

using equation (E.3.3.1.2) and stoichiometric activity coefficients of CaC1 2 obtained as before 

from equation (E.3.3.1.5) using the parameters of reference (41). The calculated values were 75.19 

m.v. and 121.77 m.v. for solutions P and Q, respectively. The agreement is excellent for solution 

P, but is in error by more than 1 m.v. for solution Q. This result is in accord with the results 

of Huston and Butler (57) who found deviations from a Nernstian response when the external test 

solution had a much higher calcium ion activity than the internal reference solution. After 

taking account of this error in the response of the calcium electrode, a discrepancy of 30 m.v. 

still remained unexplained. 

3.3.3 Investigation of IPbSOIj" solid phase 

The only remaining source of error was the sulphate responsive electrode, and the most 

obvious possibility was that the lead sulphate suffered some modification at high CaC1 2 concentrations 

which altered the equilibrium Pb 2+ ion concentration adjacent to the amalgam. Either solid solution 

or the formation of new compounds could produce this result, and X-ray diffraction should be capable 

of detecting either type of phase change. In preparing samples for study by this technique a number 

of observations were made. The pure lead sulphate crystals were too small for their shape to be 

distinguished by the unaided eye, and settled slurry had a high density. On adding CaC1 2 solutions 

of concentration higher than about 0.5 molal. crystal growth occurred overnight giving needle shaped 

crystals up to 3 mm in length. Alter shaking the mixture to break up the interlocked crystals, the 

slurry settled to only about a fifth of the original settled density. These changes did not occur 

when dilute CaC1 2 solutions were used, and therefore indicated formation of a new compound rather 

than solid solution in the lead sulphate crystals. 

The results of the X-ray diffraction studies showed Quite clearly that samples Xl, X4. X6 and X9 

were all pure PbSO". All major peaks predicted by the A.S.T.M. index (58) were present at the 

correct angles and with about the expected intensity ratios. No spurious peaks of significant 

intensity were observed. For samples X2, X3, X5, X7 and X8, all traces of PbSO" were absent. 

The peak patterns could be completely explained, both in position and intensity, by a 1:1 mole 

ratio of PbC1 2 and CaSO".2H20. Slurries having CaC1 2 concentrations of 0.97 or 0.78 molal were usid 

for all these samples. For the samples having a pure PbSO" solid phase, CaC1 2 concentrations of 

0.0, 3.2, 5.0 and >1.0 molal were used. These results imply that at high and low concentrations of 
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CaC1 2 • the stable phase is pure PbS04 • but that for intermedfate concentrations in the very 

approximate concentration range 0.6 to 1.5 molal. the reaction 

proceeds until all the solid PbS04 has reacted. This rather odd conclusion may be explained by 

considering the solubilities of PbS04 and PbC12 in CaC1 2 solutions. F~gure 3.3.1 shows the data 

of Hertz and Hellebrandt (59) and Tschischikoff and Schachoff (60) for the solubility of PbC1 2 

in CaC1 2 plotted as a function of J'I. On the same figure. the data of Beck and Stegmuller (61) 

for the solubility of PbS0 4 in NaCl is also plotted against ~. Literature solubilities of PbS04 

in CaC1 2 could not be found, but at low concentrations. the solubility in NaCl should be 

approximately the same function of ionic strength as the solubility in CaC1 2 since no common ions 

are involved. The dashed line shows the estimated solubility of PbS04 at higher ionic strengths 

than are experimentally available. This line was drawn so as to be consistent with the X-ray 

diffraction results. The diagram demonstrates that the experimental results are not unreasonable. 

The region of instability of solid PbS04 being a consequence of the pronounced minimum in the PbC1 2 

solubility curve. 
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Flr,URE 3.3.1 SOLUBILITIES ()F Pbr.1 2 Ar/f) PbSf)~ 
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4. ~UMMARY OF CO~CLUSIONS 

The following conclusions were derived from the work described in Part I. 

(i) It was shown that accurate activity coefficients for a 2:2 electrolyte can 

be obtained by an electromotive force method. 

(ii) The standard reduction potential of the lead sulphate-two phase lead amalgam 

electrodes used in this work was found to be - 352.6 ±O.4 mY. 

(iii) The thermodynamic solubility product of gypsum in aqueous solution at 250C was 

found to be (2.63 ±O.09) x 10- 5 mol kg-2 • 

(iv) Calculated osmotic coefficients of aqueous calcium sulphate solutions were 

found to be in good agreement with literature values derived directly from 

freezing point measurements. 

(v) Two alternative treatments of the results. one using the Bjerrum concept of ion 

association and the second employing non-linear solutions of the Poisson­

Boltzmann equation. both suggested that the distance of closest approach of 

calcium and sulphate ions in aqueous solution is 0.38 ±O.l nm. This distance 

is compatible with ionic dimensions. 

(vi) Reanalysis of literature electromotive force data obtained in sulphuric acid 

solutions, led to a value of - 351.6 mV for the standard reduction potential of 

the lead sulphate-two phase lead amalgam electrodes. The reason for the 

discrepancy of 1 mV between this result and that obtained in the present work 

is not known. Sulphuric acid activity coefficients were found to be within 

experimental error of modern values. 
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PAR T I I 

SOLUBILITY OF CALCIU~ SULPHATE DIHYDRATE 

2+ + 2- -IN THE SYSTEM Ca - Na - 504 - Cl - H20 



5. .LNl,~illLCTION 

5.1 "THE SEA WATE~ rlAliNESIA PROCESS" 

The Steetle,V Company operate a large scale process (120) in which magnesium hydroxide is 

precipitated from sea water by the addition of calcium hydroxide. The'supernatant liquor. normally 

referred to as "silent sea \~ater", corresponds essentially to the system Na+ - Ca 2+ - Cl- - SO~~ - H20 

with minor impurities of K+, Sr2+, Br -, COr and BO~-. One of the many technical problems associated 

with this process is that precipitation of more than about 73% (121) of the stoichiometric amount of 

Mg(OH)2 results in saturation of the solution with reference to gypsum. Operation at higher 

extraction percentages than this is fortunately possible due to the formation of relatively stable 

saturated solutions, but the concentration of deleterious impurities of calcium and sulphate in the 

product are increased, and the sudden precipitation of vast quantities of gyosum is not unknown. 

This is clearly an extremely complicated problem involving many aspects of physical chemistry. The 

three areas primarily concerned are (i) the kinetics of crystallisation; (ii) the surface chemistry 

of non-stoichiometric, high surface area precipitates in aqueous electrolYte solutions; (11i) the 

thermodynamics of mixed electrol,vte solutions. It is with the third aspect of this problem with 

which Part 11 of this thesis is concerned. The primary objective from this viewpoint, was therefore 

to derive soundly based equations which accurately predicted osmotic coefficients and calcium 

sulphate activity coefficients in the system referred to above. Such eauations, together with the 

thermodYnamic solubilitv product, would enable the eouilibrium solubility of gypsum to be predicted 

for any composition of solutes in the system. In addition. these equations would enable the 

magnitude of the thermodynamic driving force for crystallisation to be evaluated for any solution 

composition which was supersaturated with respect to gypsum. Achievement of this objective would 

then facilitate investigations of aspects (i) and (ii) of the problem in a more rigorous manner, 

This technical problem motivated the choice of the system studied. but having defined this. the 

aims of the work were widened to include the general problem of the thermodynamics of mixed 

electrolytes at moderate and high concentrations. 

5.2 REVIEW OF PERTINENT MIXED ELECTROLYTE SOLUTION THEORY 

The simplest theory of mixed electrolyte solutions is the "ionic strength principle" of Lew1s 

and Randall (95). This states, "In dituts solutions the activity coefficient of a given etzoong 

electrolyte is the same in all solutions of the same ionic strength". This theory 1s perfectly 

adequate provided the italicised restrictions 1n the statement are satisfied. In concentrated 

solutions, this principle breaks down due to the importance of "specific interactions" between 

groups of two or more ions. These interactions have been treated using two assumptions. In the 

first. they are formally represented using equilibrium constants for the formation of associated 

species. with a consequent reduction in the effective 10nic strength. In the second, the 
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l'nteractions are considered to modify the free energy of t"h 1 ti e so u on, but the ions involved 

retain separate identities, At high concentrations, it is sometimes advantageous to treat certain 

systems using a combination of these two assumotions. For arrueous solutions containing "strong" 

electrolytes of 1:1 and 2:1 charge types, the second method of treatment is clearly preferable; for 

mixtures containing weak electrolytes, such as acetic acid, the first method is more suitable; but 

for the system involved in this study, it is unclear which method of treatment is to be preferred. 

This is because calcium sulphate solutions can be treated as associated or unassociated depend~ng 

upon the manner in which electrostatic contributions are evaluated (see Part I of this thesis). 

Some of the most pertinent treatments of mixed electrolyte solutions are briefly discussed 

below under author headings. 

The paper by Tanji (19) was discussed in the introduction to Part I. The author treated 

soecific interactions between sulphate ions,and calcium, magnesium and sodium ions,using the ion 

pairing concept. All other specific interactions in the systems he studied were assumed to be 

negligible. The activity coefficients of all free ions, and charged ion pairs, were assumed to be 

given by the Davies (74) equation (E.1.2.2). Tanji used literature values for the solubility 

product of gypsum, and ion pair dissociation constants of CaSO~, MgSOe and NaSO~, to predict 

solubilities of gypsum. Experimental and calculated solubilities in single and mixed solutions of 

NaCl, MgC1 2 , CaC1 2 , Na2S0,+ and t1gS0,+ were compared. For solutions of ionic strength up to 0.15 

molar, Tanji considered that the two sets of solubilities were in close agreement. 

This method of analysis is very useful for low ionic strength solutions, since it gives reason­

able estimates of activity coefficients from information generallv available in the literatUre. 

Treatment of higher ionic strength solutions by this approach, would require additional terms In the 

activity coefficient expression to account for soecific interactions not represented by ion 

pairing. 

Gardner and Glueckauf 

These authors (4) have treated mixtures of 2:2 and 1:1 charge type electrolyte solutions. 

Numerical solutions of the unlinearised Poisson-Boltzman equation were used to calculate the 

electrostatic contribution to the non-ideality of the solutions. The experimental solubility 

measurements (7) of gypsum in sodium chloride solutions were treated b.y this approach. The 

electrostatic non-idea1ity was split into two terms: a Debye-HUcke1 leading term, and a terM 

referred to as a "MUller extension term" (see E.3.2.7.6). Glueckauf (4) represented the 

statistical contribution to the calcium sulphate activity coefficient by an expression of the form 

1n ystat • (E.5.2.1 ) 
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m2 is the molality of calcium sulrhate and ml the molality of sodium chloride. The unimportant 

constant K2 was obtained by comparison with results in reference (2), and the constants K12 and 

K1l2 were given values required to ~ive a good fit to the experimental solubilities. Equati'on 

) d b . d . 1 s tat . (5.2.1 was foun to e an lna equate exoression for ny unless the O-H term in (E.3.2.7.6) was 

reolaced by an alternative expression (E.3.2.7.8) proposed by lilueckauf (6). With this modification 

calculated values of lny± for CaS04 in the mixture, could be fitted to within ±l .5% of the experi­

mental values, for ionic strengths up to 6 molal. 

lilueckauf has not published any more general treatments of mixed electrolytes. Logical modi­

fications to his aoproach would be extension of the electrostatic terms to include mixtures of 

asymmetric char~e types, and replacement of his expression (4) for the statistical contributions 

(E.S.2.1) by expressions of the type used by Scatchard et a'l (98) for "non -Debye-HUckel" 

contributions. 

Reilly, Wood and Robinson 

Reilly and Wood (103) have developed an equation for the free energy of a general mixture of 

electrolytes. The equation, based on the work of Friedman (94), enables predictions to be made of 

the properties of mixed electrolyte solutions from a knowledqe of the properties of single elec­

trolytes and common ion mixtures. Reilly, Wood and Robinsnn (117) have derived corresponding 

equations for the osmotic and activity coefficients of multicomoonent electrolyte solutions. The 

equations allow for interactions benleen pairs of ions, but triplet interactions are only accounted· 

for under special circumstances. The two main restrictions of the method are that strong ion 

association is not adeauately accounted for. and the equations give no information concerning the 

concentration dependence of the properties. For systems in which strong ion association and 

triplet (and higher) interactions can be neglected, these equations are of great utility. They 

offer a major advantage over all other treatments in that a standard electrostatic contribution, of 

some arbitrarily assumed form, is not required. At low ionic strengths. when specific interactions 

between like-charged ions may be neglected, the equations are capable of good approximations for the 

properties of mixtures, based on the properties of single electrolyte solutions alone. The major 

problem involved in applying these equations to the present system is that, except under special 

conditions, certain properties are required which can never be measured. The equations require 

knowledge of the osmotic and activity coefficients of all the pure electrolyte solutions which 

make up the mixture at the same ionic stzoength as the miztulte. Such properties can only be 

hypothetical for calcium sulphate solutions at concentrations above the solubility limit. 

Scatchard 

Equations were derived by Scatchard (92) for the excess free energy. activity coefficient and 

osmotic coefficient of general mixed electrolyte solutions. In many respects these equations art 

similar to those developed by Reilly, Wood and Robinson (103.117). Excess free energies of the 
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mixture were expressed usinq prooerties of component sinqle electrolyte solutions at the same 

ionic strenqth, and additional terms involving the concentration oroducts of pairs of solute ionic 

strength fractions and further terms to account for asymmetry. Concentration dependence of the 

equations was introduced by using analytical expressions for the properties of single electrolyte 

solutions and also for the proportionality parameters involved in the additional terms. Oebye­

HUckel tvpe equations were proposed for the single electrolyte solutions, extended by semi-empirical 

terms, in linear and higher powers of ionic strength. 

Scatchard (97,98) has modified this treatment by using ions rather than neutral electrolytes 

as components. This greatly improves the predictive power of the equations. The new equations 

provide better estimates of activity and osmotic coefficients when data on only single salt systems 

are available. In addition, data on binary electrolyte solutions with a common ion can be used tn 

conjunction with single salt data, to calculate the properties of solutions containing more than 

three different ion tyoes. This was not possible with the earlier treatment of reference 92. 

In the context of the system involved in this investigation, the approach of Scatchard (97,98) 

suffers from the same problem as the method of Peilly et aZ (103,117) in that properties of pure 

calcium sulphate solutions above the solubility limit are reqUired. A second problem, is that 

the analytical expressions used for activity and osmotic coefficients of single electrolyte solutions 

are not suitable to express the concentration deoendence of these properties for aqueous 2:2 

sulphates. 

5.3 OBJECTIVES 

The objectives of this section were as follows. 

(i) To measure gypsum solubilities in aqueous solutions of the single electrolytes 

NaCl, CaC1 2 and Na2S04. and the binary electrolytes Na2S04 - NaCl and CaC12 - NaCl. 

(ii) To calculate stoichiometric mean ionic activity coefficients of CaS04 in the 

solutions. 

(iii) To check if a reasonable value for the solubility product of gypsum could be 

obtained from the solubility measurements. 

(iv) To develop equations which are capable of fitting the experimental solubilities 

over the whole concentration range. 

(v) To predict the experimental CaS04 activity coefficients using (a) only the 

properties of single electrolyte solutions; (b) the properties of solutions of 

single electrolytes and binary electrolytes with a common ion. 

(vi) To predict gypsum solubilities in the binary electrolyte solutions from~ht 

experimental solubilities in the single electrolytes. 

(vii) To develop general equations capable of predicting calcium sulphate activities 

and gypsum solubilities for any mixture in the Ca2+ - Na+ - SO:- - Cl- - H20 

system. 
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6. ~1<2E~n'1ENTAL 

6.1 MATERIALS AND APPARATUS 

6.1.1 Water and calcium chloride 

As for Part I. 

6.1.2 Sodium chloride 

Analar material was dried for two days at laOoC and stored in a desiccator. 

6.1.3 Sodium sulphate 

The Analar anhydrous salt was dried for two days at 2400C and stored in a desiccator. 

6.1.4 Calcium sulphate dihydrate 

Two samples of Analar "calcium sulphate dihydrate" were used. Material supplied by 

British Drug Houses Limited was used almost exclusively for solutions in which gypsum solubilitles 

were determined by calcium analysis. ~1ater1al supplied by Hopkin and Williams Limited was used for 

solutions in which gypsum solubilities were determined by a gravimetric technique. The B.D.H. 

material was unsuitable for this method of analysis due to impurities of calcium sulphate phases 

other than the dihydrate. Investigations of the chemical and physical states of these two samples 

are discussed in Appendix II .1 •. 

The suitability of the H. & W. material for the gravimetric method of analysis was tested by 

checking the loss in weight on conversion to the anhydrous salt; and by comparing calcium ion 

concentrations determined volumetrically, with those computed from the weights used in preparing 

solutions. It was found that the material stored in a desiccator as received gave acceptable 

(within 0.3% of theoretical) figures over the period during which measurements were made. 

6.1.5 E.D.T.A. (0.01 M solution) 

Analar E.D.T.A. (di-sodium salt dihydrate) was dried for one week at SOOC. Five litres 

of 0.01 M solution were prepared using a calibrated volumetric flask at 2SoC. The solution was 

stored in thick-walled polyethylene containers rather than glassware, in order to avoid any posslble 

slow reaction with calcium ions present in the glass. 

6.1.6 Calcium chloride (0.01 H solution) 

Analar calcium carbonate was dried at 150°C for two da.vs, and was carefully dissolved in 

a minimum of dilute Analar hydrochloric acid. The solutlon was bolled for two minutes and a drop 
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of methyl red indicator solution added. The solution was neutralised with dilute Analar.sodium 

hydroxide solution and was made up to the appropriate volume. 

6.1.7 Zinc chloride (0.01 M solution) 

This was prepared from Analar zinc granules and dilute Ana1ar hydrochloric acid. 

Details of the procedure used are given in Wilson and Wilson (75). 

6.1.8 Buffer solutions 

pH 10.0 and pH 10.8 buffer solutions were prepared by dissolving appropriate quantities 

of Analar ammonium chloride in Analar aqueous ammonia solution. pH 12 + 13 buffer solutions were 

prepared using fresh Analar sodium hydroxide pellets to give a 2 '1 solution. All buffer solutions 

were stored in thick walled polyethylene bottles. 

6.1.9 Indicators 

Erichrome Black T (76, p. 33): one part of dye was ground with 300 parts of NaCl, and 

the mixture stored in an airtight container. 

o-Cresolphthalein Complexone: this indicator is known under five other names. see 

Welcher (76, p. 47). The indicator (16 1119) and naphthol green (4 mg) were dissolved in 2 m1 of 

pH 10.8 buffer and 30 ml of water. Fresh solutions were prepared each day. though the indicator 

did not deteriorate seriously for up to three davs. 

Patton and Reeder's Indicator (76. p. 39): this was used in its commercial form. Ca1. 

Red, which is a 1:100 mixture with sodium chloride. 

Murexide (76. p. 61): this was used as a ground mixture of 0.5 9 in 20 9 of NaCl. 

6.1.10 Magnesium - E.D.T.A. complex 

A solution of 0.1 molar Analar MgS04 ·7H20 was prepared, and to 30 ml of this solution. 

10 ml of pH 10 buffer was added. A little Erichrome Black T was added. and the solution titrated 

using 0.01 M E.D.T.A. until the red solution had almost changed to a stable blue (i .e. just a 

trace of red remained). 

6.1.11 Volumetric glassware 

All pipettes and burettes were grade A standard. but were calibrated at ~50C by weight 

titrations using deionised water. It was found necessary to calibrate the 50 ml burette at 5 ml 

intervals and to use a correction curve. A 10 ml burette used for "pendulum" end points was found 

to be of adequate accuracy. but corrections were necessary for two pipettes. All the burettes used 

were of the automatic filling type. 

-71-



6.1.1Z Sample bottles 

Two types of bottles were used for equilibration of gypsum with the various solutions. 

Bottles having a capacity of 50 cm 3 were used when the method of solubility determination was by 

volumetric analysis of equilibrated solution. When a gravimetric method was used, 500 cm 3 bottles 

were used .. The latter were designed with ,'ound bottoms, and with smooth curves of large radius 

between the neck and lroain body in order that all solid gypsum could be easily washed out. All the 

bottles were sealed with P.T.F.E. sleeves and socket stoppers. 

6.1.13 Samole eouilibration 

Samples were given a preliminary equilibration at room temperature (generally within 10 

of 2SoC) by attaching the bottles to a large wheel. This was rotated at about 30 revolutions per 

minute. Final equilibration was achieved by completely submerging the bottles in a water bath. 

Regular checks with the quartz crystal thermometer indicated that the bath maintained a temperature 

of 25 ±O.OZoC. The bottles were removed from the bath and shaken manually at least three times per 

day. 

6.1.14 Sampling for volumetric analysis 

The apparatus used is illustrated in Figure 6.1.1. Suction was provided by a water 

pump connected via two water traps to A. B is an air bleed. C is a preweighed 250 cc Ouick Fit 

flask. D is a No. 4 porosity sintered glass filter stick and E and F are taps. 

Each bottle was sampled tw1ce using the same filter stick and connection piece. but clean 

glassware was used for each sample bottle. Aliquots were transferred to collection flasks in about 

4 to 8 seconds. The latter were immediately stoppered ready for rewe1gh1ng. 

The magnitude of evaporation losses during filtration were checked as follows. Water at 2SoC 

was transferred to a collection flask. The flask was stoppered. weighed and replaced on the 

apparatus. With a stopper at G, the system was partially evacuated in the usual manner for 60 

seconds. The flask was then removed, stoppered and weighed. The loss in weight was less than 0.01 

g. which on the basis of the smallest a11quot (> 9 g) for a transfer time of 6 sec. corresponds to 

a negligible error of less than 0.01%. 

6.2 METHOD OF ANALYSIS OF SOLUTIONS CONTAINING ZERO, OR LOW CaC1 2 CONCENTRATIONS 

6.2.1 Choice of analysis method 

It was decided that the most suitable method of determining gypsum solubilities 1n 

sodium chloride and sodium sulphate solutions was by volumetric analysis for· calcium using 

E.D.T.A. This technique is applicable to solutions containing calcium chloride. but the 

precision of results decreases as the ratio of concentrations of CaC1 2 to CaSO~ increases. 

Other methods of calcium analysis such as precipitation of calcium oxalate would be 
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subject to coprecipitation of sodium and sulphate ions (79). Instrumental methods suffe'r from a 

variety of problems and offer no improvement in accurac,v. Sulphate analysis is clearly inappro­

priate for solutions containing sodium sulphate, and is also unsuitable for accurate work at high 

concentrations of sodium chloride or calcium chloride. Methods of sulphate analysis are discussed 

in section 6.7.1. 

Details of possible titrimetric determinations of calcium using E.D.T.A. are given in the 

standard texts (75,76,77,78). Since sodium ions are the only other cations present, and these 

sho\'! no interference, the main question to be answered was which of the available procedures gave 

the most precise end-point. Four indicators were used in titrations with 0.01 m E.D.T.A. and 

0.01 m CaC1 2 solutions: 

(i ) Murexi de 

The CaC1 2 solution was run into 4 cc of 2 N sodium hydroxide in 40 cc of 

E.D.T.A.. The end-point was very imprecise and could not be improved by 

using Naphthol r,reen as a screening aQent. 

(ii) Erichrome Black T 

Conditions used were 20 cc water, 25 cc 0.01 m CaC1 2, 5 cc pH 10 buffer, 10 cc 

magnesium E.D.T.A. complex, a little KCN to mask traces of metal ions which may 

block the indicator, and a little ascorbic acid to avoid oxidation of the 

indicator. The titration was carried out at 600C to a red + blue end-point 

which was considerably better than for Murexide, but was not particularly sharp. 

(ii 1) Cal-Red 

This indicator was used in 25 cc of the CaC1 2 solution with 5 cc of 2 N sodium 

hydroxide. The end-point, from wine red to pure blue, was quite sharp. 

(iv) o-Cresolphthale1n Complexone 

At the pH of the titration (10.8) the calcium-indicator complex is an intense 

red. The free indicator is normally colourless but becomes faintly pink if the 

pH is too high. The end-point was improved by adding sufficient Naphthol Green 

to give a faint green colouration to the calcium free solution. 25 cc of 

calcium chloride solution, with 2 cc of pH 10.8 buffer and 5 drops of indicator 

solution gave an end-point which was ve~ sharp. Half a drop of E.D.T.A. 

solution being sufficient to change the colour from clear red to a clear ".1. 

green. This indicator was consequently chosen for subsequent work, but Cal-Red 

would probably have been adequate. The suitability of the indicator for use at 

ve~ high concentrations of NaCl and Na2S0~ was checked by adding a large volume 

of concentrated (1 • 6) solution of each salt to solutions previously titrated 
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just to the faint green end-point. The solution changed to a pale green­

pink-blue colour in each case, oresumablv due to traces of calcium ions in the 

salts and the high ionic strength. Addition of one drop of E.D.T.A. removed 

the pink colouration but the colour change was not as sharp as for dilute 

solutions. Dilution of the solution to an ionic strength of unity improved 

the sharpness of the end-point to that originally observed. 

6.2.2 Details of analysis procedure 

An aliquot of eq~1ibrated solution, estimated to contain about (3.5 ±l) x 10-4 g ions of 

calcium, was transferred to a 250 cc collection flask. After re-weighing the flask, water was added 

to give a volume of 25 cc, or for concentrated solutions sufficient water to bring the ionic strength 

below unity. Three cc of pH 10.8 buffer solution and 6 drops of indicator~e added and E.D.T.A. 

solution was run into the flask from a 50 cc burette until the end-point was just passed. The 

sides of the flask were rinsed with water. and CaC1 2 from a 10 cc burette was run in until the pink 

colour was just restored. The end-point was finally taken by adding the small quantity of E.O.T.A. 

solution required to just remove the pink colouration leaving a faint green. This could be judged 

to wi thin less than a drop by "contact transfer" of partially formed drops from the burette to the 

flask. Both burettes were read to the nearest 0.01 cc. About 1 cc of CaC1 2 solution was then 

added and a second pendulum end-pOint measured. This was repeated again and the mean result 

calculated. If any of the three readings differed by morethan 0.03 cc from this mean. a fourth 

pendulum end-point was measured and a new mean of the four results calculated. The acceptance or 

rejection of the deviant result depended upon whether or not it was within ±0.03 cc of this new mean. 

Since two aliquots of solution were removed from each sample bottle, the results are averages of at 

least 6 end-point determinations. 

6.2.3 Checks on standard solutions 

Analar grade of the disodium salt of E.O.T.A. dihydrate is normally used as a primary 

standard, but in view of the accuracy desired, the solution was checked against standard calcium 

chloride and standard zinc chloride solutions. Comparison of the solubility of gypsum measured 

by calcium analysis and by the gravimetric technique discussed later. served as a further post mortem 

check. The titrations against standard zinc chloride were carried out using 45 cc of ZnC1 2 solution, 

Erichrome Black T as indicator, 4 ml pH 10 buffer and a little Methyl-Red as screening agent. 

End-pOints, from red to blue-green, were very sharp. 

The results were self consistent to within 0.3%. The greatest differences beiQg between E.D.T.A. 

and CaC1 2 solutions; consequently the zinc solution was taken to be the primary standard. On this 

basis, the mean solubilities of gypsum in pure water measured by the volumetric and gravimetric 

methods differed by only O.lS. 
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6.3 DETERMINATION OF THE TIME REQUIRED TO REACH EQUILIBRIUM, AND OF THE SOLUBILITY 

OF r,YPSur·, IN PURE WATER 

After completing prelimina~y experiments to standardise techniques, a number of sample bottles 

were filled with water and excess gypsum at individually noted times. The bottles were placed on 

the revolving wheel il11T1ediately after filling, and were removed and sampled in pairs. Equilibrium 

times up to three days were used, and the remaining unsampled bottles were placed in the water bath. 

The results were unexpected, and to check their reliability, the experiment was repeated. Room 

temperature was 240C ±2oC over the duration of both experiments. The equilibrium concentration of 

gypsum was determined by measurements on five samples from the second run, after a total equilibra­

tion time of 7 days, and ten samples from the first run after 21 days. 

On the basis of the results, minimum eq~libration times of 2 days on the wheel, followed by 6 

days in the water bath were used in subsequent work. 

6.4 SOLUBILITY OF GYPSUM IN NaCl AND IN Na,S04 SOLUTIONS 

Salt and water were weighed directly into the sample bottle. and excess gypsum was added. 

Concentrations of sodium chloride up to 5.5 molal, and of sodium sulphate up to 1.7 molal were used. 

A few of the bottles were reweighed after two days equilibration on the wheel. Zero weight losses 

were recorded. Equilibration time in the sodium chloride solutions was checked by measuring 

solubilities after 8, 12 and 14 days. Samples covering a wide range of NaC1 concentration were 

checked at each stage. In this and all subsequent work, a sample of gypsum in pure water was 

included in each set of determinations to ensure that all conditions were consistent. 

6.5 SOLUBILITY OF GYPSUM IN NaCl - Na2S04 SOLUTIONS 

Three stock solutions were prepared by weight having a total ionic strength of about 5. 

Ionic strength ratios of NaCl : Na2S04 of 2:1.1:1 and 1:2 were used. Aliquots of stock solution 

were transferred to the sample bottles by pipette, but measurements were made by weight. 

Sufficient water was added to bring the total volume to about 50 cc, and excess gypsum was added. 

6.6 SOLUBILITY OF GYPSUM IN DILUTE CaC1 2 SOLUTIONS 

A stock CaC1 2 solution was prepared of concentration about 1.8 molal (Soln. A). Further 

stock solutions. having concentrations approximately 0.18 m (Al) and 0.018 m (A2), were prepared by 

weight dilution. The most dilute solution was analysed for calcium using the standard E.D.T.A. 

procedure, and the concentrations of the other stocks calculated from this analysis., Solutions of 

CaC1 2 for equilibration with gypsum were prepared from Al and A2 up to a maximum concentration of 

0.087 molal. Equilibrated samples were analysed for calcium in the usual~nner. 
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6.7 METHOD OF ANALYSIS FOR SOLUTIONS CONTAINING CaC1 2 

6.7.1 Choice of analysis method 

Analysis of total calcium content by E.D.T.A. titrations is clearly inappropriate for 

solutions containing high concentrations of calcium chloride. The accuracy of sulphate analyses is 

also limited by this same factor. The most cOllJ11On method of sulphate analysis is by precipitation 

using barium chloride solution. Numerous titrimetric and gravimetric techni~ues depend on this 

precipitation, but all are subject to co-precipitation problems ~/hich are agqravated by the presence 

of other electrolytes (79,80,81). Calcium chloride in the solution could be converted to other 

electrolytes (e.g. HCl bv ion exchanrre, or NaCl by ion exchanlle follo~/ed by neutralisation with 

Na OH) wh ich do not co-preci pita te to the same extent; but at the highest concentra ti ons of CaC1 2 to 

be used, any substituted electrolyte would give rise to serious error. Various other methods of 

sulphate analysis were considered, but all were rejected on the basis of poor accuracy, 

Having rejected all methods relying on analysis of filtered solutions, only blo other 

possible procedures remained: 

(a) use a known ouantity of gypsum and determine the amount remaining as solid phase 

after equilibration; 

(b) determine the weight of gypsum required to exactly saturate a known quantity of 

solution by using a trial and error technique. 

The former procedure clearly involves problems of complete transfer of residue to filter. and of 

contamination of the filtered residue by the remaining liquid phase. The latter procedure. however. 

would be extremely time consuming and would require vast quantities of recrystallised calcium 

chloride solution. A compromise solution was reached; preliminary small scale experiments were 

carried out using procedure (a). This was to give approximate gypsum solubilities. The measure­

ments were then repeated, again using procedure (a), but using 500 cc volumes of solution with 

initial weights of gypsum calculated to be about 5% in excess of that required for saturation. 

This enabled any errors incurred at the filtration and washing stages to be reduced to acceptable 

values. 

Two methods of solving the problems of complete transfer of residue, and of contamination of 

the filter cake with concentrated electrolyte solution were considered. The first was to use 

recycled filtrate to transfer any gypsum remaining in the sample bottle, and to weigh the 

unwashed filter crucible after calcining at such a temperature that all salts were converted to the 

anhydrous state, The amount of CaC1 2 or mixed CaC1 2 and NaCl (in known proportion) could then be 

determined by chloride analysis. The second method was to use water which was presaturated ~th . 
gypsum at 250C both for transferring the residue and for washing the filter cake. Of these two 

methods. the latter was chosen. partly on the grounds of convenience. but also because of problems 

with filtrate recycling and with weighing deliquescent calcium chloride which would be associated 

with the former. Washed gypsum residues were thermally decomposed and weighed as the anhydrous 
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salt. It was thought doubtful that accuracy could be improved by dissolving the residue· and 

analysing for calcium by E.D.T.A. titrations. 

6.7.2 Investigation of the composition of two Analar samples of "CaSO".2H20" 

'When using a direct gravimetric technique of the type chosen, it is of obvious importance 

that the material used is either exactly CaS04·2H20 with insignificant impurities, or if impurities 

such as moisture are present, the whole sample should be homogeneous and of a known unchanging 

composition. The percentage loss in weight of the British Druq Houses (B.D.H.) material, used for 

the solubility measurements in NaCl and Na2S04 solutions, was determined for ignition temperatures 

UP to 4700C. It was found that the weight loss ~/as considerably below the theoretical value and 

was rather variable. It was therefore necessary to investigate the composition of this sample to 

ensure that the measurements already made using the material were not in error. A sample of Hopk1n 

and Williams (H. & W.) Analar CaS04'2H20 was also examined to ascertain whether it would be suitable 

for the proposed direct gravimetric method. 

Details of this investigation are presented in Appendix 11.1 since they are subsidiary to the 

main work, but the important conclusions are presented here: 

(i) Crystalline phases, other than CaS04·2H20, were not detected in the H. & W. 

sample and the weight loss figures on ignition to 240°C were within 0.7% of 

theoretical and were constant to within ±O,l%. Consequently the material 

was considered adequate for the oroposed solubility measurements in calcium 

chloride solutions. 

(ii) The B.D.H. sample contained gypsum as the major phase. with about 30 mole 

per cent natural anhydrite (CaS04) and small quantities of CaSO~'iH20 or 

soluble anhydrite (y-CaSO~). or possibly both of the latter phases. Other 

impurities were not detected. 

(iii) Equilibration of B.D.H. material with water gave a solid phase in which only 

gypsum could be detected. It was therefore judged that the measurements IIIIde 

in NaCl and Na2S0~ solutions were not invalidated by the initial presence of 

phases other than CaSO~·2H20. 

6.7.3 Details of analysis procedure 

r,ypsum. stock solution and water were all weighed into a sample bottle, and the mixtures 

equilibrated in the normal manner. After removing a sample bottle from the water bath, its outer 

surface was quickly dried. and the contents filtered through a No. 4 porosity sinter,d glass 

crucible. The latter had previously been dried at 2400C. cooled in a desiccator and weighed. 

By shaking the sample bottle and contents before. and two or three times during filtration. Virtually 

all the residual gypsum could be transferred to the crucible. Any remaining crystals were washed 

into the filter crucible by holding the sample bottle at a suitable angle and using a jet of 
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saturated calcium sulphate solution. The solution used for this purpose was stored in a. large flask 

and maintained at 25°C by immersion in a water bath. I~hen air ~/as pumped into the flask, solution 

was forced through a No. 4 porosity filter stick to the jet used for washing. After transferring 

all the gypsum to the crucible, the filter cake was washed until the filtrate was essentially free 

of chloride ions. This was checked by testin!! the washings with silver nitrate solution. The 

crucible and contents were then calcined for two days at 2400C, cooled in a desiccator containing 

phosphorus pentoxide, and weighed as quickly as possible. Speed was necessary, since the anhydrite 

was hygroscopic; but since the aporoximate weight was known, weighing required only a few seconds 

and the estimated moisture pick-up was negligible. 

Errors due to solution or precipitation of gypsum during the washing procedure depend primarily 

on the contact time of the residue with solutions of composition significantly different to either 

the original filtrate or the wash liquor. The time renuired for washing was generally less than 

20 seconds, and tests with AgN0 3 solution showed that the washings were essentially pure CaSO~ 

solution after only 5 seconds. The other important factor is the ratio of CaSO .. (H20h activity in 

solutions of intermediate composition, to the activity of CaSO .. (H20)2 in solutions in equilibrium 

with gypsum. This determines the driving force for precipitation or solution, and consequently 

affects the rate of either process. Since the activity of CaSO~(H20)2 in both end solutions 

is identical, the activity in the mixtures should not be markedly different. 

6.8 PRELIMINARY WORK USING S~lALL SM1PLE BOTTLES 

The first experiments were made with calcium chloride solutions prepared from stocks Al and A2 

up to concentrations of 0.053 molal. This was essentially a trial run to gain experience of the 

method, and to standardise the transfer and washing procedures. Measurements were then made in the 

absence of added electrolytes to ensure that accuracy and precision were adequate. The effect of 

high concentrations of foreign salt was tested by making measurements in sodium chloride solutions 

from 0.26 molal to 4.34 molal and comparing the results with those obtained by the volumetric 

method. These initial experiments showed that measurements made using 50 cc volumes of solution 

were suitable for the limited purpose of giving approximate solubilities, but that for precise work. 

larger volumes were required. 

Two further stock solutions of CaC1 2 were prepared by weight dilution from solution A having 

concentrations 0.166 m (A3) and 0.0166 m (A4). The concentration of solution A4 was checked by 

volumetric analysis and found to be within 0.06% of the exoected value. Using these three stock 

solutions, 24 solubility determinations were made for CaC1 2 concentrations up to 1.48 molal. 

Literature values (82,83,84,85) for the solubility of gypsum in calcium chloride sol~tions were 

used as a guide to the quantity of gypsum required. 

Large volumes of sodium chloride (8) and calcium chloride (C) stock solution were prepared 

having ionic strengths of about 6. The concentration of CaC1 2 was determined by calcium analysts 

-78-



of solutions prepared by weight dilution. As usual, the concentration of NaCl stock was calculated 

from the weights used in its preparation. Mixed stock solutions of ionic strength'ratios (NaCl :CaC12) 

of 3:1,1:1 and 1:2 were prepared from Band C. Further mixed stock solutions were prepared by 

weight dilution. For each ionic strength ratio, twelve solubility measurements were made for 

concentrations up to I ~ 6. The quantity of gypsum required at the higher concentrations of added 

electrolytes was guided bv prior knowledge of the solubilities in pure NaCl, pure CaC1 2 and in mixed 

solutions of lower concentration. 

6.9 MEASUREMENTS USING LARGE SAMPLE BOTTLES 

With the aid of results from the previous section, quantities of gypsum required to give a 

small excess after equilibration could be estimated with reasonable accuracy. New stock solutions 

of calcium chloride were prepared by weight dilution from C and the concentration of the most dilute 

checked by volumetric analysis. New mixed stock solutions were prepared in the same manner as was 

described in the previous section. Measurements were made in pure CaC1 2 and the three mixed NaC1/ 

CaC1 2 solutions up to ionic strengths of about 6. One measurement was made in pure sodium chloride 

solution, to give an additional comparative check with the volumetric analysis results. A bottle 

containing only gypsum and water was included in each run to check that equilibrium was reached. 

These "bl anks" were used to estimate the precisi on of the method, and in combi nation wi th the 

volumetric results, were used to give a best estimate of gypsum solubility in pure water. 
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7. BJSULTS_ ANjLDISCUSSION 

7.1 EQUILIBRATION TIME 

The results of the experiments designed to estimate the minimum time required to reach equili­

brium are illustrated in Fig. 7.1.1. The two sets of results show essentially the same trend: 

measured calcium concentrations increased to a maximum of about 0.0162 molal after about 4 hours 

agitation with water, and subsequently decreased to about 0.0152 m after 70 hours. Statistical 

analysis (discussed in section 7.1.2) of results obtained using equilibration times of 7 and 21 days 

indicated that both sets of samples were at equilibrium. Similar conclusions were drawn from the 

absence of any discernable time dependence of calcium sulphate solubi1ities measured after 8, 12 

and 14 days in sodium chloride solutions. 

The maximum in the solubility curve is almost certainty due to the presence of phases other 

than gypsum in the B.D.H. material used in this work (see Appendix 11.1). W. M. Power et at (86) 

showed that when soluble anhydrite or CaS04'~H20 is dissolved in water, a maximum in the solubility 

versus time curve normally results. This is because gypsum is the stable phase at 2SoC (i.e. has 

the lowest solubility). The magnitude of this effect depends upon the relative rates of solution 

of the more soluble phase and crystallisation of stable phase. The small crysta11ite size of 

gypsum in the original material would also have contributed to the higher initial solubility. The 

smallest mean crystallite dimension r-0.OS ~m in the 200 direction - see Appendix 11.1) was not 

esoeciallv small, so that this factor was not of major imoortance unless the size distribution was 

exceptionally wide. 

Consideration of all the results obtained in this study suggests that the minimum equilibration 

times of 2 days on the rotating wheel at room temperature, followed by 6 days in a water bath, were 

adeQuate because scatter in the results was no greater than could be expected from random errors in 

analysis. 

7.2 SOLUBILITY OF GYPSUM IN PURE WATER 

Gypsum solubilities, measured by both techniques, are presented in Table 7.2.1. The first two 

columns of results are for measurements which were initially made to determine the minimum time 

required for equilibration. The statistical significance of the difference in the two samples means 

was tested using Student's t test. The value of 

t(nl + n2 - 2) .. IXI - x21 - 0 (£.7.2.1) 

j s2(kl + k
2

) 

was calculated as t 13 = 1.00. Subscripts 1 and 2 refer to the two sets of results, and S2 the pooled 

estimate of variance is given by 
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FIGURE 7.1.1 EFFECT OF EQUILIBRATION TIME 

CaS04 molality/mol kg- 1 

SET 1 0 
SET 2 • 

I-
0.0162 • 

a 
a 

0 8 
• • • 

0 • 
0.0158 ,- I 

8 
et 

8 
• 

0.0154 j • 
• 
• e o • .-, ________________________ 0_...1.- __ 

0.0150 
, - r 

... 0.5 
• 

0.0 
T 

0.5 

10g10 (T~~E) 

t 

1.0 
, 

1.5 
1 

2.0 



TABLE 7.2.1 t10LAL SOLUB IUTY OF GYP5U~1 IN WATER AT 250C 

i 
I Determined by Volumetric Analysis 
r---~-~~, r --~---- .--.- ------
~ Set of measurements ! Set of measurements ! Si ngl e measurements 

.after 7 days . after 21 days ! from various sets 
I I ,-- -r-
i 0.015176 I 

0.015185 

0.015165 

0.015148 

0.015147 

0.015179 

0.015192 

0.015163 

0.015159 

0.015163 

0.015162 

0.015175 

0.015179 

0.015165 

0.015172 

0.015219 

0.015182 

0.015188 

0.015211 

0.015198 

0.015196 

0.015189 

--------~l ._-.--------

mean 
I 

sex) , 

I 
'--__ I 

0.015164 

1.65 x 10- 5 

0.015171 0.015197 
i 

i 1.04 x 10- 5 I 1.32)(10- 5 

l __________________ . ____ 1__________ _ _ __ 

S2 = (n1 - 1) [S(Xl~ 2 + (n2· 1) [S(X2)] 2 

n1 + n2 . 2 

, 
Detenni ne<! by L. S. i 
Gravimetric Analysis I 
Single measurements • 1 

from various ~ 

0.015171 

0.015206 

0.015183 

0.015202 

0.015206 

0.015162· 

0.015172 

0.015186 

1.85 x 10- 5 

I 

(E.7.2.2) 

otherwise the nomenclature is as given in section 3.1.3. Reference to tabulated values of tn at 

various percentage probability levels showed that the difference in sample means was not significant 

at the 95% probability level since t13 (P • 0.05) • 2.16. It was on this basis that both sets of 

samples were conSidered to be in equilibrium, but this conclusion was supported by the higher mean 

solubility of the second set. If equilibrium was not reached in 7 days, measured solubilities for 

the second set should have been lower, not higher, than the first set since equilibrium is approached 

from supersaturated solutions. 

Treatinq the results obtained by volumetric analysis as a single population, gave a mean of 

0.015178 molal and a standard deviation of 1.86 )( 10.5 molal. Comparing this mean with the results 

obtained by the gravimetric method. showed that the two methods of measuring gypsum solubility gave 

results which were not significantly different at the 952: probability level. t2? was calculated 
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to be 0.99, while t27 (P = O.OS) = 2.0S. 

Conseouently, all the results oresented in Table 7.2.1 were treated as a single population 

giving the following results: 

mean solubility 0.015180 mol kg- 1 

standard deviation 0.0000186 mol kg- 1 

standard error of mean 0.0000035 001 kg- 1 

9S% confidence limits of mean: ± 0.0000071 ~l kg- 1 

9S% confidence limits for a single determination: ± 0.000038 rol kg- 1 

The magnitude of possible systematic errors is difficult to estimate. The good agreement 

between results obtained by blo different methods of analysis on two different samples of gypsum 

suggests that systematic errors were small in both instances. The possibility of errors in both 

methods having the same magnitude and direction cannot be discounted, but the probabi1i~ of this 

must be low. Systematic errors were estimated rather arbitrarily at ±0.00003 molal, making the 

present estimate for solubility of gypsum at 250C in pure water to be 0.01S18 ±0.00004 ~la1. 

Comparison of this result with literature values is not particularly useful, due to the wide 

range and uncertain accuracy of the latter. Twenty one results, taken mainly from reference 44, 

cover a range from O.OlSO to 0.0159 molal with a mean between 0.01S2 and 0.0153 molal. Consequently 

the literature values neither support nor refute the present result. The wide range of values 

implies that either some of the exnerimental work was not of a high standard, or the solubility of 

gypsum is deoendent on the particular sample of gypsum used. The second hypothesis is not 

supported by any literature evidence for metastable states of gypsum, but if this was so, the limits 

sugQested for maximum systematic error in this study ~u1d require revision to give a greater possible 

range. 

7.3 SOLUBILITY OF GYPSUM IN SOLUTIONS OF PURE HaCl and PURE Na2S04 

The results obtained by volumetric analysiS of filtered solutions are presented in Table 7.3.1 

and Table 7.3.2, together with values of other thermodynamic quantities calculated in sections 7.8 

and 7.9. Concentrations of added salt were corrected for the small amunt of additional water 

present as a consequence of the solution of gypsum, but the correction was generally negligible. 

The results are presented in pairs, corresponding to the two aliQuots which were analysed from each 

bottle. It is evident from these reSUlts, that the analysis procedUre was very precise. The 

results are also shown in Figures 7.3.1 and 7.3.2 where ~lal ~01ubi11ties are plotted against the 

function: Ii/(l + I~). 

Literature values of Hill and Wills (87) and Cameron and Breazeale (88) for the solubility of 

gypsum in sodium sulphate solutions are given in Figure 7.3.2. In general the present results 

indicate lower solubilites than those obtained by earlier workers, but at"the highest concentrations 
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TABLE 7.3.1 PROPERTIES OF CaS04-NaCl SOLUTIONS 

IN EOUILlBRIU~l I·IITH GYPSUM 

NaC1 CaSO" Molal Osmotic Water y' 
molalitv molality Ionic Strength Coefficient Activity t eaSO" R 
/mol kg- 1 -Imol kg- 1 

0.005653 0.015760 0.068693 0.93898 0.99927 0.32563 1.094 
0.005653 0.015763 0.068705 0.93897 0.99927 0.32557 1.094 
0.008874 0.016086 0.073218 0.93794 0.99915 0.31907 1.096 
0.008874 0.016057 0.073102 0.93797 0.99915 0.31965 1.095 
0.020220 0.017082 0.088548 0.93491 0.99874 0.30059 1 .099 
0.020220 0.017084 0.088556 0.93491 0.99874 0.30056 1.099 
0.028090 0.017676 0.098794 0.93321 0.99846 0.29057 1 .099 
0.028090 0.017653 0.098701 0.93322 0.99846 0.29095 1 .098 
0.049290 0.019134 0.125826 0.92965 0.99771 0.26863 1.096 
0.049290 0.019159 0.125926 0.92964 0.99770 0.26828 1.097 
0.069400 0.020415 0.151060 0.92719 0.99700 0.25195 1.094 
0.069400 0.020400 0.151000 0.92719 0.99700 0.25214 1.094 
0.098030 0.021950 0.185830 0.92472 0.99601 0.23457 1.086 
0.098030 0.021944 0.185806 0.92473 0.99601 0.23463 1.086 
0.155980 0.024728 0.254892 0.92185 0.99401 0.20863 1.074 
0.155980 0.024735 0.254920 0.92185 0.99401 0.20858 1.074 
0.200000 0.026491 0.305964 0.92081 0.99251 0.19504 1.062 
0.200000 0.026511 0.306044 0.92081 0;99251 0.19490 1.063 
0.281290 0.029441 0.399054 0.92039 0.98974 0.17599 1.045 
0.281290 0.029441 0.399054 0.92039 0.98974 0.17599 1.045 
0.334940 0.031112 0.459388 0.92079 0.98792 0.16684 1 .032 
0.334940 0.031185 0.459680 0.92079 0.98792 0.16645 1.034. 
0.395750 0.032927 0.527458 0.92171 0.98586 0.15798 1.021 
0.395750 0.032907 0.527378 0.92170 0.98586 0.15807 1.020 
0.503590 0.035660 0.646230 0.92415 0.98220 0.14641 0.998 
0.503590 0.035704 0.646406 0.92415 0.98220 0.14623 0.999 
0.610880 0.038123 0.763371 0.92733 0.97854 0.13747 0.979 
0.610880 0.038140 0.763440 0.92733 0.97854 0.13740 0.980 
0.807100 0.041957 0.974928 0.93446 0.97181 0.12577 0.947 
0.807100 0.041964 0.974956 0.93446 0.97181 0.12575 0.947 
1.025600 0.045337 1.206948 0.94376 0.96423 0.11731 0.914 
1.025600 0.045326 1.206904 0.94376 0.96423 0.11733 0.914 
1.520600 0.050960 1.724440 0.96845 0.94663 0.10630 0.859 
1.520600 0.050880 1.724120 0.96843 0.94664 0.10647 0.858 
2.020200 0.054328 2.237511 0.99699 0.92818 0.10169 0.823 

2.020200 0.054311 2.237444 0.99699 0.92818 0.10173 0.823 
2.536200 0.056017 2.760268 1.02933 0.90833 0.10078 0.803 
2.536200 0.055993 2.760172 1.02932 0.90834 0.10083 0.803 
3.018600 0.056140 3.243160 1 .06159 0.88904 0.10274 0.795 
3.018600 0.056142 3.243168 1.06159 0.88904 0.10274 0.795 
4.011400 0.051682 4.218128 1.13202 0.84728 0.11711 0.779 
4.011400 0.051675 4.218100 1.13202 0.84728 0.11713 0.779 
5.487700 0.047830 5.679020 1.24513 0.78009 0.13744 0.889 
5.487700 0.047764 5.678756 1.24511 0.78010 0.13763 0.888 
0.000000 0.015150 0.060600 0.94103 0.99948 0.33867 1.090 
0.000000 0.015177 0.060708 0.94100 0.99948 0.33807 1.091 
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TABLE 7.3.2 PROPERTIES OF CaSO~-Na2S0~ SOLUTIONS 

IN EQUILIBRIUM WITH GYPSUM 

Na2S0 .. CaSO .. Molal Osmotic Water y R 
IOOlality molality Ionic Strength Coefficient Activity ±eaSO .. 
/mol kg- 1 /mol kg- 1 

0.000000 0.015193 0.060772 0.86763 0.99952 0.33770 1.092 
0.000000 0.015181 0.060724 0.86767 0.99952 0.33797 1.091 
0.002825 0.014282 0.065603 0.86417 0.99942 0.32828 1.095 
0.002825 0.014266 0.065539 0.86421 0.99942 0.32861 1 .094 
0.005481 0.013532 0.070571 0.86082 0.99932 0.31993 1.095 
0.005481 0.013533 0.070575 0.86082 0.99932 0.31991 1.095 
0.008589 0.012922 0.077455 0.85650 0.99920 0.30784 1.099 
0.008589 0.012900 0.077367 0.85655 0.99920 0.30826 1 .098 
0.014608 0.012002 0.091832 0.84843 0.99896 0.28726 1.101 
0.014608 0.012003 0.091836 0.84843 0.99896 0.28724 1 .101 
0.025346 0.011091 0.120402 0.83523 0.99852 0.25548 1.102 
0.025346 0.011129 0.120550 0.83517 0.99852 0.25492 1.104 
0.036635 0.010781 0.153029 0.82322 0.99805 0.22726 1.108 
0.036636 0.010628 0.152420 0.82342 0.99805 0.22926 1.101 
0.056459 0.010222 0.210265 0.80691 0.99724 0.19697 1.091 
0.056459 0.010218 0.210249 0.80691 0.99724 0.19701 1.091 
0.098211 0.010028 0.334745 0.78234 0.99557 0.15635 1.070 
0.098211 0.010035 0.334773 0.78233 0.99557 0.15629 1 .070 
0.154910 0.010240 0.505690 0.75972 0.99338 0.12553 1.054 
0.154910 0.010227 0.505638 0.75973 0.99338 0.12562 1.053 
0.250855 0.010829 0.795881 0.73342 0.98982 0.09732 1.043· 
0.250855 0.010814 0.795821 0.73343 0.98982 0.09739 1.042 . 

0.000000 0.015193 0.060772 0.86763 0.99952 0.33770 1.092 
0.000000 0.015183 0.060732 0.86766 0.99952 0.33792 1.091 
0.419521 0.012011 1.306607 0.70184 0.98391 0.07239 1.047 
0.419521 0.012005 1.306583 0.70184 0.98391 0.07241 1.047 
0.702531 0.013846 2.162977 0.66618 0.97469 0.05282 1.052 
0.702532 0.013830 2.162916 0.66618 0.97469 0.05286 1.051 
1.129123 0.016155 3.481988 0.63341 0.96140 0.03904 1.0OS 
1.139123 0.016158 3.482000 0.63341 0.96140 0.03904 1.0OS 
1.691879 0.017932 5.147365 0.61856 0.94463 0.03100 0.932 

1.691878 0.017957 5.147461 0.61856 0.94463 0.03098 0.933 

(1 s 3.0 to 5.4) the data of reference 87 are in good agreement with this work. Th~ solubilities 

given in reference 88 appear to be of poor precision since a ~ooth curve cannot be drawn through .11 

the points. Other solubility data on this system are present in the literature, but the precision 

is worse than in reference 88, and the results were not considered further. 

It is peculiar that the results given in reference 87 should be in good agreement with the present 



results at high Na2S0~ concentrations, but higher by as much as 4% at lower concentrations. 

Impuriti es in either sampl e of sodi um sul phate woul d exacerbate any differences as the concentration 

of added salt was increased. The reason for these discrepancies most probably lies in the different 

methods of analysis used. Hill and Wills precipitated calcium as the oxalate. They corrmented on 

the problem of occlusion of impurities in the precipitate, leading to high results, and mentioned a 

method of removing these impurities bv volatilisation. It is possible that only the precipitates 

from solutions having high Na2S04 concentrations were treated in this way. Regardless of such 

speculation, the method of analysis used in this study is considered superior to methods in the 

literature, and the present results are thought to be the most reliable. 

The data of Marsha11 and Slusher (7) for the solubility of gypsum in sodium chloride solutions 

at 2SoC is presented in Fig. 7.3.1. With the exception of the two highest concentrations, these 

data are seen to be in good agreement with the present results. This system has been studied by 

many other groups of workers. Marsha11 and Slusher graphically compared their results with data 

from five other investigations. They found that all six sets of solubilities were in good agree­

ment at low concentrations, but that deviations of up to 0.01 molal were present at the highest 

concentrations. Work on this system since reference 7 (1966) has generally been at higher 

temoeratures or at low concentrations. The results of reference 7 were therefore taken to 

represent literature results in general. with the scatter of other results around those of (7), an 

estimate of the uncertainty. On this basis it was concluded that the present solubility measurements 

in sodium chloride solutions were in good agreement with literature data. 

The single result on this system obtained by the large scale gravimetric technique is also 

shown in Fi g. 7.3.1. Thi s is seen to be concordant with the other results. . Heasurements made 

using the small sample bottles were of low precision and are not shown. The results were however 

quite compatible with those in Fig. 7.3.1. 

7.4 SOLUBILITY OF GYPSUM IN PURE CaC1 2 SOLUTIONS 

Results obtained using the large scale gravimetric method are shown in Table 7.4.1. These 

results, together with those obtained using the volumetric method, are plotted against li/ (l + 11) in 

Figure 7.4.1. Since the method of calculating concentrations for the volumetric method was not 

straightforward in the presence of CaC1 2 , the procedure used is outlined 1n Appendix 11.2. 

Inspection of Figure 7.4.1 shows that with the exception of the two volumetric results at the 

highest CaC1 2 concentrations. the two methods of analysis give concordant results. The ratio of 

CaC1 2 to CaS04 molalities for these errant results is about 10 to 1. It is therefore not surprising 

that significant differences between the two methods should arise due to poor precision of the 

volumetric method. 

In order to avoid confusion between present and literature results, the latter are shown 

displaced byOnOS molal concentration units. The smooth curve passing through all the present 
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TABLE 7.4.1 PROPERTIES OF CaSO~-CaC12 SOLUTIONS 

IN EOUILIBRIUM WITH GYPSUM 

CaC1 2 CaSO .. Mol a1 Osmotic Water y 
molality molalitv Ionic Strength Coefficient Activity i CaSO .. R 
/mol kg- 1 /mol kg- 1 

0.000000 0.015206 0.060824 0.88717 0.99951 0.33742 1 .092 
0.000000 0.015172 0.060688 0.88724 0.99951 0.33817 1.091 
0.000000 0.015162 0.060648 0.88726 0.99951 0.33840 1.091 
0.001401 0.014629 0.062719 0.88627 0.99946 0.33507 1.092 
0.003148 0.014059 0.065679 0.88492 0.99940 0.32991 1.095 
0.005413 0.013382 0.069767 0.88317 0.99931 0.32358 1.096 
0.008512 0.012644 0.076112 0.88067 0.99919 0.31381 1.099 
0.015227 0.011564 0.091937 0.87542 0.99891 0.29167 1.107 
0.024549 0.010622 0.116135 0.86935 0.99851 0.26572 1.110 
0.041313 0.009725 0.162838 0.86177 0.99777 0.23070 1.108 

0.070736 0.009041 0.248372 0.85525 0.99645 0.19163 1.098 
0.105420 0.008610 0.350700 0.85337 0.99488 0.16451 1.080 
0.163465 0.008186 0.523139 0.85669 0.99220 0.13788 1.056 
0.307506 0.007769 0.953594 0.87829 0.98526 0.10517 1.044 
0.456570 0.007454 1.399526 0.90860 0.97759 0.08919 1.061 
0.914620 0.006038 2.768012 1.02394 0.95043 0.07237 1.135 
1.392030 0.004545 4.194269 1.16866 0.91565 0.07029 1.232 
2.070300 0.002665 6.221560 1.40666 0.85425 0.08076 1.468 

gravimetric results is also shown displaced by the same distance to facilitate comparison. The 

results of Cameron and Seidell (84) are slightly higher than the present data over the whole concen­

tration range. Those of van Veldhuizen (85) are in good agreement but do not extend to high concen­

trations of CaC1 2 • The results of O'Ans (83) are also in good agreement at low concentrations, but 

at high concentrati ons the sol ubil Hies show seri ous scatter and ~ di sregarded. Sveshnikova (82) 

gives two results for high CaC1 2 molalities; these are a little higher than the present results. It 

was concluded from this comparison that the present gravimetric results were generally in good 

agreement with literature data, but were possibly a little low. 

7.5 SOLUBILITY OF GYPSUM IN MIXED NaC1-Na2S0 .. SOLUTIONS 

The results for this system are presented in Table 7.5.1 and 1n Figure 7.5.1. YNaCl is the 

ionic strength fraction of sodium chloride when dissolved CaSO .. is neglected. The measured solu­

bi1ities for each concentration ratio of NaCl to Na2S04 all lie on smooth curves, indicating once 

again the high preciSion of the volumetric analysis method. Other workers (14) and' (89) have measured 

gypsum solubilities in this system at 25°C. but intercomparison of the data was not attempted because 

of the different concentration ratios used. 
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NaC1 
molality 
/mo1 kg'-l 

0.000000 
0.000000 
0.099568 
0.099568 
0.156499 
0.156499 
0.314386 
0.314386 
0.477132 
0.477132 
0.631098 
0.631099 
0.985790 
0.985790 
1.665989 
1.665991 
0.000000 
0.000000 
0.149664 
0.149664 
0.233191 
0.233192 
0.480908 
0.480908 
0.712383 
0.712383 
0.954042 
0.954043 
1.462602 
1.462601 
2.499032 
2.499033 
0.000000 
0.000000 

0.190363 
0.190363 
0.309373 
0.309373 
0.628015 
0.628014 
0.938408 
0.938408 
1.271108 
1.271108 
1.938385 
1.938384 
3.332097 
3.332092 

TABLE 7.5.1 

Na2S0a. 
molality 
/kg mol- 1 

0.000000 
0.000000 
0.066377 
0.066377 
0.104330 
0.104330 
0.209587 
0.209587 
0.318082 
0.318082 
0.420725 
0.420725 
0.657182 
0.657181 
1 .110640 
1.110641 
0.000000 
0.000000 
0.049887 
0.049887 
0.077729 
0.077729 
0.160300 
0.160300 
0.237458 
0.237457 
0.318009 
0.318010 
0.487527 
0.487527 
0.832999 
0.833000 
0.000000 
0.000000 

0.031730 
0.031730 
0.051568 
0.051568 
0.104681 
0.104681 
0.156419 
0.156419 
0.211875 
0.211875 
0.323101 
0.323101 
0.555413 
0.555412 

PROPERTIES OF CaS04-NaC1-Na~S04 SOLUTIONS 

IN EDU ILIBR lUrl WITH GYPSUM 

O.ooooon 
0.000000 
0.333338 
0.333338 
0.333339 
0.333339 
0.333337 
0.333337 
0.333337 
0.333337 
0.333337 
0.333337 
0.333337 
0.333337 
0.333337 
0.333337 
0.000000 
0.000000 
0.500005 
0.500005 
0.500004 
0.500005 
0.500004 
0.500004 
0.500003 
0.500004 
0.500003 
0.500003 
0.500003 
0.500003 
0.500003 
0.500003 
0.000000 
0.000000 

0.666646 
0.666646 
0.666641 
0.666641 
0.666641 
0.666641 
0.666641 
0.666641 
0.666641 
0.666641 
0.666641 
0.666641 
0.666641 
0.666641 

CaS04 Molal 
molality Ionic Strength 
/kg mof- 1 

0.015211 
0.015196 
0.012198 
0.012202 
0.012195 

0.012173 
0.012591 
0.012604 
0.013021 
0.013015 
0.013308 
0.013294 
0.013410 
0.013416 
0.012124 
0.012089 
0.015210 
0.015198 
0.014176 
0.014161 
0.014155 
0.014147 
0.014319 
0.014305 
0.014354 
0.014373 
0.014248 
0.014234 
0.013476 
0.013495 
0.010636 
0.010625 
0.015210 
0.015213 
0.017273 
0.017264 
0.017567 
0.017570 
0.017726 
0.017747 
0.017463 
0.017466 
0.016881 
0.016885 
0.015056 
0.015064 
0.010250 
0.010297 

0.060844 
0.060784 
0.347490 
0.347506 
0.518269 
0.518181 
0.993511 
0.993563 
1.483461 
1.483431 
1.946504 
1.946449 
3.010976 
3.0l099§ 
5.046404 
5.046270 
0.060840 
0.060792 
0.356028 
0.355969 
0.522998 
0.522967 
1.019084 
1.019028 
1.482173 
1.482246 
1 .965061 
1.965009 
2.979087 
2.979162 
5.040573 
5.040532 
0.060840 
0.060852 
0.354645 
0.354609 
0.534345 
0.534357 
1.012962 
1.013044 
1.477517 
1.477529 
1.974256 
1.974272 
2.967911 
2.967943 
5.039335 
5.039516 
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Osmoti c Water' 
Coefficient Activity 

1.00000 
1.00000 
0.84701 
0.84701 
0.83494 
0.83494 
0.81788 
0.81788 
0.81061 
0.81061 
0.80877 
0.80877 
0.81704 
0.81704 
0.86762 
0.86761 
1 .00000 
1.00000 
0.86982 
0.86982 
0.86197 
0.86197 
0.85365 
0.85365 
0.85447 

0.99945 
0.99945 
0.99357 
0.99357 
0.99026 
0.99026 
0.98127 
0.98127 
0.97214 
0.97214 
0.96351 
0.96351 
0.94324 
0.94324 
0.90074 
0.90074 
0.99945 
0.99945 
0.99254 
0.99254 
0.98876 
0.98876 
0.97762 
0.97762 
0.96720 

0.85447 . 0.96720 
0.86015 0.95619 
0.86015 0.95619 
0.88330 0.93216 
0.88330 
0.96347 
0.96347 
1.00000 
1.00000 
0.88941 

0.88942 
0.88464 
0.88464 
0.88461 
0.88461 
0.89227 
0.89227 
0.90522 
0.90522 
0.94158 
0.94158 
1.04813 
1.04814 

0.93215 
0.87766 
0.87766 
0.99945 
0.99945 
0.99185 

0.99185 
0.98719 
0.98719 
0.97473 
0.97473 
0.96245 
0.96245 
0.94897 
0.94897 
0.92061 
0.92061 
0.85412 
0.85411 

R 

0.33733 1.093 
0.33766 1.092 
0.16672 1.084 
0.16669 1.084 
0.13738 1.073 
0.13751 1.072 
0.09881 1.058 
0.09875 1.059 
0.08034 1.051 
0.08036 1.051 
0.07003 1.044 
0.07007 1.043 
0.05733 1.019 
0.05732 1.020 
0.04879 1.054 
0.04887 1.052 
0.33735 1.093 
0.33762 1.092 
0.17145 1.077 
0.17156 1.076 
0.14381 1.062 
0.14386 1.061 
0.10490 1.033 
0.10496 1.033 
0.08819 1.014 
0.08813 1.014 
0.07795 0.997 
0.07798 0.997 
0.06695 0.974 
0.06690 0.975 
0.06168 1.057 
0.06171 1.056 
0.33735 1.093 
0.33728 1.093 

0.17771 1.066 

0.17778 1.065 
0.14906 1.043 
0.14904 1.043 
0.11294 0.996 
0.11287 0.997 
0.09669 0.963 
0.09668 0.964 
0.08696 0.938 
0.08695 0.938 
0.07807 0.913 
0.07804 0.914 
0.07885 1.016 
0.07866 1.018 
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7.6 SOLUBILITY OF GYPSUM IN MIXED NaCl-CaC1 2 SOLUTIONS 

The results obtained are presented in Table 7.6.1 and Figure 7.6.1. No literature data could 

be found for solubilities in this system, so the only criterion available to test the results was the 

degree of scatter about the smooth curves drawn through data of the same YNaCl value. Since this is' 

clearly small, it was inferred that the gravimetric method gave reliable results for this system. 

7.7 EVALUATION OF THE THERr10DYNAMIC SOLUBILITY PRODUCT OF GYPSUM 

7.7.1 Objectives 

o . 
The solubility product of gyosum in aqueous solution at 25 C was determined in Part I of 

this thesis. It was not the aim of this section to question the value of Ksp obtained. The 

objectives were to test whether a reliable value of Ksp could be obtained using solubility measure­

ments, and at the same time check that these measurements were compatible with the value of Ksp 

deduced in Part I. 

7.7.2 r~ethod of evaluation 

The procedure used by Marshall and Slusher (7) to obtain Ksp from gypsum solub1l1t1es 

in sodium chloride solutions was briefly outlined in the introduction to Part I (section 1.2.3). 

This was taken as a basis for the present method, but ion pairing of calcium and sulphate 10ns was 

accounted for in a more realistic manner and solubilities in all three single salt solut1ons were . 

used. 

Activity coefficients of free ions were expressed as 

-IZ+Z_IS (I')~ + BI' + C(I')2 

1 + A (I')~ 

(E.7.7.1) 

The symbols are as in section 1.2.3 except that alao 1s reolaced by A and y± and I are g1ven super­

scripts to indicate that they refer to oroperties of free ions. If Ksp is wr1tten as 

.. 

it may be re-expressed as either 

.. 

or as 

= 

f f 2 ~ 2 ln (mCa2+ mS02- aH 0) - 8S (1') + 2BI' + 2C(I') 
~ 2 1 + A (I')i 

- 8 S (JI)~ + 2B'J' + 2C I(I')2 
1 +A (I1)i 
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NaC1 
molal ity 
/mol kg- 1 

0.038519 
0.019934 
0.000000 
0.064813 
0.110681 
0.184989 
0.329274 
0.447662 
0.651794 
1.084122 
2.934065 
4.524517 
1.831711 
0.000000 
0.054738 
0.089414 
0.142476 
0.237834 
0.348729 
0.028716 
0.017829 
0.421496 
0.706216 
1.244737 
1.954330 
3.046350 
0.019680 
0.011468 
0.006373 
0.000000 
0.032192 
0.050100 
0.089393 
0.131392 
0.205357 

0.000000 
0.286863 
0.518555 
0.896892 
1.387361 
2.043785 

TABLE 7.6.1 

CaC1 2 
molality 
/moJ kg- 1 

0.004289 
0.002219 
0.000000 
0.007217 
0.012325 
0.020599 
0.036667 
0.049850 
0.072582 
0.120724 
0.326729 
0.503837 
0.203974 
0.000000 
0.018250 
0.029811 
0.047503 
0.079296 
0.116270 
0.009574 

0.005944 
0.140531 
0.235460 
0.415009 
0.651595 
1.015686 
0.013122 
0.007647 
0.004249 
0.000000 
0.021465 
0.033406 
0.059606 
0.087611 
0.136929 

0.000000 
0.191277 
0.345766 
0.598038 
0.925077 
1.362774 

PROPERTIES OF CaS04-NaC1-CaC12 SOLUTIONS 

IN E()UILIBRIU~1 I-1ITH r,YPSUM 

CaS04 Molal Osmotic Water 
molality Ionic Strength Coefficient Activity 
/mo1 kg- 1 

0.99795 
0.99868 
0.99948 
0.99692 
0.99516 
0.99231 
0.98679 
0.98222 
0.97423 
0.95668 
0.86992 
0.78089 
0.92401 
0.99949 
0.99686 
0.995~0 

0.99265 
0.98803 
0.98254 
0.99811 
0.99863 
0.97888 
0.96396 
0.93297 
0.88616 
0.80205 
0.99829 
0.99880 
0.99911 
0.99949 
0.99751 
0.99640 
0.99392 
0.99124 
0.98644 

0.99949 
0.98100 
0.96459 
0.93445 

R 

0.27434 1.098 
0.29911 1.097 
0.33749 1 .092 
0.24900 1.096 
0.22032 1.084 
0.19047 1.067 
0.158241.036 
0.14241 1.013 
0.12505 0.980 
0.10631 0.927 
0.09782 0.886 
0.12235 1.140 
0.09551 0.874 
0.33818 1.091 
0.24130 1.101 
0.21145 1.093 
0.18190 1.082 
0.15120 1.063 
0.13073 1.044 
0.27587 1.100 
0.29496 1.100 
0.12143 1.03$ 
0.10095 1.003 
0.08748 0.965 
0.08700 0.971 
0.10612 1.254 
0.27708 1.104 
0.29958 1.100 
0.31587 1.096 
0.33740 1.092 
0.250011.105 
0.22248 1.101 
0.18336 1.093 
0.15856 1.083 
0.13296 1.068 

0.33793 1.091 
0.11611 1.059 
0.09345 1.040 
0.08135 1.028 

0.749584 
0.749584 
0.000000 
0.749584 
0.749584 
0.749584 
0.749584 
0.749584 
0.749584 
0.749584 
0.749584 
0.749584 
0.749584 
0.000000 
0.499941 
0.499941 
0.499941 
0.499941 
0.499941 
0.499941 
0.499941 
0.499941 
0.499941 
0.499941 
0.499941 
0.499941 
0.333292 
0.333292 
0.333292 
0.000000 
0.333292 
0.333292 
0.333292 
0.333292 
0.333292 

0.000000 
0.333292 
0.333292 
0.333292 
0.333292 
0.333292 

0.016709 
0.016093 
0.015203 
0.017362 
0.018025 
0.018721 
0.019279 
0.019407 
0.019286 
0.018287 
0.010760 
0.005654 
0.015391 
0.015171 
0.014065 
0.013660 
0.013272 
0.012796 
0.012388 
0.014442 
0.014689 
0.012186 
0.011256 
0.009304 
0.006720 
0.003561 
0.013104 
0.013737 
0.014263 
0.015207 
0.012463 
0.011830 
0.011184 
0.010816 
0.010378 

0.015183 
0.010067 
0.009120 
0.007515 
0.005386 
0.003082 

0.118225 
0.090968 
0.060812 
0.155917 
0.219758 
0.321677 
0.516391 
0.674845 
0.946686 
1.519448 
3.957296 
6.058649 
2.505200 
0.060687 
0.165749 
0.233493 
0.338075 
0.526909 
0.747093 
0.115211 
0.094421 
0.891839 
1 .457624 
2.526984 
3.935999 
6.107657 
0.111469 
0.089356 
0.076176 
0.060828 
0.146442 
0.197643 
0.312951 
0.437490 
0.657658 
0.060732 
0.900966 
1.592336 
2.721067 
4.184141 
6.144438 

0.92220 
0.92645 
0.93353 
0.91825 
0.91445 
0.91231 
0.91425 
0.91860 
0.92900 
0.95754 
1.12598 
1.29854 
1.01872 
0.92358 
0.90583 
0.90219 
0.90079 
0.90416 
0.91241 
0.91138 
0.91493 
0.91919 
0.95136 
1.02612 
1.14151 
1.33860 
0.90197 
0.90635 
0.90972 
0.91466 
0.89720 
0.89310 
0.89015 
0.89163 
0.89940 
0.91470 
0.91170 
0.95616 
1.04438 
1.17653 
1 .37147 

0.88881 0.08150 1.050 
0.71696 • 0.09674 1.304 
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FIGURE 7.6.1 SOLUBILITY OF GYPSUM 

IN MIXED NaCl - CaC1 2 SOLUTIONS 
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In the second equation the assumption is made that the water activity may be written with. reasonable 

accuracy as 

bI + cI2 

If the calcium sulphate ion pair dissociation constant is defined in the usual manner as 

and YCa5Qo is taken to be unity, then the concentration of ion pairs may be expressed as .. 

and the ionic strength as I' = I - 4 mCa500' 
It 

Equation (E.7.7.4) may then be written as 

(E.7.7.5) 

(E.7.7.6) 

= 1 45 (I ,)i - 8'1' - C'(I')2 ns o + 
1 + A(I')i 

(E.7.7.7) 

where So is (Ksp)~ and is therefore the hypothetical solubility of gypsum at zero ionic strength. 

Given a fixed arbitrary value of KO' solubility data for one of the added salts could be used to 

obtain best fit values of so' At 8' and C'. This was carried out usinq a non-linear least squares' 

procedure as follows: 

(i) suitable initial values were chosen for K
SD

' At 8' and C' (if these 

differed excessively from the unknown best fit values, the iteration 

diverged) ; 

(ii) I was calculated for each solution; 

(iii) the parameters of Lietzke and Stoughton (41) were used to calculate a 

value for the osmotic coefficient of each solution using 

~ • 1 - S IZ+Z_I [1 + A Ii - 21n(1 + A Ii) -
A3 I 

1 ]+ BI + CI2 + DI' 
1 + A It 

(iv) water activities were evaluated using 

.. - 0.018015 ~ t mi i . 
where mi is the molality of all solute soecies. (At low concentrations 

of added salt, the calculated value of • is too high, but the error in 

the water activity is negligible.); 

(v) I' was calculated from 
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and the value of the L.H.S. of (E.7.7.7) was computed for each 

sol uti on; 

(vi) best fit values of so' A, 8' and C' were computed. The iteration 

procedure was terminated when the calculated shifts to each parameter were 

all less than one tenth of the respective standard deviations of the 

parameters; 

(vii) the osmotic coefficients were re-computed, but substituting I' for I; 

(viii) water activities were recomputed with better values of ~ and t mi ; 
i 

(ix) the cycle from (v) to (ix) was repeated until the difference between the 

old and new Ksp values was less than 10-e mo12 kg-2• 

The original fixed value of Ko was then decreased by an arbitrary sh1ft and the iterat10n 

procedure repeated, but this time starting at (v). It was necessary to start with a large value 

of KO and gradually step down, due to oscillation and other problems which caused difficulties at 

low values of KO' The calculations were carried out on an I.C.L. 1907 computer using double 

precision (about 22 significant figures) in order to ensure that accuracy was not lost at the 

matrix inversion stage. This precision was necessary when interparameter correlation coefficients 

were high. 

7.7.3 Details of calculations carried out and results obtained 

Initial computations were made with the assumption of zero ionic association. Best fit 

parameters for all three systems were evaluated using both (E.7.7.3) and (E.7.7.4). Calculations 

were carried out with the concentration range restricted to I less than unity using all four 

parameters, and also with C set at zero. These calculations were repeated using data for the whole 

concentration range using four parameters, and also with an additional term in 0(1')3 included in 

(E.7.7.1). When the high concentration data was included. difficulty was experienced obta1ning 

convergent iterations. This was overcome by using an alternating iterat1ve procedure. In one cycle 

parameter A was held constant. The problem was then 11near and best fit values for the other 

parameters could be computed exactly. 

In the next cycle, the shifts to all the parameters were computed by a non-11near method. but 

only a fraction of the calculated shifts were added to the parameters deduced in the preceding 11near 

cycle. This reduced the speed of the process but avoided divergent solutions. 

A synopsis of t~e results obtained is given 1n Tables 7.7.1 and 7.7.2. The symbol V represents 

the variance of fit of the experimental values of the L.H.S. of (E.7.7.7) (with Ko set at infinity) 

to values calculated using the best fit values of the parameters in the R.H.S. V is defined by 
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TABLE 7.7.1 

r 
! I 

I 

Ouantity 
I Added I Tabulated in 

Electrolyte I Columns I 

I 
3 to 6 

I 
; 

I 

lnso 
I 
I 

A 

• B' or B 

Na2S0 .. C' or C I 

D' or 0 

10 5 x Ksp 

10 5 x V I 

r 
: 

1nso 
A 

! 
, B' or B 

CaC1 2 C' or C 

0' or 0 

10 5 x K sp 
10 5 )( V I 

lnso 
i A 

B' or B 

NaC1 C' or C 
: 

0' or 0 
I 

10 5 )( K 
sp 

105 )( V 

SYMBOL A 

UNITS kg~ mol-I 
~----

RESULTS OF LEAST SOUARES FITTING USING 

DATA FOR THE l'mOLE CONCENTRATION RANGE 

2 1 naH20 incorporated in B' , C' and 0 ' lna~20 calculated separately 

4 Parameter Fi t 5 Parameter Fit 4 Parameter Fit 5 Parameter fit 
._--_. 

- 5.0949 - 5.1027 - 5.0935 - 5.1016 

1.1111 1.1469 1.1765 1.0507 

- 0.09057 - 0.00278 - 0.07078 0.02098 

0.00488 - 0.02200 0.00491 - 0.02300 

- 0.C0280 - 0.002905 

3.7554 3.6968 3.7658 3.7045 

2.799 1.802 2.8497 1.765 

- 5.0766 - 5.0797 - 5.0749 

I 
- 5.0786 

1.2100 1.1852 1 .2181 1.1887 

0.01310 0.04210 0.03374 i 0.06795 

0.00898 0.00111 0.01347 I 0.00417 
I - 0.00070 - , 0.00082 
I 

3.8948 3.8710 3.9080 ; 3.8797 
~ 

1.330 1.,195 1.408 1.186 

- 5.0362 - 5.0028 i - 5.0332 
I 

- 5.0003 I 

1 .5152 1.7742 1.5192 1.7747 

- 0.02508 - 0.2332 0.02743 - 0.1773 

0.01818 0.08409 0.02427 0.08916 

- - 0.00662 - - 0.00652 

4.2226 4.5141 4.248 4.537 

17 .35 3.065 17.09 3.233 

B' or B C' or C 0' or 0 Ksp 

kg mol- 1 kg 2 mol-2 kg! mol- 3 11012 kg-2 
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TABLE 7.7.2 

I Added I Ouanti ty ; 

Tabulated in 
, Electrolyte I Columns 

3 to 6 

lnso I o (lnso) 
I 
I 

A 

Na2S0 .. 8' or 8 

i C' or C 

105 
x Ksp 

I 

I 105 x V 
I 

.--- , 
i 

I 1nso , 
: o (lnso) 

I A 

I CaC1 2 B' or B 

I C' or C 

I 105 x K 
! sp 

10 5 x V I I 
I , .1_ 

/ i lnso I o (lnso) 

A 

NaCl B' or B 

C' or C 

10 5 x K 
SD 

I 
105 x V 

SYI1BOl A 

UNITS kg~ mol-l 

RESUL TS OF LEAST SOUARES FITTIW. USING 

ONLY DATA FOR WHICH I IS LESS THAN UNITY 

2 1 na H20 incoroorated in B' and C' 1 na~20 calculated separately 

3 Parameter Fit 4 Parameter Fit 3 Parameter Fi t 4 Parameter Fit 

- 5.1081 - 5.1081 - 5.1069 - 5.1258 

0.00269 0.00319 0.00268 0.00321 

1 .0131 0.7326 1.0183 0.7413 

0.02831 0.6569 0.04874 0.6660 

- - 0.3002 - - 0.2959 

3.6574 3.5205 3.6660 

I 
3.5300 

1.327 0.4455 1.308 0.4473 
I 

- 5.0831 - 5.0936 - 5.0822 I - 5.0922 

0.00257 0.00484 0.00255 0.00492 

1.1567 1.0178 1.1565 1.0255 

0.07552 0.32870 0.10765 0.34580 

- - 0.11799 - I -0.1114 

3.8450 3.7646 , 3.8515 I 3.7755 I I i i I 0.8977 0.6324 i 0.8809 0.6531 

I 

, I , 
- -----

- 5.0181 - 5.0056 - 5.0166 - 5.0035 

0.00148 0.00137 0.00153 0.00137 

1.6178 1.7605 1.6076 1.7562 

- 0.07182 I - 0.2314 - 0.00473 - 0.1717 

- I 0.08434 - I 0.08815 
I 
I 

4.392 I 4.3785 I 4.4896 4.5078 
I 
I 

0.4522 I 0.0956 0.4847 I 0.0951 

8' or B C' or C Ksp 

kg mol- 1 kg2 mol-2 mo12 kg-2 
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v I: lI~ / (N - M) 
i 

(E,7.7.10) 

where II is the difference between experimental and calculated values, N is the number of pairs of data 

pOints and M is the number of parameters. o (lnso) is the standard deviation of lns 
o' Standard 

deviations' of the other parameters were calculated, but are not tabulated. 

Following these initial calculations, the least squares fitting procedure was continued with 

various KD values in the range 0.02 to 0.003 mol kg-I. Results were obtained with the concentration 

range limited to I less than unity using 3 and 4 parameter fits, and with data for the whole concen­

tration range using 4 parameter fits. Calcium chloride data covering the whole concentration range 

could not be treated unless values of Ko greater than 0.02 were used. Calculations were therefore 

carried out on this system ~/ith Ko set at 0.022 and 0.024 mol kg-I. Water activities were included 

in the empirical extension terms, since the initial work had shown that independent calculation of 

water activities did not significantly affect any of the important parameters or variances. 

The results of this work are summarised in Tables 7.7.3, 7.7.4 and 7.7.5. 

7.7.4 Discussion 

The results of the initial calculations, with Ko set at infinity, provide a number of 

poi nts worthy of note. 

(i) The best fit value of K for a given salt was not markedly dependent on the sp 
concentration range used, the method of incorporation of water activities. or the 

number of emoirica1 extension terms used. 

(ii) The mean values of Ksp obtained for the three added electrolytes wel'e 3.662 )( 10-S. 

3.849 le 10- 5 and 4.411 le 10- 5 mo1 2 kg-2 for Na2S0~. CaC1 2 and NaC1 respectively. 

The differences between all three pairs of values were found to be statistically 

significant at the 95% confidence limit. 

(iii) All the Ksp values ar; much higher than the result obtained in Part I (2.63 le 10-5 

mo1 2 kg- 2 ). 

(iv) Best fit values of parameter A were also quite different for the different salts. 

If the equations used were physically consistent with the properties of the 

solutions. such large differences in A would not be expected. The A parameter 

is intended to be directly proportional to the mean closest approach distance of 

calcium ions with all other ions in solution and of sulphate ions with all other 

ions in solution. The best fit values of A for Na2S0~ and NaCt. with 4 variable 

parameters and I restricted to less than unity. correspond to distances of closest 

aporoach of 0.22 nm and 0.54 nm. This large difference cannot be accounted for 

by the small difference in size between the effective ionic diameters of chloride 

and sulphate ions. 

-94-



TABLE 7.7.3 EFFECT OF VARIATION IN KO USING 

OATA FOR ~MOLE CONCENTRATION RANr.E 

Added Ko A B' C' 105 x Ksp 
Electrolyte /mol kg- 1 ln5

0 /kgi mol- i /kg mol- 1 /kg2 mol-2 /mo12 kg- 2 
"----- ._--- . .. --"-"---_ .. -". ----- .----- --------- .. 

0.018 - 5.1670 I 1.1714 -0.1417 0.01 001 3.232 
I 0.016 - 5.1786 1.1798 - 0.1485 0.01071 3.176 

0.014 - 5.1895 i 1.1905 - 0.1573 0.01160 3.108 
I 

Na2S04 0.012 - 5.2037 ~ 1.2054 - 0.1691 
I 0.01281 3.021 

- 5.2223 I 

I 
0.010 1.2264 - 0.1855 0.01450 2.910 

! I i 0.008 - 5.2491 1.2599 - 0.2109 0.0174 I 2.759 I I , I i 0.006 - 5.2909 1 .3216 - 0.2552 I 2.538 I 0.02180, 
I I 0.004 - 5.3639 1.4683 I - 0.3500 f 0.03200 i 2.193 
I : ~ 

I i 
I I 0.024 - 5.1148 1.4564 - 0.1651 I 0.04572 i 3.6087 

CaC1 2 ! I I 0.022 -5.1112: 1.5460 - 0.2313 , - 0.05853 ~ 3.6345 
I I 

, 
! I I 

I 0.018 - 5.1427 i 1.4099 - 0.00553. 0.017881 3.413 
I I 

1 
0.01781 I I 0.016 - 5.1541 1.3984 ! - 0.00304 3.336 

! I 

0.014 - 5.1683 i 1.3841 - 0.00015 0001772

1 

3.242 i I i 
NaCl 0.012 - 5.1858 : 1.3664 

I 
0.00426 0.01758 3.131 

i 
- 5.2099 I 

L~ 
0.010 1.3417 0.01027 0.01737 2.983 

i I 0.008 - 5.2426 ' 1.3083 

I 
0.01900 0.01701 I 2.795 

0.006 - 5.39391 1.2563 0.03401 0.016331 2.527 
l I I 

TABLE 7.7.4 EFFECT OF VARIATION IN Ko USINr. DATA FOR 

I Added I 
Electrolyte 

I 
1 CaC1 2 

I 
I 

i 
I 

I 

I 

WHICH I IS LESS THAN UNITY WITH FOUR VARIABLE PARAMETERS 

I A 8' 
I /kg' mol-i /kg mol- 1 

0.020 ; 

0.018 I' 

0.016 
0.014 I 

- 5.1835 
- 5.1893 
- 5.1964 
- 5.2057 
- 5.2175 
- 5.2336 

0.012 
0.010 
0.008 
0.006 

I, - 5.2561 
- 5.2920 

I 

0.8608 

0.8763 I 
0.8960 
0.9228 
0.9589 
1.0118 
1.0944 
1.2506 

0.004 - 5.3543 1.6333 
1 

0.020 I - 5.1526 1.656 
0.018 
0.016 
0.014 
0.012 
0.010 
O.OOB 

0.006 
0.004 

- 5.1586 1 

- 5.1756 
- 5.1660 I 

I - 5.1879 
I _ 5.2046 
! 
i - 5.2277 
! I - 5.2646 
I -5.3280 

1.1833 
1.2060 
1.2369 
1.2785 
1.3393 
1.4337 
1.6100 
2.0082 

0.4397 
0.4151 
0.3843 
0.3434 
0.2899 
0.2147 
0.1049 

- 0.0798 
- 0.4251 

0.2024 
0.1890 
0.1724 
0.1508 
0.1238 
0.0879 
0.0414 

- 0.0159 
0.0074 
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- 0.2511 3.145 
- 0.2451 3.109 
- 0.2375 
- 0.2272 
- 0.2136 
- 0.1941 
- 0.1649 
- 0.1149 
- 0.0251 

3.065 
3.009 
2.938 
2.845 
2.720 
2.532 
2.235 

- 0.0834 3.346 

- 0.0795 3.306 
- 0.0748 3.258 
- 0.0685 3.195 
- 0.0605 3.118 
- 0.0499 3.017 
- 0.0359 2.879 
- 0.0188 2.674 
- 0.0230 2.356 

.. -
105 x V a (lnso) 

I 
I 

1.457 0.00184 

i 1.353 0.00178 
i 1.252 0.00172 
I 
I 1.177 0.00167 
I 
! 1.201 0.00170 
1 
I 1.561 0.00195 I 
I 
~ 3.274 ' 0.00288 
I 12.509 0.00584 
.--._. 

i 
I 

I 
I 

! 
j 

I 
i 
I 
I 

I 

21 .73 0.00908 
46.09 0.01354 

1 .629 i 0.00579 
I 

1.612 ! 0.00574 
I 

1.591 i 0.00569 
1.564 0.00561 
1. 523 I 0.00551 
1.464 I 0.00536 

1~0.00511 

105 x V 

0.535 
0.522 
0.539 
0.588 
0.607 
0.678 

0.00361 
0.00358 
0.00366 
0.00385 
0.00395 
0.00423 

0.814 0.00473 
1.161 1 0.00587 
2.541 J 0.00949 

0.468 i 0.00432 

0.415,- 0.00409 
0.392 I 0.00400 
0.4121 0.00413 
0.327 I 0.00372 

0.28611 0.00353 
0.247 0.00336 
0.272' 0.00368 
0.394 0.01526 



TABLE 7.7.4 (Continued) 

NaCl 

_E __ l_ e_~_~.~ __ ~ __ ~._yt_e-+---_/m_:_~ K_~_g ~_J~~ '"'0 _ !~l mod /k9 :~ ,-~; !k9'~~ 
0.020 -1- 5.1127 1.6166 - 0.1974. 0.0 
0.018 I ~ 5.1233 1.6013 - 0.1923 I! 0.0 
0.016 ; - 5.1359 1.5831 - 0.1860 0.0 
0.014 i - 5.1508 1.5610 - 0.1777; 0.0 
0.012 - 5.1701 1.5321 - 0.1659 0.0 
0.010 - 5.1966 1.4907 - 0.1476 0.0 

- -'-- ---_.-
10 5 x K 

01-2 
sp 10 5 x V a (lnso) /m01 2 kg- 2 

-- _._-_._- ---------
799 3.624 0.113 0.00144 
789 3.547 0.114 0.00146 
775 . 3.460 0.117 0.00145 
757 3.358 I 0.119 0.00146 , I 
729 3.231 i 0.122 I 0.00147 
682 3.064 0.127 i 0.00148 

j 
605 2.853 0.132 
452 2.564 : 0.140 0.00150 

0.008 I - 5.2323: 1.4336 - 0.1~86 0.0 
0.006 I -5.2856: 1.3440 - 0.0647 0.0 

~ ___ --l ___ --l ____ L-.-__ __ _ j 

I 0.00149 

TABLE 7.7.5 EFFECT OF VARIATION IN Ko USINr, DATA FOR 

WHICH I IS LESS THAN UNITY WITH THREE VARIABLE PARAMETERS 

I Added 
El ectrolyte 

Ko 
/mo1 kg- 1 

B' 
/kg mo1- 1 

105 x K sp 
/mo1 2 kg- 2 105 x V 

I 
1
1

' 

0.014 
0.012 
0.010 
0.008 
0.005 
0.004 
0.003 

0.014 
0.012 
0.010 
0.008 
0.005 
0.004 

0.014 
0.012 
0.010 

- 5.1935 
- 5.2066 
- 5.2241 
- 5.2480 
- 5.3149 

I - 5.3532 
! - 5.4055 ! 
I _ 5.1703 ! 

: ! 
- 5.1836 
- 5.2011 ; 

I - 5.2253 I 

I 
-5.2897 ! 

- 5.3272 I 
i - 5.1578 ,i 

I _ 5.1765 

- 5.2020 

1 .1402 
1.1655 
1.2022 
1.2597 
1 .4761 
1.6651 
2.1041 

1.3225 
1.3559 
1 .4091 
1.4826 : 
1.7786 

i 
I 
I 

2.0482 I 
1.4530 
1.4301 
1.3984 

1 
I 
I , 

- 0.0919 
- 0.1142 
- 0.1458 
- 0.1932 
- 0.3510 
- 0.4664 
- 0.6748 

0.0148 
0.0047 

- 0.0085 
- 0.0263 I 

: 
- 0.0573 i 
- 0.0290 i 

- 0.0339 i 
- 0.0272 I 

- 0.0173 i 

3.083 
3.003 
2.900 
2.764 
2.419 
2.240 
2.018 

3.229 
3.145 
3.036 
2.893 
2.543 
2.350 

1.174 
1 .159 
1.153 
1.175 
1 .637 
2.452 
5.331 

I 
I 

I 
I 

0.00263 
0.00263 
0.00265 
0.00272 
0.00339 
0.00434 
0.00785 

0.455 : 0.00192 
0.397 
0.330 

0.00180 
1 0.00167 

0.263 0.00152 
0.372 0.00194 
0.891 0.00320 

0.402 0.00134 
0.00136 

I I 

3.311 
3.190 
3.031 
2.833 
2.368 
2.144 

0.384 
0.355 
0.314 

Nae1 

l 
0.008 - 5.2358 - 0.0029 

I O.OO~- 5.3255 1.2398 0.0438 0.186 0.00087 
I 0.004 - 5.3752 1.1735 0.0758 i 0.147 I 0.00076 _______ ~l____ ___~ ______ ~. ______ ~ ______ L_ ____ ~----~ 

1.3559 
: 0.00125 

0.00115 
i 

(v) Comparison of the results obtained by Marsha11 and Slusher (7) for NaCl at 

25°C with present results obtained under the same conditions (Table 7.7.1. 

column 3). shows that agreement is very good. Marshall's results for Ksp' 

A. B' and C' were 4.231.x 10-5
• 1.50.0.0194 and 0.0134 in the same units. 

The different sign of B' arises from arbitrary choice of signs in his 

equation (6) in order to give positive signs to all best fit parameters. 
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(vi) As expected. increasinq the number of variable parameters, always reduced 

the variance of fit (V). This was not so with the standard deviations of 

the parameters. I'Ihen the number of narameters was increased from 3 to 4. 

a (lnso) for example,was onl.v reduced for NaCl solutions. The mathematical 

reason for this is that the correlation coefficients between parameters were 

high. so that increasing the number of parameters allowed greater compensating 

variations in their values without significantly affecting the variance of 

the fit. This consequently led to a greater uncertainty in the values of 

the parameters. 

The main conclusion of this initial work was that the criticisms of this procedure as a method 

of obtaining a value for Ksp which were made in section 1.2.4, were fully justified. The Question 

which naturally arises is whether the introduction of a "suitable" dissociation constant for CaSO .. 

ion pairs enables a reliable value for Ksp to be derived. The criteria which are available for 

choosing a "suitable" value for Ko are as follows. 

(i) It should lead to best fit values of Ksp for the three salts which are not 

significantly different. 

(ii) It should give best fit values of A for the three salts which are not 

unreasonably different. 

(iii) It should give the best overall fit to the data. 

(iv) It should give the lowest overall standard deviation of Ksp' 

(v) It should not be unreasonably different to literature values for Ko. 

If a value can be found which satisfies all or most of these criteria, and the corresponding mean 

value of Ksp is compared with that obtained in Part I. the question posed above may then be answered. 

The criteria given above were tested by constructin~ graphs (with Ko as abscissa) of lnso' A. the 

sum of V for the three salts and the sum of a (lnso) for the three salts. These are presented in 

Figures 7.7.1, 7.7.2, 7.7.3 and 7.7.4, respectively. It is evident that to satisfy criteria (111) 

and (iv). KO must lie 1n the rang& 0.0055 to 0.008 with a most probable value of 0.0065 mol kg-I. 

This is a little higher than literature values, but is certainly not untenable. With Ko fixed at 

this value. the range of A values for the three salts is also at a minimum with a mean of 1.39 kgt 

mol-~. This corresponds to a "distance of closest aoproach" of 0.42 nm. A precise physical 

interpretation of this distance is difficult when the concept of ion-pairing is introduced for mixed 

electrolyte solutions. Consequently, the only comment which can sensibly be made concerning the A 

values is that they are not unreasonable either in range or magnitude. The range of lnso values 1s 

also at a shallow minimum in the region of Ko • 0.0065 mol kg-I. Corresponding values of Ksp are 

(2.58, 2.64 and 2.73) x 10-5 mo1 2 kg- 2 for Na2S0 ... NaCl and CaC1 2 solutions. A suitable value of 

Ko has therefore been found which not only satisfies the five criteria, but also leads to values 

of Ksp which are in excellent agreement with that der1ved in Part I. 

Two criticisms of Marshal 1 and Slusher's method of obtaining Ksp were made in section 1.2.4. 
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FIGURE 7.7.2 
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FIGURE 7.7.3 SUMMATION OF VARIANCE OF 
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FIGURE 7.7.4 SUMMATION OF 95% 
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The present procedure effectively compensates for Marshall'sinadequate treatment of ion association, 

but does not tackle the second criticism. This was that the ionic strength dependence of CaSO~ 

activity coefficients below the solubilitv limit, must be different to that above the limit where 

the major contribution to a change in ionic strength is a change in foreign electrolyte concentration. 

The small range of Ksp values for the three added salts when KO was fixed at 0.0065 mol kg- l suggests 

that this problem may not be of great importance. It was therefore concluded that a reliable value 

for the thermodynamic solubility product of gypsum may be obtained from solubility measurements, 

provided ion association is adequately treated, and measurements are made in a minimum of three 

foreign electrolytes. The uncertainty in the value deduced is however greater than that of the 

method used in Part I, and the treatment is less thermodynamically sound. The best estimate of 

K determined in this section is (2.65 ±0.3) x 10-5 mo1 2 kg- 2
• sp 

7.7.5 Treatment for the whole concentration range 

One aspect of the previous section which caused concern was the inability of the 

treatment to fit the CaCl z data over the whole concentration range. If data for the most concen­

trated CaCl z solution is considered, the reason for this becomes apparent. The solubility of 

gypsum was found to be 0.002665 molal and the water activity of the solution was calculated as 0.854. 

It is evident that the concentration of CaSO~ ion pairs cannot be greater than 0.002665 molal and 

consequently if equation (7.7.6) is to be satisfied, a minimum value of Ko may be calculated from 

KO (min) = 
0.002665 x 0.8542 

Taking Ksp to be 2.63 x 10-5 mo1 2 kg- 2 gives Ko (nrln) as 0.0135 mol kg-I. The failure of the 
-1 least squares procedure to fit the CaCl z data for Ko values lower than 0.022 mol kg is a result of 

necessity of working from high to low Ko values for all the salts. The higher the value of Ko. the 

higher is the value of KSD required to give a best fit to the data, and consequently the minimum· 

value of KO is higher under these conditions. 

It is clear that the gypsum solubility data in concentrated calcium chloride solutions. 1s 

inconsistent with the equations defined in section 7.7.2 when Ko is fixed at the best fit value of 

0.0065 mol kg-I. This unsatisfactory situation would only be exacerbated by the introduction of 

higher associations for calcium and su~phate ions. There are two alternative ways of rationalising 

this problem: 

(i) assume that KO is not concentration independent; 

(ii) assume that YCaSOO deviates from unity at high CaC1 2 concentrations. 
~ 

Ko is defined by 

Ko [ ~.SOe 0 

';02" J • exp - IICa2+ - • llca 2+ 'S02-
!i !I 

RT 'CaSO~ 
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Oefinition of standard chemical potential terms in the usual manner. with pure solvent defined as 

the reference state, requires that KO is invariant. If the reference state "solvent" is chosen as 

the particular calcium chloride solution concerned, Ko is then a function of calcium chloride 

concentration. This assumption does not provide a suitable method of obviating the problem, since 

no independent guide to the expected functional dependence of KO is available. 

The activity coefficient of ion pairs, YCaSOO may be related to experimental activity coefficients 
I; 

of non electrolytes (n.e.) in electrolyte solutions. A linear relationship between log Y and n.e. 
the mo1alitv me of added electrolyte is expected from theory (90, p. 585). Pitzer and Brewer (90) 

tabulate k values satisfying the equation 

10910 '(n.e. (E.7.7.11) 

for a number of non electrolytes in a variety of one molal salt solutions. The tabulated values of 

k are generally in the range 0.1 ±O.l mol-I. These positive values correspond to "salting out" 

of non electrolyte by the added electrolyte. 

A minimum value of YCaSOO can be calculated such that all sulphate ions in the most concentrated 
I; 

CaC1 2 solution are present as ion-pairs. This gives 

YCaSOO (min) = 2.63 x 10-5 
• 2.08 

I; 0.0065 x (0.854)2 x 0.002665 

Using this result in (E.7.7.11) together with the concentration of CaC1 2 (2.07 molal) shows that the 

minimum value of k compatible with the observed gyosum solubility is +0.154 mol-I. This result is 

seen to be quite consistent with the experimental values of k given in reference 90. 

Assumption (ii) was therefore chosen as being the more suitable, and the solubility data was 

treated using the assumption that 

0.1 I' (E.7.7.12) 

for all three added salts. This is approximately equivalent to a k value of twice the minimum value 

for calcium chloride solutions; a choice made so as to give a reasonable safety margin during the 

iterative calculations. Equation (7.7.12) was incorporated into the original treatment by 

replacing the factor 

by 

~ a~20 exp (0.2303 I') 

in equations (7.7.6) and (7.7.7). 

These modifications enabled all three sets of data to be fitted over the whole concentration 

range using Ko values down to 0.004 mol kg-I. Since the introduction of (E.l.7.12) was only of 

importance at high concentrations of added salt and the magnitude of Ksp and A were essentially 
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controlled by the low concentration data, the new method of treatment gave almost unchanged values 

for these parameters. The conclusions which may be drawn from thi s modified analysis are: 

(i) introduction of non-ideality for ion-pairs allowed all the data to be 

sensibly treated; 

(ii) the best fit value of Ksp was essentially unchanged from that deduced in 

the original treatment. 

7.7.6 Solubility data in ternary electrolyte solutions 

Treatment of gypsum solubilities in mixed electrolyte solutions would probably have 

enabled a slightly more reliable value of Ksp to be obtained. These additional results were not 

analysed however since the limited objectives of this section were already satisfactorily achiev~. 

7.8 CALCULATION OF STOICHIOMETRIC MEAN MOLAL IONIC ACTIVITY COEFFICIENTS FOR CALCIUM 

SULPHATE IN THE GYPSUM SATURATED SOLUTIONS 

Experimental solubilities of gypsum in the various single and mixed electrol.vte solutions, 

together with the reliable value for Ksp obtained in Part I. enabled stoichiometric activity coeffi­

cients for calcium sulphate to be calculated from equation (1.1.1) 

= (E.1.1.1) 

The only additional information required was the water activity. This was calculated using equation 

(7.7.9) with the same assumptions that dissolved gypsum was included in the summation of mi' but that 

the osmotic coefficient was that associated with a solution of the added electrolytes only; except 

that the presence of dissolved gypsum was taken into account when evaluating the ionic strength. 

When only a single foreign electrolyte was involved, osmotic coefficients were evaluated using 

the parameters of Lietzke and Stoughton (41) in equation (7.7.8). 

Osmotic coefficients for the ternary system Na2S04-NaCl-H20 were calculated from isopiestic 

measurements at 2SoC by Wu. Rush and Scatchard (91). The same authors treated this data utilising 

the equations developed by Scatchard (92). The equation used by Wu to express the osmotic 

coefficient was 

• • 1 + faA + (aB - aA) Ye + 8~ YB (1 - Y8) 
VA mA + VB mB l 

(E.7.8.1) 

where 

• - 2 In (I • IJ 11) ] • Ij I 

+ a~ 12 + a~ I' (E.7.8.2) 
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(E.7.8.3) 

(E,7.8.4) 

YJ = ionic strength fraction of electrolyte J. 

VJ number of moles of ions per mole of solute J. 

m
J 

molality electrolyte J, 

a~ are best fit parameters to osmotic coefficients for pure electrolyte solutions. 

bm,n are best fit parameters required to account for additional interactions in the 
AB 

and S 

mixed (A-B) electrolyte solution, 

- 1.17202 (note the changed sign for the O-H limiting slope from that used 

previously). 

The a3 parameters are closely related to the parameters compiled bv Lietzke and Stoughton (41). 

a~ is the distance of closest approach parameter (Al. and aj. a~. aJ were evaluated by multiplying 

Lietzke's B. C and 0 respectively by the factor -2/(Z+Z_)J (N.B. Z_ taken to be negative). Wu 

found that for the system under consideration the standard deviation of fit to the osmotic 
, 0.2 

coefficients was not significantly reduced by the inclusion of terms involvinq SAB or bAB • 

The least squares fit using b~land b~B3was consequently taken as adequate, and the best fit values 

of these parameters were tabulated in (91). 

Osmotic coefficients for the solutions used in the solubility measurements were therefore 

calculated using (7.8.1) and the valuesof a3 and b~n referred to above. 

The system NaCl-CaC1 2-H20 was investigated at 25°C by RObinson and Bower (93) using the isopiestic 

method. These workers analysed their data primarily from the view point of evaluating activity 

coefficients. In Part III of thts thesis. the raw experimental data was treated using the 

theoretical approach of Friedman (94) based on cluster expansion methods. Values of Wo were obtained 

for each solution studied by RObinson. using the equation 

(E.7.8.5) 

o where A and B refer to the 1:1 and 2:1 salts respectively and 'J is the osmotic coefficient of a pure 

solution of J at the same ionic strength as the mixed solution. Wo is a mixing parameter defined in 

Part III where equation (E.7.8.5) is derived. The values of .~ •• ~ and also 'ref for the HaCl 

reference solutions used in the isopiestic measurements were calculated using equation (7.7.8). 

For sodium chloride solutions. the parameters of Lietzke and Stoughton (41) were used. but for 

calcium chloride solutions the parameters used were determined independently by the same non-linear 

least squares procedure as in (41) but using different data. Osmotic coefficients in the mixed 
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solutions were evaluated from the equation 

~mix (E.7.8.6) 

which derives directly from the equality of water activities in the reference and mixed electrolyte 

solutions. 

In Figure 12.2 the calculated Wo values are shown plotted against ionic strength. A detailed 

inspection of this figure shows that the large scatter in the data is primarily a result of neglect 

of asymmetry in the treatment used. For the present purpose, a better procedure would have been to 

replace Wo in equation (7.8.1) by Wo + WI (YA - YB) and to obtain best fit values of parameters in 

A + BI + Cl2 
(E.7.8.7) 

D + El + FI2 

A much simpler treatment was h~/ever used to account for the asymmetry, and its adequacy was subse­

quently checked by comparison with results in which asymmetry was neglected. The method adopted. 

was to assume a linear dependence of Wo on ionic strength and obtain a best fit line of the form 

-I 0.049 - 0.0045 I kg mol (E.7.8.8) 

This was taken to be a satisfactory expression for the data having YA equal to 0.5. Inspection of 

the deviations from (E.7.8.8) suggested, that for the remaining data, the relationship 

0.049 + D - 0.0045 I (E.7.8.9) 

with D = + 0.01 for YA = 0.333 and D = - 0.01 for y • 0.75 would probably be of sufficient accuracy. 

The results of all these computations are given in Tables 7.3.1. 7.3.2. 7.4.1. 7.5.1 and 7.6.1. 

In addition. values of lny± (CaS04) are plotted against the function 11/(1 + 11) in Figures 7.8.1, 

7.8.2 and 7.8.3. 

The effect of neglecting asymmetry in the NaCl-CaC1 2 results by using equation (7.8.8) for all 

the data, was to produce a negligible change in the 5th significant figure of lny±. This implies 

that non-asymmetry errors in Wo were also negligible since it is unlikely that experimental errors 

in the isopiestic measurements would lead to Wo values which were incorrect by amounts much greater 

than 0.01 kg mol-I. Similar considerations apply to data for the other systems studied. 

Possible errors in the individual activity coefficients arising from various sources were 

estimated as follows: 

(i) ±3.4% in Ksp (see section 3.2.14); 

(if) ±0.26% fn "ta2+ and mS02-' This is an estimate of the random errors in 
4 

these molalities and was calculated directly from the 95% confidence limits 

for a sin9le determination of gypsum solubility (see section 7.2); 
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FIGURE 7.8.1 CONCENTRATION DEPENDENCE OF 

CaS04 ACTIVITY COEFFICIENTS BELOW SATURATION 

AND AT SATURATION IN THE PRESENCE OF SINGLE ADDED ELECTROLYTES 
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(iii) ±O.5% in mCa 2+ and mS02-' This is an estimate of possible systematic errors. 
4 

(iv) ±O.2% in aH20 . 

The resulting uncertainty in y± is ±2.9% of which ±2.2% arises from possible systematic errors. At 

the highest concentrations of added electrolytes. wider error limits would be appropriate and at the 

lowest concentrations the uncertainty in y± would be smaller. The high precision of the results 

is clearly demonstrated by the smooth nature of the curves presented in Figures 7.8.1.7.8.2 and 

7.8.3. 

At the highest concentrations of added salts. calcium sulphate activity coefficients in the 

NaCl and Na2S04 solutions differed by factors in excess of 4. This demonstrates the importance 

of specific ion-ion interactions and the inadequacy of Lewis and Randall's "Principle of Ionic 

Strength" (95). It is interesting to note that qualitative differences between the calcium sulphate 

activity coefficients in the three single salt solutions may be explained by invoking the known (96) 

associative interactions between calcium and sulphate ions and between sodium and sulphate ions. 

Such associative interactions reduce the stoichiometric activity coefficients of the ions 

concerned. As a result, the activity coefficients are highest for NaCl-CaS04 solutions and lowest 

for Na2S04-CaS04 solutions. 

7.9 COMPARISON OF EXPERIMENTAL ACTIVITY COEFFICIENTS WITH VALUES PREDICTED USING 

SCATCHARD'S "IONS AS COMPONENTS" TREATMENT 

In Scatchard's (97.98) "ions as components" treatment, the excess free energy of electrolyte 

mixtures (Ge) is divided into a Debye-Huckel contribution (Ge)DH, and a non-Debye-Huckel contribution 

(Ge)n. The second term then represents all the non-electrostatic contributions to Ge , and the 

residual electrostatic contributions not accounted for by (Ge)DH. The non-Debye-Hucke1 term is 

expressed as a series of interaction terms involving products of the ion equivalent concentrations 

n 

t~~) = + + hi gher terms 

(E.7.9.1) 
, 

W is the number of kilograms of solvent and mi = mizi , where mi is the molality of species 1 and 11 

is the absolute value of the valence of species 1. The individual b1j and dijk coeffiCients cannot 

be independently determined, but the coefficients can be arranged in groups each of which is measur­

able. Scatchard divides (Ge)n into two terms, (Ge)nI and (Ge)nll, Best fit values of the grouped 

coefficients in (Ge)nl, together with the best fit values for the distance of closest approach 

parameter in the Debye-Huckel term, may be evaluated from measurements on single salts. Values for 

the grouped coefficients in (Ge)nII may be derived from measurements on binary electrolyte solutions 

having a common ion. Expressions for the osmotic coefficient and mean ionic activity coefficients 

are derived from appropriate differentiations of the excess free energy. These expressions, 

together with a knowledge of the grouped coefficients and distances of closest approach for I 
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particular system, enable the properties of any solution in the system to be calculated. Osmotic 

coefficients and mean ionic activity coefficients of the component electrolytes may be calculated at 

two levels of approximation. The full equations should give the most accurate values. but if 

contributions from {Ge)nII are neglected. reasonable estimates for dilute mixed electrolyte solutions 

may be calculated using experimental data on single electrolyte solutions alone. 

Scatchard. Rush and Johnson (98) have used the above treatment fo~ the system Mg2+-Na+-SO~--

Cl--H20 (System I). Parameters derived from single salt osmotic coefficient data were obtained from 

the best fit parameters compiled by Lietzke and Stoughton (41). Osmotic coefficient data (91), on 

the four binary electrolyte systems with a common ion. were used to evaluate best fit parameters to 

the equation for (~ - l)nII (equation f. Table Ill. ref. 98). These parameters were used to calculate 

sodium chloride activity coefficients in mixed electrolyte solutions. and to calculate osmotic 

coefficients for the two binary electrolyte mixtures in system I which do not contain a common ion. 

The agreement between calculated and experimental results was very good up to the maximum concen­

trations studied (I = 8 molal). 

In view of the success of this approach, it was thought that the treatment might prove capable 

of reasonable predictions of calcium sulphate activity coefficients in the system Na+-Ca2+-Cl-SO!-­

H20 (System 11). This was initially checked by using a straightforward comparison of experimental 

CaS04 activity coefficients in system 11, with computed MgS04 activity coefficients in system I. 

In a second treatment, an attempt was made to derive parameters to fit osmotic coefficients in 

system 11. and to subsequently use these parameters to compute CaSO~ activity coefficients in the 

same system. Such a treatment is theoretically impossible for system 11 at the ionic strengths 

used in this study. Two of the properties required to derive best fit parameters are unmeasur­

able. This is a consequence of the limited solubility of gypsum. The properties concerned are: 

(i) activity or osmotic coefficient data for pure CaS04 solutions up to the 

maximum ionic strength (-6 molal) of the system concerned; 

(ii) osmotic coefficient data for the systems CaS04-Na2S04-H20 and CaS04-

CaC1 2-H20 up to the Sime ionic strength. 

It is true that osmotic coefficients can be measured for these two systems at high ionic strengths, 

but the ionic strength fraction of CaS04 must necessarily be very small. It follows that the 

experimental data obtained, could not be sensibly used to give coeffiCients related to interactions 

in such ion groups as Ca2+S0~-Na+ or Ca2+SO:-Cl-. These problems were obviated by using hypo­

thetical values for the unknown properties. 

Tables I to VI of reference 98 are reproduced in Appendix 11.3. These give express10ns for 

free energy. osmotic coefficients and activity coefficients; definitions of the grouped coefficients, 

and parameters derived by Scatchard et aZ for best fit values of parameters for system I. 
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7.9.1 Calculation of MqSOj activity coefficients in the system Mq2+ - Na+ - SO~- - C1- - H20 

Mean ionic activity coefficients were calculated using the equations given in Table V of 

reference 98. This part of the computer programme was checked by calculating trace activity 

coefficients of NaC1 in Na2S04, MgC1 2 and MgS04 solutions. The 34 parameters in Table VI of 

reference 98 were used to give trace activity coefficients at the concentrations given in Table VIII 

of the same paper. The resulting values of lny± were in exact agreeme'nt with those presented by 

Scatchard et al.. 

Activity coefficients of ~'gS04 were then calculated for solution compositions which corresponded 

to equivalent experimental compositions in the system with Mg2+ replaced by Ca 2+. The calculated 

activity coefficients of MgS04 in system I were then compared with experimental activity coefficients 

of CaS04 (saturated) in system 11. 

The parameters listed in Table VI of reference 98 were deduced from osmotic coefficient data 

with ions a, b, f and g defined as Na+, Mg2+, Cl- and SO~- respectively. The activity coefficient 

expressions given in Table V of the same paper, refer to the electrolyte af. It follows that in 

order to calculate MgS04 activity coefficients, the parameters given in Scatchard's Table VI must be 

rearranged to be consistent with the definition of a, b, f and g as Mg2+, Na+, SO~- and Cl­

respectively. The four parameters for each single salt were easily rearranged so that the NaCl 

parameter for terms in af were replaced by MgS04 parameters and similar changes were made for the 

single salt terms in ag, bf and bg. Rearrangement of the 18 parameters derived from data on 

binary common ion electrolyte solutions was not so straightforward. The required changes are given 

in the Table 7.9.1. The numbering of parameters in column 2 was chosen so that the 7 parameters set 

to zero by Scatchard (98) were designated z (12) to z (18). This was for convenience in the compu­

tational methods discussed in the next section. The rationale behind these relationships is obvious 

for such parameters as B(O,1) and b(O,2) For a parameter such as Ba(ab1•2), it must be recalled that ab abf • 

it is a composite parameter made up of coefficients which are symmetrical with respect to a-b 

interactions. This is clear from the definition of S!!b2
) given in Table 11 of reference 98. in . 

terms of individual dijk coefficients. The sign changes which are necessary for 6 of the parameters. 

arise from the unsymmetrical nature of the equations for (+ - 1)"11. Terms involving odd pewers of 

(xa - xb) and (xf - Xg) require a change of sign if the definitions of a and b. and f and g are 

reversed. Xj is the fraction of the total molal equivalent concentration contributed by ions of 

type j: 

• 
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TABLE 7.9.1 INTERRELATIONSHIPS BETWEEN PARAMETERS 

---------- -------- ---- ._---------
Value of Parameter 

Parameter with a, b, f and 9 defined respectively as 
r-------- --- --- ------

Na+, Mg2+, Cl-. SO~- Mg2+, Na+, SO~-, Cl-
-----_._.--

B(o,1) 
ab z (1 ) z (1) 

S(0,2) 
abf z (2) z (5) 

B(0.3) 
abf z (3) z (6) 

B(1.2) 
aab z (12) - z (12) 

B(1,3) 
aabf z (4) - z (14) 

B(2,3) 
aaab z (13) z (13) 

S(0.2) 
abg z (5) z (2) 

B(0,3) 
abg z (6) z (3) 

S(1,3) 
aabg z (14) - z (4) 

B(O,l) 
fg z (7) z (7) 

S(0.2) 
afg z (8) z (17) 

B(0.3) 
afg z (9) z (11) 

8(1.2) 
ffg z (10) - z (10) 

B(1,3) 
affg z (15) - z (18) 

8(2,3) 
fffg z (16) z (16) 

i 
B(0.2) z (17) z (8) 

I 
bfg 

I 
B(0.3) I z (11) (9) I bfg z 

I 
I ~1.3) Z (18) (15) I ffg - z 
I 
-4---

7.9.2 Hypothetical properties of pure calcium sulphate solutions at concentrations 

above the solubility limit 

Properties of aqueous calcium sulphate solutions could be measured at concentrations 

above the gypsum solubility limit by using supersaturated solutions. While this suggestion may not 

be unreasonable for concentrations slightly higher than saturation. it is not possible for solutions 

of ionic strengths UD to 6 molal. The best which can sensibly be achieved is to conbine information 

extrapolated from the properties of CaSO~ solutions up to saturation. with the real properties of 

comparable 2:2 sulphates at higher concentrations. Hypothetical activity and osmotic coefficients 
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obtained in this manner should be most reliable at concentrations just above the solubility limit, 

but the reliability must deteriorate at higher concentrations. This is not a problem of vital 

importance when calculating solvent properties for mixed solutions in system 11, but could be 

important when calculating CaSO q activity coefficients. This distinction arises from the different 

weighting factors used for the properties of pure CaS04 solutions in the equations for (~ - l)DH and 
nI OH nl 

(~ - 1) (Table Ill, ref. 98), and for lny± and lny± (Table V, ref. 98). In the eauations for •• 

the factor xCa 2+ XS02- is always present and this must ah,ays be small. In the equations for lnY
t 4 . 

other factors are used which can be relativel.v large, particularly for CaS04 in concentrated 

solutions of CaC1 2 and Na2S04' 

As a first step in the assignment of activity and osmotic coefficients to supersaturated CaS04 

solutions, the properties of unsaturated solutions measured in Part I of this thesis were extra­

polated to higher concentrations. This was carried out using an analytical procedure similar to 

that used in section 3.2.13. The following equations were used: 

Ko a
2 m Y~ (E.7.9.2) 

(1 - a) YCaS~ 

YCaSOO exp (0.23 I') 
4 

(E.7.9.3) 

Yf = -IZ+ZJ S (I,)i + kI' (E.7.9.4) 

1 + q/ao (I,)i 

I' = a I (E.7.9.5) 

Y± Yf a (E.7.9.6) 

All the symbols in these equations have been defined previously. Equation (7.9.3) is equivalent to 

that used in section 7.7.5 to fit gypsum solubility data over the whole concentration range. The 

value of q in (E.7.9.4) was fixed ~t 0.714 nm. The value of k in this equation was linked to the 

value chosen for Ko in (E.7.9.2). Values used for Ko were 0.0045 and 0.0043 mol kg- 1
• These two 

values gave essentially linear relationships between E~bS04/Pb(Hg) and I' when EO' was calculated 

using (E.3.2.6.2) with E~bS04/Pb(H9) set at -352.6 m.v. The corresDOnding values of k were 0.250 
-1 and 0.533 kg mol • The two paired values of Ko and k were used to solve equations (7.9.2) to 

(7.9.6) in an iterative fashion for Y
i

. Calcium sulphate molalities (m) were used from 0.001 mol.l 

to 4.5 molal. Osmotic coefficients were calculated for each pair of Ko and k values using equations 

(3.2.13.1) and (3.2.13.5). The first of these equations is inconsistent with (E.7.9.3). since it 

involves the assumption that ion pairs behave ideall~. This was not considered important since 

only the activity coefficients were used in subsequent analysis. 

Values of a •• and Yi ' calculated using Ko • 0.0045 mol kg-1 and k • 0.25 kg mo1- 1• are shown 

in columns 2. 3 and 4 of Table 7.9.2. Activity coefficients calculated using the other pair 0' Ko 
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TABLE 7.9.2 HVP()THETICAL PROPERTIES OF CaSO~ SOLUTIONS 

CO~1PARED IHTH REAL PROPERTIES OF MgSO" SOLUTIONS 

CaSO 
molali~y a y± y± y± y± • /mol kg- 1 

0.001 0.892 0.878 0.698 0.696 0.708 0.884 

0.005 0.746 0.777 0.479 0.476 0.493 0.543 0.785 0.805 

0.01 0.670 0.732 0.386 0.384 0.399 0.435 0.739 0.740 

0.02 0.594 0.693 0.304 0.302 0.313 0.326 0.694 0.660 

0.05 0.495 0.650 0.216 0.215 0.218 0.637 

0.10 0.424 0.626 0.164 0.164 0.161 0.134 0.598 0.477 

0.2 0.356 0.607 0.124 0.124 0.116 0.0917 0.561 0.466 

0.3 0.318 0.599 0.106 0.105 0.0945 0.0773 0.541 0.505 

0.4 0.291 0.594 0.0942 0.0938 0.0817 0.0710 0.555 

0.6 0.255 0.587 0.0802 0.0796 0.0666 0.0663 0.649 

0.8 0.231 0.583 0.0716 0.0708 0.0579 0.0644 0.711 

1.0 0.212 0.579 0.0656 0.0646 0.0524 0.0621 0.737 

2.0 0.160 0.570 0.0504 0.0486 0.0451 0.0422 0.572 

3.0 0.133 0.563 0.0433 0.0411 0.0532 0.0525 0.936 

Columns 2, 3 and 4: values derived from equations (7.9.2) to (7.9.6) using 

KO = 0.0045 mol kg- 1 and k = 0.25 kg mol- 1 

Column 5: as for columns 2, 3 and 4 but with 

Ko = 0.0043 mol kg- 1 and k • 0.533 kg 1101- 1 

Columns 6 and 8: properties of pure MgSO~ solutions (Pitzer. ref. 49) 

Col umns 7 and 9: hypothetica1.properties of pure CaSO~ solutions calculated 

using best fit values 

and k values are shown in column 5. The two sets of activity coefficients are remarkably si_iler 

considering the wide concentration range used. 

Properties of aqueous 2:2 sulphates at 250C are given by Pitzer in Tables 3 and 5 of reference 

49. Pitzer obtained activitv coefficients at low concentrations from the freezing point measurements 

of Brown and Prue (5). He used a similar analysis to that of Gardner and G1ueckauf (2.3) (discussed 

in Part I of this thesis) and obtained similar results. Ion association into pairs and triplets WlS 
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assumed. Activity coefficients of free ions were calculated using a Debye-Huckel equation with the 

distance of closest approach parameter set at the Bjerrum distance. The osmotic coefficients were 

corrected for the temperature difference (OoC to 25°C) by using heat of dilution data. Activity 

coefficients at high concentrations were placed on an absolute basis by multiplying the relative 

values given by Robinson and Stokes (43) by appropriate factors. The values tabulated by Pitzer (49) 

are therefore self consistent over the whole concentration range used for each salt. 

Intercomparison of the osmotic and activity coefficients of the nine 2:2 sulphates studied by 

Pitzer shows that the solutions have similar prooerties over the whole concentration range. It is 

therefore reasonable to assume that supersaturated calcium sulphate solutions would have comparable 

properties. Within the experimental range. the activity coefficients of CaS04 solutions calculated 

from the e.m.f. measurements described in Part I, are about half way between the values for CaS04 and 

MgS04 solutions tabulated in reference 49. P;tzer's values for t~ osmotic and activity coefficients 

of MgS04 solutions are given in columns 6 and 8 of Table 7.9.2. These values are in surprisingly 

good agreement with the hypothetical osmotic and activity coefficients in columns 3 and 4. Better 

agreement could have been forced on the data by empirically introducing a larger value of Ko (or 

expressions for triplet formation) together with a larger value of k. The CaS04 activity 

coefficients in column 4 are smaller than the MgS04 coefficients at low concentrations, but become 

higher at a point between 0.05 molal and 0.1 molal. There is a second cross-over point between Z and 

3 molal. It was assumed that the best estimate of hypothetical CaS04 activity coefficients was the 

values in column 4 UP to the concentration of the first cross-over, and values in column 6 above this 

concentration. 

Having deduced reasonable values for activity and osmotic coefficients of CaS04 solutions above 

the solubility limit, the next problem was to use this data to obtain best fit parameters to the 

equations of Scatchard (98). The equations for activity and osmotic coefficients simplify for single 

electrolyte solutions to the form of (E.3.1.5) and (E.7.7.8), respectively. The only discrepancy is 

that the coefficients of the extension terms to the D-H term differ by factors dependent upon the 

charge type. 

It is well known (20) that the properties of 2:2 sulphates cannot be adequately represented by 

simple Debye-Huckel type equations. This fact results in a number of unfortunate consequences: 

e;) non-linear least squares fitting of experimental (or hypothetical) activity 

or osmotic coefficients to give best fit values of A. B. C and 0 in (E.3.1.S) 

or (E.7.7.8) is difficult, especially at low concentrations; 

(ii) assuming problem (i) can be overcome. the standard error of the resulting fit 

cannot be exoected to be small if data covering a wide range is usedi 

(iii) best fit parameters derived to fit the osmotic coefficient eouation. cannot be 

expected to Qive a good fit to activity coefficient data (or vice versa). 
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The overall objective of this section was to oredict CaS04 activity coefficients. It follows 

from (iii) above, that best fit parameters for pure CaS04 are better derived from the hypothetical 

acti vity coefficients rather than from the osmotic coeffici ents. Th; s choi ce was made, and 

divergent solutions were avoided bv initially using a restricted concentration range, and gradually 

extending the range to lower concentrations. At high concentrations the parameters given by 

Lietzke and Stoughton (41) for MgS0 4 could safely be used as starting p~rameters in the iterative 

process; but as more of the low concentration data in column 4 of Table 7.9.2 was included, different 

starting parameters were required. An optimum solution was sought which gave a good fit over the 

experimental ionic strength range (0.06 to 6.0 molal) without giving physically ridiculous values 

to the parameters. Inclusion of too much low concentration data resulted in very small or even 

negative values for the distance of closest approach parameter. A zero value for this parameter 

is clearly unsatisfactory since equation (7.7.8) then predicts an infinitely large osmotic 

coefficient. The set of best fit parameters chosen were: 

, 
0.34482 kg~ mol-I A aaf = 

B (1) 
af 1.1187 kg mol- 1 = 2B 

B(2) 
af -0.34287 kg 2 mol-2 :a 4C 

B( 3) 
af 0.033135 kg 3 mol-3 80 

These parameters, when substituted into equations (3.1.5) and (7.7.8). or the equivalent expressions 

of Scatchard (98), gave the activity and osmotic coefficients shown in columns 7 and 9 of Table 7.9.2. 

The parameters were obtained by fitting data for the concentration range 0.004 to 3.0 molal. The 

goodness of fit below 0.015 molal was not of consequence. but the number of data points used in 

this region was important since it influenced the quality of fit in the experimental range. 

7.9.3 Derivation of best fit parameters for the system Ca2+-Na+-SO~--C1--H20 . 
Parameters derived from data on single salts were easily obtained. The values given in 

Table VI of reference 98 for Na2S04 and NaCl solutions required no further modification. Parameters 

for CaSO~ solutions were derived in the previous section and the compilation of Lietzke and Stoughton 

(41) was used to give values for CaC1 2 solutions. The relationships between the single salt 

parameters for CaC1 2 in Scatchard's (98) equations and those given in reference 41 (cf. E.3.1.5) are 

, 
aag '" A = 1.6129 kg i mol-I 

B (1) . 9/4 B • 0.10273 kg mol-1 
ag 

B(2) 
'" 27/8 C • 0.028934 kg2 Il101-2 

ag 

B(3) 
'" 81/16 ag 0 • -0.0013861 kg' mol- 3 
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The remaining task was to obtain best fit parameters for osmotic coefficient data on the four 

binary electrolyte mixtures havin~ a common ion. It has already been mentioned that suitable data 

is not available for CaS04-Na2S0q--H20 or CaS04-CaC12-H20. It was therefore necessary to make the 

assumotion that osmotic coefficients in these systems were approximated reasonably well by • values 

in the equivalent systems with Ca 2+ replaced by Mg2+. Osmotic coefficient data for the CaC1 2-NaCl­

H20 system WEre taken from the paper by Robinson and Bower (93). Data .for the three remaining 

systems were taken from Wu, Rush and Scatchard (91). 

Values of (. - l)DH and (. - l)nI were calculated for each composition studied in the four 

binary electrolyte systems, by using equations (b), (c) and (d) of Table III in reference 98. The 

experimental osmotic coefficients were then substituted into equation (a) of Table Ill, and values 

of (. - l)nII were calCUlated for each composition. 

A linear least squares procedure was used to obtain best fit values of the 18 parameters in 

equation (f) of Table 111. The program was checked in two ways. 

(i) Parameters z (12) to z (18) inclusive were set to zero and best fit values 

of z (1) to z (11) were computed for system (I). The binary electrolyte 

osmotic coefficient data and single salt parameters used in this analysis 

were the same as those used in reference 98. The resulting 11 parameters 

were identical to those listed in Table VI of reference 98. 

(ii) All the 18 parameters were allowed to vary and the least squares procedure 

was carried out using a, b, f and g defined as both Na+. Ca 2+. Cl-, SO~­

(Definition I) and Ca 2+, Na+, SO!-, C1- (Definition 11). The resulting 

sets of best fit oarameters were related in the manner indicated by Table 

7.9.1. Differences in the magnitudes of eouivalent parameters were confined 

to the seventh significant figure. 

The values of the parameters computed using definition I were as follows: 

PAAAMETER SET I 

l (1) = - 3.684 x 10-2 
Z (10) • 2.516 x 10-2 

Z (2) '" 4.236 x 10-2 
Z (11) .. 1.229 )( 10-1 

-3 
Z (12) 5.087 )( 10-2 

Z (3) - 6.355 x 10 • 
z (4) 

-2 z (13) 8.393 )( 10.5 .. - 1.037 x 10 • 
_1 

• 1.178 )( 10.2 
l (5) - 2.041 )( 10 z (14) • 

_2 
Z (15) - 3.893 )( 10.3 

Z (6) .. 5.409 )( 10 • 
-2 

Z (16) 
. .. 

l (7) .. 6.933 x 10 .. 3.978 x 10 
z (8) - 3.588 x 10-2 

Z (17) - 3.937 x 10-1 

Z (9) 4.049 x 10 -3 
Z (18) 3.612 x 10-2 

-The variance of fit defined by [(+ - 1 )~! - (+ - 1)~!~c] 2 / (N - M) • V. """ere N is the number 

of data points and M the number of variable parameters. was found to be 4.29 x 10· ... 
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The calculations were repeated for definition I with parameters z (12) to z (18) set at zero. 

These are the same parameters given zero values for system I by scatchard (98), presumably on the 

basis that their exclusion did not significantly increase the standard deviation of the fit between 

observed and calculated osmotic coefficients. The best fit parameters obtained were: 

z (1) 

z (2) 

z (3) 

z (4) 

z (5) 

z (6) 

- 3.807 )( 10-2 

3.759 )( 10-2 

-3 - 5.360 )( 10 
_4 

- 4.453 )( 10 
- 2.133 )( 10 -1 

5.643 )( 10 -2 

PARAMETER SET II 

V 5.85 )( 10-4 

z (7) 

z (8) 

z (9) 

z (10) 

z (11) 
= 

= 

- 2.103 x 10- 1 

9.631 x 10-2 

- 9.293 )( 10-3 

1.185)( 10- 3 

2.132 )( 10-2 

An additional set of parameters was computed in the same manner as above, but using definition 11. 

A consequence of the structure of the computer program, was that a different set of interaction 

parameters were set to zero. The best fit values of the 11 non zero coefficients were: 

PARAMETER SET III 

z (1) 
-2 (7) - 2.663 )( 10-2 - 3.571 )( 10 z 

z (2) = - 2.156 )( 10-1 z (8) • - 2.093 )( 10- 1 

z (3) 5.698 )( 10-2 z (9) ,. 6.733 )( 10-2 

z (4) - 5.420 x 10-4 z (10) • - 1.213 )( 10-2 

z (5) 3.622 )( 10-2 z (11) • 1.(43)( 10-3 

z (6) = - 5.166 )( 10-3 

V = 5.39 )( 10-4 

2+ + 2- -7.9.4. Calculation of CaSO" activity coefficients in the system Ca -Na -SOh -Cl -H20 

Mean ionic activity coefficients for CaSO" were calculated for solutions having the 

compositions used in the gypsum s~lubility measurements. The equatio~given in Table V of 

reference 98 were used for this purpose. The activity coefficients were calculated using the 

single salt data only, and also by using the full equations with parameter sets I. II and. Ill. 

The parameters listed in set III could be used directly in the actfvity coefficient expression 

without any changes of sign or arrangennt. More precisely, the relationship between the z 

parameters and the coefficients in equation (c) of Table V (98) are as indicated in columns 1 

and 2 of Table 7.9.1. The required relationship when using sets I and 11. is as indicated in 

columns 1 and 3 of the same table. 

7.9.5 Comparison with experimental CaS04 activity coefficients 

Calculated activity coefficients of MgS04 in system I and calculated activity coefficients 

of CaS04 in system 11, were compared with experimental activity coefficients of CaS04 in systel 11. 
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I 

! 

! 
! 

TABLE 7.9.3 

I Number of 
Foreign 

I 
Data 

Solutes Points 
(n) 

CaC1 2 18 

Na2S0 .. 32 

NaCl 48 

NaCl/CaC1 2 41 

NaCl/ Na 2S0 .. 48 

All data 187 

i 
I 
I 

t1EAN SQUARE DEV lA TI ONS OF CALCULATED AND 

EXPERIMENTAL lny± VALUES 
-_._-_._-_.---------
1 L (lny~alC _ 1nyexpt )2 
n ±CaS.~ .. 

nI nIl nI nIl y+ y+ y+ y+ (I) 
-MgSO .. ""MgSO .. -CaSO .. -Ca SO .. 

0.1393 0.1197 0.774 0.1829 

0.0742 0.0981 0.0421 0.00755 

0.0334 0.0407 0.00987 0.0422 

0.0868 0.0864 0.0547 0.1939 

0.0561 i 0.0848 0.0511 0.0303 

j 0.0681 I 0.0795 0.0423 0.0800 
i 

-
where calc is Yt 

nIl nIl y+ (II ) y+ (III) 
-CaSO .. -CaSO .. 

0.0177 0.0324 

0.00598 0.005g5 

0.0140 0.00779 

0.00903 0.0345 

0.00330 0.00595 

0.0091 0.0152 

The results are summarised in Table 7.9.3. This table gives the mean square deviation between the 

logarithms of calculated and experimental activity coefficients for each of the experimental systems 

studied. The overall mean square deviation for all the data is also shown. 

Values given in column 3 were derived using only parameters for the single salts 1n system I. 

Column 5 gives the equivalent results calculated using parameters for s1ngle salts in system 11. 

As expected, the second set of parameters gave better agreement between calculated and experimental 

activity coefficients. Inclusion of the parameters for binary common 10n mixtures in system I, 

(column 4) gave worse overall agreement between calculated lnY±(MgSO .. ) values and experimental 

lnY±(CaSO .. ) values than when these parameters were excluded. Inclusion of the equivalent set of 

parameters (set 11) for system 11 gave a substantially improved agreement (column 7). Parameter 

set III did not give Quite as good fit as set 11. Parameter set I gave a poorer fit to the 

experimental activity coefficients than the values computed using only single salt parameters. At 

first sight, this last result is unexpected, but it is not unreasonable. The number of significant 

figures shown for the best fit parameters are not in any sense meant to give an indication of 

individual parameter accuracy. The standard deviations of the individual parameters were generally 

of the same magnitude, and often significantly larger, than the best fit values of the parameters. 

The interparameter correlation coefficients were also often close to unity. Consequently, while 

any set of parameters taken as a whole provide a good f1t to the osmotic coefficient data fro. 

which they were derived, a quite different set of values for the same parameters could f1t the data 

almost as well. This situation leads to problems when the best fit parameters are used to predict . 
the properties of solutions of different compositions to those from which the parameters were derived. 

The use of non zero values for all 18 nIl parameters exacerbates these prObl~, because it is 

unrealistic to expect certain of the terms to make significant contributions to the excess fret 

energy. Interactions between four cations or four anions are clearly included in this category. and 
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probably interactions involving three ions of like sign should also be included. Inclusion of 

coefficients for these interaction terms as variable parameters will give best fit values which are 

probably of no real physical significance. It follows that use of these coefficients in a predic­

tive sense is likely to give incorrect estimates, especially at high concentrations where the 

concentration product of the ionic species concerned is high. As a corollary to this discussion. 

it should be pointed out that parameter set II was not the best set of .values found. Calcium 

sulphate activity coefficients were inadvertently calculated without making the necessary sign changes 

to the parameters concerned. This "error" led to a slightly better fit for parameter set 11. and a 

substantially improved fit for set I compared to the results obtained with all the signs correct. 

No significance is attached to this result, other than to illustrate that improved fits could be 

obtained by making arbitrary chan~es to the computed parameters. 

While Table 7.9.3 gives an adequate comparative summary of the different sets of calculated 

activity coefficients, it does not provide any detail, nor does it give a very clear idea of the 

magnitude of the differences between calculated and experimental results. Tables 7.3.1. 7.3.2, 

7.4.1, 7.5.1 and 7.6.1 list values of the ratio R. This is defined as the ratio of activity 

coefficients calculated using parameter set 11 to the experimental activity coefficients. 

Inspection of these ratios shows that the calculated coefficients were generally within 10% of 

the experimental values. larger deviations were present at high concentrations of CaC1 2 and 

Nael. The relatively few deviations in excess of 10% made major contributions to the values in 

Table 7.9.3. Deviations at low ionic strength also made important contributions. This latter 

effect was a direct result of the inability of the Debye-HUckel expression to fit activity 

coefficients for Dure CaSO~ solutions. 

In view of the major assumptions used. and the wide range of ionic strengths and solution compo­

sitions studied. the calculated activity coefficients are considered to be in remarkably good 

agreement with the experimental results. Quite a good approximation was achieved simply by using 

the single salt parameters for system I. A much better approximation would have resulted if the 

equation and parameters for pure ~gSO~ solutions gave activity coefficients which were in agreement 

with literature values. At the solubility limit for gypsum in pure water. the computed MgSO~ 

activity coefficient was nearly 20% larger than the value interpolated for MgS~ from Pitzer's 

(49) fable 3. This is. in part. a consequence of the limited concentration range of osmotic 

coefficient data fitted by lietzke and Stoughton (41). to give the MgSO~ single salt parameters. but 

is primarily a result of the inadequacy of the electrostatic tenm to represent the concentration 

dependence of 2:2 sulphates. The agreement between experimental activity coefficients and value. 

calculated using parameter set 11 is as good as can reasonably be expected. Further atteMpts to 

compute a better set of parameters by using a different choice of non-zero coefficients wert 

consequently not thought to be worthwhile. 
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7.9.6 Prediction of CaSO" activity coefficients in the Ca2+-Na+-sor-Cl--H20 system 

by utilising the experimental qypsum solubilities 

The previous secti ons have di scussed the use of Scatchard' s "i ons as components 11 treat­

ment in the prediction of CaSO" activity coefficients using only osmotic coefficient data. A less 

demanding task is to use experimental gypsum solubility measurements to predict calcium sulphate 

activity coefficients for solutions of different composition. Insufficient time was available to 

carry out this work but the principles involved are discussed below. 

The single salt parameters for system II are unaffected. The objective is to obtain a set of 

"common ion" parameters which best fit the experimental CaSO" activity coefficients. This can be 

carried out by calculating values of (lny±)~!~o" using equation (a) of Table IV and equations (a) 

and (b) of Table V (reference 98). The resulting values can be fitted to equation (c) of Table V 

by a linear least squares procedure to give best fit values for the 18 coefficients. 

The most reliable set of coefficients would be obtained by utilising all the solubili~y data. 

but data for the three binary electrolyte solutions would be adequate. 

7.10 APPLICATION OF REILLY. ~100D AND ROBINSON'S EQUATIONS 

The treatment of Reilly. Wood and Robinson (117) was applied to the gypsum solubility measure­

ments in the three single electrolyte solutions. It was assumed that calcium sulphate in 

the solutions could be considered as being present in trace amounts. This considerably reduced the 

complexity of the equations, but is clearly a poor approximation at low concentrations of foreign 

electrolyte. Application of equation (13.2.1) (this is the corrected form of equation A-9 of 

reference 117 - see Part Ill) to the three single salt solutions under these circumstances gives: 

and 

lny+ 
-CaS04(trace in NaCl) 

.. o 0 
1.5 (1 - 'CaC1

2 
+ 1nYt ) + 

CaC1 2 

o 
21nYt 

NaCl 
+ 1. 5 I ( Cl 

9Ca.Na 
Na 

+ gSO ... Cl) 

lny m 

tCaSO .. (trace in CaC1 2 ) 

Ca 
2 I gsO ... Cl 

• (1 - , 

2 I SOft 
gCa. Na 

o 

CaSOft 
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In these equations the activity and osmotic coefficients given a superscript "0" refer to solutions 

of sin~le salts at the same ionic strength as the solution in which the CaS04 is present as a trace. 

The g~,z parameters are defined in Part Ill, and may be evaluated from measurements on the binary 

electrolyte solution containing XV and XZ and the component single electrolyte solutions all at the 
" Ca SO same ionic strength. It 1S eV1dent that gso Cl and gc 4 N cannot be calculated directly because 

4' Cl a, a 
of the limited solubility of gypsum. Evaluation of 9C Nand gNsoa Cl is feasible. Osmotic 

a, a 4' N Cl 
coefficient data is available on the relevant systems and this enables values of wsoa Cl and w 

4' X Ca, Na 
to be calculated (this has been done for the second of these quantities in Part Ill, where wv, Z is 

referred to as wo), Integration of w
X 

Z according to equation (9.1.5) from 1= 0 up to the ionic 
V, X 

strength concerned is necessary in order to calculate g Z. The integration cannot be carried out 
X V, 

accurately due to the limited range of Wv Z values. This problem may be obviated by using the 
X X ' 

assumption that w = g at any given ioniC strength. A variety of more complicated assump-
V. Z V. Z 

tions are suggested by Friedman (Figure 18.3, reference 94) but their accuracy is indeterminate. In 

view of these problems, g~,z contributions were neglected. After making this additional simplifying 

assumption, all the quantities on the R.H.S. of (E.7.10.1) are easily calculable. Subtraction of 

(E.7.l0.3) from (E.7.10.2) gives, for solutions of the same ionic strength: 

(E.7.l0.4) 

in which the unknown properties of pure CaS04 solutions at high concentrations have been eliminated. 

Prooerties of solutions containing trace amounts of CaS04 were calculated using (E.7.10.1) and 

(E.7.10.4). Activity and osmotic coefficients of pure solutions of NaCl, CaC1 2 and Na2S04 were 

calculated using (E.3.1.5) and (E.7.7.8) with appropriate parameters obtained from reference 41. 

The results were compared with the equivalent exoerimental properties for solutions in which CaS04 

was present at saturation concentrations. Activity coefficients of CaS04 in Na2S04 solutions. at 

the same ionic strength as the CaS94-~aCl2 solutions, were obtained by graphical interpolation. 

Activity coefficients of CaS04 in NaCl solutions were calculated using two assumptions: 

(i) quantities on the R.H.S. of (E.7.l0.1) were given values corresponding 

to the ionic strength of the sodium chloride only; 

. (if) the same quantities were given values appropriate to the ionic strength 

of NaC1 plus CaS04' 

It can be seen from Table 7.10.1 that these two assumptions give quite different results, particularly 

at low sodium chloride concentrations. This implies that the saturated concentrations of CaS04 are 

too high to expect the trace activity coefficient expression to serve as more than a guide. Apparent 
Cl Na 

values of gc N + g Cl are also tabulated in Table 7.10.1. 
a. a S04. 

At high NaCl concentrations, the sum of these g values is not too dependent on the choice of 
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TABLE 7.10.1 COflPARISON OF EXPER I'1ENTAL AND CALCULATED 

CaSO .. ACTIVITY COEFFICIENTS IN NaC1 SOLUTIONS 

I Mo" lity ~-11---1 n-
Y
-±-( C-A-LC:- -II'--c ~ ~:::~::. ,. Y, (CALC) 

i of NaC1 

'
I,' /mo1 kg - 1 ,1 9 + 9 l' , - ny ±(EXPTL) , Ca ,Na SO .. ,Cl - ny ±(EXPTl) 

--0-.2-81---!- 0.328 ~r--~~~·-.:-_:-_l __ --------0:-185 

0.312 : - 0.62 0.184 0.335 

0.396 

0.504 

0.611 

0.807 

1.03 

1.52 

2.02 

2.54 

3.02 

4.01 

5.49 

0.300 I - 0.51 0.183 

0.282 I - 0.37 0.182 
i 

0.271 - 0.30 I 0.183 

0.257 I -0.21 0.188 
I 

0.247 I - 0.16 0.192 

0.240 I, - 0.11 0.210 

0.245 I - 0.081 0.232 
! 

0.256 I - 0.067 0.256 

0.265 I' - 0.059 0.276 

0.255 - 0.042 0.278 

0.372 I - 0.045 0.401 

Columns 2 and 3 are ca1cualted on the basis: • ~aCl 

Columns 4 and 5 are calculated on the basis: • "'fiaC1 + 4MCaSO .. 

ionic strength definition, and the magnitude of the sum is not unreasonable • 

. 

Apparent 
Value of 

Cl Na 
gCa,Na + gSO ... Cl 

/kg mol- 1 

- 0.31 

- 0.26 

- 0.23 

- 0.19 

- 0.16 

- 0.13 

- 0.11 

- 0.081 

- 0.069 

- 0.062 

- 0.057 

- 0.044 

- 0.047 

Table 7.10.2 compares the experimental ratio of CaSO .. activity coefficients in CaC1 2 and 

Na2S0 .. solutions with the ratio of trace activity coefficients calculated using (E.7.10.4). The 

solubility of gypsum in CaC1 2 and Na2S0 .. solutions is considerably less than in NaCl solutions. 

so (E.7.10.4) should give better agreement with the experimental results than (E.7.10.1). The 

assumotion that g terms are negligible is also better justified for the former equation. since a 

difference rather than a sum of g terms is involved. If both assumptions were fully justified. 

columns 2 and 3 of Table 7.10.2 would give identical results. The observed differences are quite 

large at high salt concentrations. but are relatively small at low concentrations. The magnitude 

of the difference in 9 values is larger than expected. but is not implausible. 

The overall conclusion of this section was that the treatment of reference 117. applied with 

the present assumptions was not capable of accurate predictions of calcium sulphate activity 
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TABLE 7.10.2 

I 
: Mo 1 a 11 ty of 
I 

CaCl 2 or 
Na2S04 

EXPERIMENTAL AND CALCULATED VALUES 

FOR RATIO OF CaS04 ACTIVITY cnEFFICIENTS IN 

CaCl 2 AND IN Na2S04 SOLUTIONS 

Experimental value 
of 

2 (41° 0 - 41 i y+ 

/mol kg- 1 In -CaS04 in CaCl 2 CaCl 2 Na2S04 
I 

y+ 
-CaS04 in Na2S04 

--_._------
0.155 0.094 0.192 

0.251 0.150 0.272 

0.420 0.245 0.404 

Apparent 
Value of 

) S04 Ca 
9 - 9 Na.Ca S04,Cl 

/kg mol- 1 

0.097 

0.077 

0.061 

I 
0.703 0.38 0.606 0.052 

1.14 0.58 0.92 0.049 

I 
! 

1.69 0.87 1.33 0.045 

coefficients in the three single salt solutions. It would have been interesting to apply 

equation (13.2.1) in its full form to all the solubility data. This would have required knowledge 

of the properties of pure CaS04 solutions above the solubility limit (of. Scatchard's "ions as 

components" treatment). While this is feasible, inclusion of all the 9 terms would be quite 

impractical, so that the calculations would be limited to the use of single salt properties. 
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8. SWMARY OF CONCLUSICWl 

The conclusions derived from the work described in Part 11 are summarised below. 

(i) The solubility of gypsum in water at 250C was found to be 0.01518 ±0.00004 mol 

kg-l. This result was obtained from measurements made using two quite different 

experimental techniques. The two experimental methods gave mean values within 

0.04% of the above solubility. 

(ii) Gypsum solubility measurements in solutions of NaCl, Na2S0 ... and CaC1 2 were used 

to derive a value of (2.65 ±0.3) x 10- 5 mo1 2 kg- 2 for the thermodynamic solubility 

product of gypsum. Equations were obtained which gave a good fit to the 

experimental solubilities of gypsum up to a molal ionic strength of approximately 

six. 

(iii) It was shown that a recent treatment of mixed electrolyte solutions proposed by 

Scatchard, could be used to provide good estimates of calcium SUlphate activity 

coefficients in the systems studied. Reasonable estimates could be obtained by 

using literature osmotic coefficient data for the system Mg 2+ - Na+ - SO~- - Cl- -

H20. More accurate predictions could be made by substituting osmotic coefficient 

data involving calcium chloride for some of the equivalent data involving magnesium 

chloride, and also by substituting hypothetical data on calcium sulphate solutions 

for equivalent data on magnesium sulphate solutions. 

(iv) It was found that the treatment of mixed electrolyte solutions used by Wood and 

coworkers is of limited applicability in the systems studied. 
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PAR T I I I 

SOME ASPECTS OF THE THERMODYNAMIC 

PROPERTIES OF DILUTE BINARY ELECTROLYTE SOLUTIONS 



9. INTRODUCTION 
:-= :n::e 

In recent years there has been much interest (100) in charge asymmetric electrolyte mixtures. 

This interest has been divided mainly between two areas. Firstly, the prediction of thermodynamic 

properties of multicomponent mixtures from an experimental knowledge of the properties of single 

electrolyte solutions and of binary mixtures in which a common ion is involved. Secondly, 

experimental evidence has been sought to confirm the limiti ng laws predicted by Friedman (94).. It 

is the second area of interest with which Part III of this thesis is concerned. 

9.1 BRIEF SYNOPSIS OF FRIEDr~AN'S (94) PREDICTIONS 

The theoretical treatment of Friedman (94) is based lar~ely on the cluster expansion approach of 

J. E. Mayer (101). This treatment leads to the conclusion that as the concentration of mixed 

electrolyte solutions containing a common ion approaches zero, certain parameters which remain finite 

for charge symmetric mixtures, become non-finite in the limit for asymmetric mixtures. The theory 

predicts the limitin~ gradients as the ionic strength approaches zero, and the introduction of assumed 

ion sizes enables "primitive model" calculations to be made which extend the concentration range over 

which the theory gives realistic estimates for excess thermodynamic properties. 

Excess thermodynamic properties of binary electrolyte mixtures were expressed as 

6m Xex (y, I) (E.9.lol) 

where y is the fraction of the total ionic strength of the mixture contributed by electrolyte A; 

Xex (y, I) is the excess thermodynamic property (e.g. excess free energy of solution) per kg of 

solvent at total ionic strength I and ionic strength fraction y; 6m Xex (y, I) is the change in the 

excess property per kg of solvent for the mixing process carried out at constant ionic strength from 

appropriate quantities of single electrolyte solutions. 

The y dependence of 6m Xex is. assumed to be of the form: 

6m xex (y, I) 

(E.9.1.2) 

where the expansion parameters xp are dependent on I but independent of y, The magnitude of ~ Xex 

is dependent primarily on xo' If the terms involving asymmetry (p > 0) are neglected (E.9.1.2) 

reduces to 

(E.9.1.3) 

Friedman's treatment allows the limiting ionic strength dependence of the various Xo parameters to b, 

predicted as the concentration approaches zero. If a solution containing a mixture of 2:1. 1:1 

charge type electrolytes is considered, and the Gibbs function of the solution (G) is substituted for 
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X. then the relevant limiting law is 

0.457 1 n I (E.9.1.4) 

The derivation of this limiting law is given in Appendix III 1. Other limiting laws may be 

derived from (E.9.1.4) by carrying out appropriate differentiations. When X represents the 

solvent free energy (Gw)' the limiting law for the expansion parameter (wo) is obtained from 

This gives 

Cl (go I) 

Cl I 

0.457 + 0.457 ln I 

(E.9.1.5) 

(E.9.1.6) 

The nomenclature used for the equations in this introduction is that of Friedman (94). except that the 

sign of Wo is reversed. This is to compensate for his surprising definition of Am Gex (equation 
w 

16.31 in reference 94). in which the sign of this quantity is inconsistent with the equations from 

which it is derived (16.30 and 16.10). The limiting law for the enthalpy expansion parameter is 

obtained using 

- T (:g;) (E.9.1.7) 

p 

The prelogarithmic factor in (E9.1.4) is temperature dependent via the solvent density and dielectric 

constant but ionic strength defined on the molality scale is temperature independent. Differentiation 

of (E.9.1.4) according to (E.9.1.7) gives 

- 633 10g10 I (E.9.1.8) 

It is clear that all three limitin~ laws predict that the respective expansion parameters will 

approach + or - infinity as I approaches zero. At higher concentrations. estimates of the magnitudes 

of these parameters may be obtained by the use of so-called "primitive model calculations". Friedman 

employs the approximation 

9
0 

(calc.) 

where K is the Oebye reciprocal length 

and A is the Coulomb length or Bn times the Bjerrum distance qa' 

For unsymmetrical mixtures this is a good approximation since: 

Ci) c;oos;::,l:~ u • 2,3,4, ...... 
u 'bu 

and for unsynmetrical mixtures ~ou 1s zero for u > 2. 

(11) ~o ~ • 90 - b - eo 
AI 
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where b and eo arise from the difference in mixing processes in which volume is 

the independent variable (~o) and pressure is the independent variable (go)' At 

low ionic strengths b and eo approach zero. 

~ may be calculated from 
02 

+ (E.9.1.10) 

This equation holds for binary mixtures of electrolytes having a common ion of charge Z3' J ij is an 

ionic solution integral for the ions i and j which is dependent on Lij and Kij . These are defined by 

Lij - zi Zj >.. (E.9.1.11 ) 

4 11 aij 

and 

Ki j '" It:: aij (E.9.1.12) 

where aij is the shortest internuclear separation of ions i and j. Values of J are tabulated in the 

appendix of reference 94 as a function of Land K. This enables values of go to be calculated 

subject to uncertainties in equation (9.1.9) and uncertainties in the various aij values. Other 

expansion parameters such as Wo and ho may be calculated by carrying out the appropriate 

differentiations of 9
0

, 

9.2 COMPARISON WITH EXPERIMENT 

Wood and co-workers have made enthalpy of mixing measurements for a wide range of electrolyte . 
mixtures. The systems which are of particular interest here are alkali metal chlorides with 

ma9nesium chloride (102) and also with calcium chloride and with barium chloride (112). The 

experimental values of ho for all these systems show an increase (as predicted by the limiting law) 

when the ionic strength is reduced. The upturn is especially marked for the mixture of caesium 

chloride with magnesium chloride. but even for this system the results do not show a quantitative 

approach to the limiting law. It is unfortunate that the results do not extend below 0.5 I. but 

presumably Wood considered that the small enthalpy changes at lower concentrations would lead to 

excessively large uncertainties in the calculated ho values. 

Activity coefficients for the systems HCl - A1C1 3 - H20 and HCl - CeCl! - H20 published in 

reference 43 were used by Friedman (94) to calculate values of go at concentrations down to 1.0 I. 

Again a qualitative but not a quantitative approach to the relevant limiting law was evident. 
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9.3 OBJECTS OF PRESENT WORK 

The main object of Part III of this thesis was to make additional tests of the limiting laws 

given in section 9.1. 

No reference is made in the literature to any experimental tests of equation (9.1.6) for wO' 

From one viewpoint a test of the limiting law for w is preferable to a test for g. This is o . 0 

because Wo is calculated from osmotic coefficients which are directly measurable. while go is 

calculated from activity coefficients which at some stage must rely on an extrapolation to zer'o 

ionic strength. In the calculation of go' any error in this extrapolation becomes increasingly 

important as the ionic strength approaches zero. 

Considerable experimental data for osmotic coefficients of 1:1. 2:1 electrolyte mixtures is 

available in the literature. Osmotic coefficients for all the single electrolyte solutions 

involved are also available. The data for mixed electrolytes have been analysed (e.g. 91. 105) 

with the implicit assumption that parameters equivalent to Wo remain finite as I approaches zero. 

This assumption must involve an error of unknown magnitude when the same parameters are used to 

calculate activity coefficients. The present intention is to re-analyse this osmotic coefficient 

data without prejudice as to the nature of the concentration dependence of Wo and to scrutinise 

the results to see if any approach to the limiting law is evident. 

Two problems with the activity coefficient data analysed by Friedman are that the results do not 

extend below 0.5 I and that hydrochloric acid was a component of both the systems. Friedman (94) 

suggests that the presence of H+ ions was unfortunate since comparison between experiment and 

primitive model calculations are likely to be unsatisfactory for this particular ion. Both of 

these problems were avoided by measuring calcium chloride activities in mixtures with calcium 

sulphate at total ionic strengths between 0.0041 and 0.033 molal. It was thought that at these 

low concentrations a quantitative approach of experimental go values to the limiting law might be 

observed. 
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10. ~RJl~NI&. 

10.1 MATERIALS AND APPARATUS 

These were all as described in Part I. 

10.2 TEST SOLUTIONS 

A stock solution of calcium su10hate having a concentration of 0.01 molal, and three stock 

sol utions of calcium chloride were prepared. The latter he.d concentrations of approximately 0.0147, 

0.00171 and 0.00014 molal. Eight test solutions were prepared by adding varying weights of the 

CaC1 2 solutions to approximately constant weights of CaSOq solution. The weight of extra water 

required to give a solution exactly 0.001 molal in CaSOq was then added. The final concentrations 

of calcium chloride are given in Table 11.1. 

10.3 SILVER-SILVER CHLORIDE ELECTRODES 

Bias potentials for the Ag/AgCl electrodes were found to have increased to as much as 110 ~v. 

This was considered unacceptable and the electrodes were interconnected and heated for 30 minutes at 

700e in a pure 0.001 molal solution of calcium chloride. After cooling and standing overnight, the 

largest bias potential was found to be 40 ~v which was less than a third of the expected standard 

deviation of the e.m.f. measurements. 

10.4 t1EASUREMENTS 

Ten cells were used, identical in design to those used as reference cells in Part I. Two of 

these were used with pure CaC1 2 solutions, the first as a primary reference cell, and the second to 

check that the response of the calcium membrane electrode was Nernstian. 

A minimum of nine transfer m~asurements were made with each test solution over a period of three 

days. All conditions were as described in Part It and nitrogen was bubbled through all the solutions. 

The pH of each solution was measured at the end of the third day. 
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11 . Q!'lBl!1fliW.~ su b 11 

The concentration of CaC1 2 in the primary reference cell was 0.01468 molal. Observed transfer 

potentials between this cell and the test cells are given in Table 11.1. The transfer potentials 

between the two reference cells were always found to be within 0.1 m.v. of that predicted using 

Lietzke and Stoughton's parameters (41) in equation (E.3.1.5) for CaC1 2' activity coefficients. 

The solution pH values are also given in Table 11.1. These are seen to lie in a narrow band around 

pH 6, and were therefore satisfactory. The pH of the CaCl z reference solutions were 5.96 and 5.88. 

Examination of the transfer potentials did not suggest that any time deoendence was present, 

so the results for each solution were averaged, and 95% confidence limits of the mean values were 

calculated. 

• 
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TABLE 11.1 RESULTS FOR MIXED CaS04 (0.001 m) - CaC1 2 SOLUTIONS 

r-::~~- -Date 0-;- ~bS:Ved~~:~Sfer potent~:-T~OlU:i-O~ ~ean ~ra~Sfer 1-95% Confidence 

M,,,,,,",, ,t ~'b: '" "_mill "0
1 

" pH Po'" t" 1/m. V'

I 
U mi;!. ~~' Me" 1 I of CaC1 2 

. 
7/2/72 

i 
13.09, 13.15, 13.25, 13.23 

I 
0.009790 , 8/2/72 

I 9/2/72 

13.15, 13.14, 13.19. 13.21 I 13.21 I ± 0.072 i 
j 13.46,13.26 __ . ____ L_~·90_!__ L. ___ . ____ . _ .. I 

I 

I .... -. '-" .-.~- - -
I 

! 
7/2/72 

1 

: 40.53, 40.71, 40.62, 40.56 

0.004310 8/2/72 40.65, 40.45, 40.79, 40.51 

, 9/2/72 140.62, 40.53 
. j r-------t----- -
I 7/2/72 

0.002060 

0.0010104 

8/2/72 

64.85, 65.01, 64.83, 64.76 

·64.82, 64.79, 64.82. 64.82 

9/2/72 64.86, 64.76 

7/2/72 87.67,87.71.87.60.87.41 

8/2/72 87.32,87.36,87.32,87.35 

9/2/72 87.35,87.31 
-------.------- .. --.---~ .• -.. - .. _-._--.,-._-_ .. _ ... _-- ---._"._.-_.--.. 

1 
! 
! 

7/2/72 106 .15, 106.19. 106.01. 105.90 : 

5.87 

5.91 

5.94 

I 40.60 ± 0.072 

I- I r---···--- -·-----1 
, 

64.83 ± 0.050 

87.44 

I 
I 

± 0.110 

- .. -. - -····-·--r- --'------' - . 

I 
0.0005469 8/2/72 105.79, 105.84, 105.99. 105.99 105.95 I ± 0.099 

_____ ._._9_/2'-~~_~~05~~~~5.8~ ___ . ___ . __ ._; _~_'99 __ 1~ _____ t--_____ --1 

7/2/72 131.10,130.81.131.01 I I 
8/2/72 ,130.66, 130.92, 131.24, 131.12; \' 

9/2/72 '131.17. 131.10 6.00 

i i L---, 

7/2/72 1153.29.153.27,153.40 , 

8/2/72 1153.41, 153.33, 153.29, 153.18' 1 

'/2/12 1'53.45, 153.55 6.13 ! 

0.0002246 

0.00009915 
I 

I 
I 

7/2/72 i 173.17, 173.11, 173.20 : I 
0.00004495! 8/2/72 i 172.99, 173.16, 173.18, 173.12 I' 

I 9/2/72 173.05, 173.12 6.15 
~ ____ -JI _______ · ______________ ~ ____ ~ ____ ~------~ 

131.01 ± 0.140 

153.35 ± 0.084 

173.12 ± 0.051 
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12. ~!LA)..Y~.Ls....9L~JTj:RATURE o S"l On&r COEFFICIENT DAJ.a. 

12.1 METHOD OF CALCULATION 

The equation used to calculate Wo for 2:1,1:1 electrolyte mixtures was (E.7.8.5): 

The symbols were defined in section 7.8. The derivation of (E.7.8.5) from equation 6 of Reilly 

and Wood (103) is given in Appendix 111.2. 

Osmotic coefficients for mixed electrolyte solutions were obtained from the following sources: 

System Source 

NaCl - CaC1 2 - H2O Robinson and Bower (93) 

NaC1 - BaC1 2 - H2O Robinson and Bower (104) 

KCl - CaC1 2 - H2O Robinson and Covington (105) 

KCl - BaC1 2 - H2O Robi nson and Bowe r (106 ) 

NaCl - t'gC1 2 - H2O Pl atford (107) 

Equation (7.8.5) requires that for each system, osmotic coefficients for pur~ aqueous solutions of 

each single electrolyte are known at every ionic strength for which measurements were made in the 

mixtures. Equation (7.7.8) was used for interpolation purposes, and best fit parameters for each 

electrolyte were computed by a non linear least squares procedure. Since Wo is a measure of what 

may reasonably be called a second order non-ideal1ty effect, it is clear that accurate values of to 

were required. The osmotic coefficients of NaCl and KCl from various sources have been analysed by 

Robinson (113,114) to give "best" values, and these have generally been taken as reference standards. 

Solutions of these salts have then been used to determine osmotic coefficients of other electrolytes 

by the isopiestic technique. In this present study self consistency was achieved by using the best 

fit parameters to (E.7.7.8) computed by Lietzke and Stoughton (41) for pure NaCl and pure KCl 

solutions. Osmotic coefficients 'for all other solutions. either of single or mixed electrolytes, 

were recalculated from raw un smoothed data using the parameters of (41) to interpolate osmotic 

coefficients for the reference solutions. A number of sets of isopiestic data are available in the 

literature for each of the pure 2:1 chloride solutions. These were treated separately to give best 

fit parameters to (E.7.7.8). After inspection of the results to check that none of the sets were 

inconsistent with the bulk of the results, all the data for each salt were combined, and overall best 

fit parameters were obtained. Where data were available up to very high concentrations, only results 

for solutions having an ionic strength below 9 molal were included in the analysis. Calcium 

chloride was used as the reference salt for one of the sets of magnesium chloride isopiest1c 

measurements. This data set was analysed by using the best fit parameters for CaC1 2 obtained in 

this present study when all available data was uti11sed • 
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When calculating Wo values for each system. two sets of best fit parameters were used for the 

osmotic coefficients of the pure 2:1 salts. Calculations of Wo were always made using the set 

of parameters derived from all the available isopiestic data. In addition, Wo values were 

calculated using the particular set of best fit parameters for each 2:1 salt which had been 

computed from isopiestic measurements made at the same time as those on the mixed electrolyte system 

concerned. These latter parameters could not be relied upon to give o.smetic coefficients as 

accurate as those calculated using parameters for all the data, but had the advantage that the .0 
and ~mix values should be more internally consistent. 

12.2 RESULTS AND DISCUSSION 

Table 12.2.1 gives the results of the least squares fitting of osmotic coefficients for the 

pure alkaline earth chlorides. The results of Lietzke and Stoughton (41) are shown for comparison. 

In general the results for the different sets of data were in reasonable agreement. The only 

exception was the data of reference 104 for BaC1 2 • At the lowest ionic strengths this gave slightly 

higher osmotic coefficients than the other data analysed, and resulted in quite different best fit 

parameters. This example emphasises the dangers of using best fit parameters to extrapolate 

outside the range of the data from which they were derived. Within the experimental ionic strength 

range used in reference 104, the best fit parameters give osmotic coefficients which are in 

reasonable agreement with osmotic coefficients derived using the other data for BaC1 2 • Outside 

this range the two sets of osmotic coefficients diverge markedly. 

The calculated Wo values for each system are presented in Figures 12.2.1 to 12.2.5. With 

the exception of seven low concentration data points for the BaC1 2 - NaCl - H20 system, all the 

points were calculated using .0 values for 2:1 salts computed from "all data" parameters. In 

general the differences in Wo values calculated by the two methods were so small that showing both 

sets of values would have been pointless. The six lowest ionic strength results for the system 

BaC1 2 - NaCl - H20 comprised a group of isopiestic measurements referred to as "Set 1· in 

reference 104, and presumably we~ from an individual "run". The two sets of parameters gave rise 

to quite different Wo values for these six points but all the remaining data gave good agreement 

between the two calculation procedures. Both the calculated Wo values are shown in Figure 12.2.5 

for these points. The very sharp convergence of the results at higher concentrations is 

demonstrated by the inclusion in Figure 12.2.5 of both Wo values for the seventh point. Inspection 

of the results for this system suggests that the Wo values calculated using the "all data­

parameters are anomalous. This implies that some error was present in the data for Set 1 Which 

affected both the mixed BaC1 2 - NaCl solutions and the pure BaC1 2 solutions in an equivalent manner. 

One possible cause could have been an error in the concentration of the NaCl reference solutions. 

Some asymmetry in the Wo values was present for all the data and was particularly apparent for 

the CaC1 2 - NaCl - H20 system. This y dependence of the data did not. however. obscure the matn 

feature of results which was a negative gradient of the Wo values as a function of ionic strength. 
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TABLE 12.2.1 BEST FIT PARAMETERS TO EQUATION (7.7.8) FOR 

SOLUTIONS OF MgC1 2 • CaC1 2 AND BaC1 2 

r----·-R-e-f-er-e-nc-e-,--D-at-a-s-o-u-rc-e r--N-U-mb-e-r--r-------------

I Salt I Salt Reference of Data Best Fit Parameters 
Variance of Range of 

Fit: Ionic 
I ~umb~ Points 

CaC1 2 I 111 13 -~::~N:o:: I o.::~~~:~ I 
_____ 1 .J 

I 
-4 I -17 1.05 x 10 ; 0.24 - 8.3 i 

A 1.6813~~~~~~ 
B 0.05552; D -0.000421 

1---------- -------t-------.------ -------l----- --- ------
A 1.7000 : C 0.01240 

NaCl 107 
1 B 0.05320 D -0.000457 I I 

-----t----------h

--

n

---------- I ' I 

f--_K_C1_-J.-__ l~B . ~'-_ .;~:::::! ~_:: :;~:4f~~~~:6l~'34 __ ~ 
A 1.7131 C 0.01103 -6 I I 

I Combined Results 57 : 1.34 x 10 : 0.34 - 8.3 ! r------------ ----------- : __ ~::h::~-2 -~ -~::~::~-I i 
cf. Reference 41 : 1.50 x 10-5 0.30 - 15.0 

B 0.06633 D -0.000255 

MgC12 

1.1 - 8.6 

I 

1.5 - 6.4 
, 

-l 
I 
! 

0.27 6.6 -
CaC1 2 

cf. Reference 41 I 

I 

~ ___ ~1O _____ ~: . A 1.5191 C 0.006108 2 ... : 1O~: ;~'26- -:.~-
Combined Results 43! - 3.96 x 10 I 0.26 - 5.4 

-! : ~:::::3.: ~:=H----- .7 1----
I 1 8.4 x 10 0.03 - 5.4 

0.04566 B D -0.0002741 

A 1.8332 C 0.0174971 

B -0.01432 o -0.0015861 

A 1 .5727 C 0.005811, 
, 

B 0.01925 D -0.000366 I 
A 1.5554 C- -0.004718 r 
B 0.02233 o -0.000223 

- -- ... _. --_. --- _._ - - __ ·e ______ 

KCl 106 

BaC1 2 

NaCl 104 j 12 

----- .-.,.--
I 

1'-----------------

cf. Reference 41 

3.4 x 10-6 
1.1 - 5.3 11 

I 
1.71 x 10-7 i 1.6 - 5.1 12 

1 B 0.01232: 0 -0.000692 
____________ -L __ --L ___ -'----I----~------J. 
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FIGURE 12.2.1 Wo VALUES FOR THE CaC1 2 - KCl - H20 SYSTEM 
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FIGURE 12.2.2 Wo VALUES FOR THE CaC1 2 - NaCl - H20 SYSTEM 
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FIGURE 12.2.4 
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FIGURE 12.2.5 
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This trend is in sharp contrast to the theoretical limiting law. To aid comparison, w values were 
o 

evaluated using (E.9.1.5) and are shown in Figure 12.2.1. The dashed line representing this 

limiting law is shown as a straight line. It should really be slightly curved, the 'gradient 

decreasing as the ionic strength increases. 

It is unfortunate that with the exception of the MgC1 2- NaC1 data, the results do not extend . 
below an ionic strength of 0.6 molal. The isopiestic data for solutions of ionic strength below one 

molal is of such poor precision for this system, that it is almost worthless. If, however, these 

results are not rejected, they may be optimistically construed as providing indications of a downturn 

in the Wo values at low concentrations. 

In section 14.2 these results are compared with primitive model calculations. 
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13. ANALYSIS~TIVITY COEFFICIENT DATA FOR 

THE GaS~ - CaGl? - H?O SYSTEM 

13 . 1 :..::ME::.:TH.;:..::.:.OD~OF.-=.:.GA.:.=L=.:CU:.=L:...:.AT:....:I.:.:..:NG:....g 0 _VA_LU_E_S 

Friedman's (94) equation (16.29) is taken as a starting point: 

IIm Gex (y, I) Gex (0, t) - [1 - y ]Gex (0, I) - Y Gex (1, I) 

+ 2t r g~X (y', t/[l - y'] )[1 -y'r2 dy' 

o 

(E.13.1.1) 

lne symbolism is that of Friedman. Quantities enclosed by parentheses indicate values of the 

variables upon which the preceding quantity depends. y is the fraction of total ionic strength 

contributed by the electrolyte (A) whose excess free energy is known in the mixed solution. t is 

the ionic strength contribution of electrolyte B which must be constant. g~X is a reduced form of 

the mean ionic partial molal excess free energy of electrolyte A defined by 

(E.13.1.2) 

Consequently, for the system under consideration, the information required to calculate ~ex at a 

given ionic strength fraction (YA) of GaC1 2 and total ionic strength I is: 

(i) the excess free energy of pure CaS04 solution per kg of solvent at the ionfc 

strength (t) of CaS04 in the mixed solution; 

(ii) the same quantity at the total ionic strength of the mixed solution; 

(iii) the excess free energy of pure CaC1 2 solution per kg of solvent at the total 

ionic strength of the mixed solution; 

(iv) the YA dependence of CaC1 2 activity coefficients in the mixed solution from the 

given YA value down to YA • zero. 

For a solution of a single electrolyte the excess free energy per kg of solvent is given by 

where v is the number of moles of ions per mole of solute. 

m is the stoichiometric molality of solute. 

and • and y± are stoichiometric quantfties. 

(E.13.1.3) 

The procedure used to calculate the four terms on the R.H.S. of equation (13.1.1) is outlined 

below • 

(i) Osmotic coefficients of pure calcium sulphate solutions were calculated as 

described in section 3.2.13 of Part If Activity coefficients were calculated 
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on the same basis as the osmotic coefficients in order to be self consistent. 

The same pair of KO and q values were used to calculate values of Yf by the 

iterative procedure, described in sections 3.2.5 and 3.2.6, and these values were 

corrected for the linear term in the ionic strength of free ions using 

lny~ 
I 

ln Yf + 0.533 I 

Stoichiometric activity coefficients were then calculated using 

The first term in Equation (13.1.1) could then be computed from 

2 RT m- (1 - ~ + lny ) 
-IS ± e 

with me equal to 0.25 t and the terms in the brackets taking values 

corresponding to I = t. This first term is therefore a constant. 

(ii) The second term was calculated in a similar manner except that equation 

(13.1.5a)was multiplied by the necessary ionic strength fraction and all 

the quantities in the equation were set to values corresponding to the total 

ionic strength of each solution. 

(iii) For the third term, the parameters of Lietzke and Stoughton (41) for calcium 

chloride were used in equations (7.7.8) and (3.1.5) to calculate osmotic and 

activity coefficients at the total ionic strength of each solution. The 

magnitude of this term was then given by 

with mA equal to one third of the total ionic strength of each solution. 

(1v) This term was re-expressed as 

RT t (Aln mix d yl 
"'tA A 

o (1 - y,,/ 

(E.13.1.4) 

(E .13.1.5) 

(E.13.1.5.) 

(E.13.1.6) 

Experimental values of lny:lX were evaluated from the mean transfer potentials 

given in Table 11.1 by the methods used in Part I. 

The test cells were represented as 

Ag I AgCl I CaC1 2 

(mA) • 

and the cell potential written as 

• AgCl I calcium electrode 

(me) 

• IIE~all - E~9C1/A9 + RT ln (aCa 2+ a~l-) 
2F lye 
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After subtracting the potential of the reference cell Ill, the transfer potential was given by 

~; [In (mA + mB)(2mA + mc)2(y~lx)3 - ln 4(1lly±)~EF J (E.13.1.7) 

It is seen from the form of this equation that the effect of dissolved silver chloride on the 

potential of the Ag/AgCl electrode was taken into consideration, but the response of the calcium 

electrode to djssolved silver ions was neglected. This was because tne concentration of dissolved 

AgCl was always insignificant compared to the concentration of calcium ions, but at the lowest YA 

values it was an important fraction of the chloride ion concentration. A method of estimating 

the solubility of silver chloride in the mixed CaS04-CaC12 solutions was therefore required. It 

was assumed that at the low ionic strengths used. 

lnY:f:AgC1 -l.l72I~ 
1 + Ii 

(E.13.1.8) 

was an adequate expression for the activity coefficient. By substituting the 1i terature value 

(119) for the ideal solubility (ms) of AgCl in pure water at 25°C into 

KSp (AgCl) (E.13.1.9) 

a value for the thermodynamic solubility product was obtained. This was used in the equation 

KSp (AgCl) = (E.13.1.10) 

to estimate mC at each mA value. The ionic strength used in (E.13.1.8) was taken to be 4mB + 3mA• 

The major problem of this analysis was evaluation of the integral in (E.13.1.6) using the 

experimental activity coefficients obtained from (E.13.1.7). The latter were not sufficiently 

numerous or precise. especially at low YA values. to enable a simple "trapezoidal area" technique 

to be used with any accuracy. 

At very low YA values. the system is essentially at constant ionic strength. and the trace 

activity coefficient of CaC1 2 in ~e CaS04 solution should be represented reasonably accurately by 

Harned's Rule (47): 

1n mix 
Y±A .. 1n Y±A (trace in B) + a mA 

where a is a constant. It was assumed that deviations from this equation at higher YA values could 

be represented by the addition of empirical terms in powers of YA giving 

1n mix 
Y±A (E.13.1.11) 

The experimental activity coefficients were fitted to (E.13.l.l1) by the method of least squares to 

obtain best fit values of the parameters A to E. The integration of expression (13.1.6) could then 

be carried out analytically after substitution of (E.13.1.11) for 1ny:lX• The first three terms 

were standard forms and the last two terms could be integrated by parts provided the substition 
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YA = 1 - VB was made at an appropriate sta!le. The resulti nr! analytical form of the integral was: 

+ 

+ E[Y~ + 4 y~ InYA - 12.vB + 12 YB InYB - 12 Y~ InVB + 6 Y~ + 4 Y~ InYB 
YB 

Having evaluated 6mGex values as outlined above, g was calculated for each solution using the o 

appropriate form of (E.9.1.3): 

6mGex (y, I) = 12 RT y(l - y) go (E.13.1.12) 

This equation assumes that 6mGex is a symmetric function of y. Since y and the ionic strength are 

directly linked in this study, analysis of the results with higher terms included to account for 

asymmetry in 6mGex would probably not be meaningful. 

13.2 METHODS OF PREDICTING CALCIUM CHLORIDE ,ACTIVITY COEFFICIENTS IN THE MIXED SOLUTIONS 

Method A: comDarison with the activity coefficients of pure CaC1 2 solutions at the same ionic 

strength as the mixed solutions. 

At the low ionic strengths used in this study, Lewis and Randall's "PrinCiple of ionic 

strength" should be a good first approximation. A more refi ned treatment is to assume that the free 

energy of either single or mixed electrolyte solutions is given bv a standard electrostatic free energy 

term modified by terms involving all possible Dairwise interactions. This may be considered as a 

hybrid of two treatments by Guggenheim (115,116). The reauired expression for the present system is 

G • 
RT 

elec 
Gstandard 

RT 

(E.13.2.1) 

Partial differentiations with respect to calcium ion molality and chloride ion molality give 

expressions for single ion activity coefficients. These may be combined in an appropriate manner to 

give expressions for the mean ionic activi~v coefficient of CaC1 2 • In the mixed electrolyte solution 

the resulting expression is 

3 1nym1x • 
±CaC1 2 
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and in the pure CaC1 2 solution is 

3 In'Y ±CaC1 2 
(E.13.2.3) 

The ratio of the two activity coefficients is therefore given by 

(

mix 
3 ln y~ ) 

± CaC1 2 

(E.13.2.4) 

By utilising the condition of constant ionic strength for the two solutions, expressed by 

(£.13.2.5) 

where the superscript refers to concentrations in the single electrolyte solution, and by 

expressing the ionic molalities in (E.13.2.4) in terms of mcaSO~ and mCaC12' the equation may be 

simplified to give 

3 lfX) 
y± 

= (E.13.2.6) 

CaC1 2 

In the present experimental study. the molality of calcium sulphate is held constant, 

consequently this treatment predicts that any difference in the logarithms of the two actfvity 

coefficients should be a constant independent of the concentration of calcium chloride. It is not 

possible to predict the magnitude of this difference since the values of the parameters involved are 

not known. Evaluation of suitable parameters should be possible from an analysis of free energy 

data on appropriate single electrolyte and common ion binary electrolyte solutions. The accuracy 

and consistency of such an analysis would however be severely handicapped by the difficulty of 

devising an expression for the standard electrostatic free energy term which was adequate for both 

CaC1 2 and CaSO~ solutions. 

Method B: using the treatment of Rei"y, Wood and RObinson (117), but neglecting terms 

involving g. 

Re111y, Wood and Robinson (117) have recently published a paper in which equations are 

derived for the osmotic and activity coefficients of multicomponent electrolyte solutions of 

unrestricted charge type. Their treatment is based directly on the general equatfon for the free 

energy of such solutions given by two of the above authors 1n reference 103, and is itself 

dependent on Friedman's (94) approach to mixed electrolyte theory. The equations correctly account 

for pairwise spec1fic interactions but triplet interactions are only accounted for under special 
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circumstances. 

In the present context, the important equation is (A-g) of reference 117. This expresses the 

mean ionic molal activity coefficient of an electrolyte in a mu1ticomponent mixture in terms of the 

prop~ties of single electrolyte solutions, and the properties of binary electrolyte mixtures having 

a common ion. The ,equation can be used at two levels of approximation depending upon whether the 

latter properties are included or not. Unfortunately equation (A-9) of, reference 117 has two errors 

in the last line. This line should read 

EZnn d 

-=-aT 
2 

('x,'\, '\] - 'p' 'pm 'x,x. M, } 

M 
The nomenclature is that of reference 117, 9 k is simply 9 for the binary electrolyte system 

xixm 0 

ki with km. The complete equation is not presented here, but the corrected form will be referred to 

as (E.13.2.1). Calcium chloride mean ionic activity coefficients in mixed CaC1 2 (A) - CaS04 (B) 

solutions may, on the basis of (E.13.2.1), be expressed as 

1 
mix 

n y+ 
- A 

= 

(E.13.2.2) 

in which activity and osmotic coefficients on the R.H.S. of the equation refer to properties of 

single electrolyte solutions at the same ionic strength as the mixed solution. 

In the method of calculation used in this section the terms involving 9 were set equal to zero. 

The values of lny± and ~ for pure CaC1 2 solutions were computed using the parameters of Lietzke and 

Stoughton and equation (3.1.5). The osmotic coefficients of pure calcium sulphate solutions were 

calculated as described in section 3.2.13 of Par~ I. 

~~thod C: using the full treatment of Reilly, Wood and Robinson (117). 

Ca 
The only source of exoerimental values of gC1,S04 was'the results of this present analysis. 

It was clear that using these values of g in equation (13.2.2) involved a circular argument, but such 

an aporoach was considered worthwhile since it provided a means of checking: (i) the self consistency 

of equations (13.2.2), (13.1.1) and (13.1.12) and (if) whether ion triplets made a significant 

contribution to the free energy. 

Equation (13.1.1) is a general thermodynamic relationship, but both (E.13.1.l2) and (E.13.2.2) 

fail to properly account for interactions between more than two ions. If such interactions make a 

significant contribution, the calculated values of go will be in errOr. It is thought very unlikely 

that substitution of incorrect values of go and a g into the inadequate equation (13.2.2) would 
if 0 

produce compensating errors and give solutions equal to the original experimental activi~ 

coefficients • 
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At the lowest concentrations of CaC1 2 used in the mixed solutions, the contribution to the 

solution free energy made by triplet or higher interactions was expected to be negligible. It 

follows from this that only three situations could arise when experimental CaC1 2 activity 

coefficients were compared with values computed by method C: 

(a) excellent agreement for all CaC1 2 concentrations, indicating self consistency 

of the three equations and the absence of significant triplet interactions; 

(b) good agreement at low YA values but deteriorating agreement as YA increases, 

indicating self consistent equations, but significant contributions from 

triplet interactions; 

(c) lack of agreement at all YA values, indicating that some inconsistency is 

present in the equations. 

The experimental go values deduced by the method of section 13.1, were differentiated with respect 

to ionic strength by a graphical method. Two graphs of go were plotted with I as abscissa and 

tangents were drawn to the best smooth curves through the experimental points. One graph was 

designed to be accurate at low YA values, while the second emphasised accuracy at high YA values. 

13.3 RESULTS AND DISCUSSION OF THE CALCULATIONS OUTLINED IN SECTIONS 13.1 and 13.2 

Figure 13.3.1 shows the experimental activity coefficients of CaC1 2 in the mixed solutions 
mix 

plotted against the ionic strength fraction of CaC1 2 • Values of lnY
t 

calculated using best fit 
A 

parameters in equation (13.1.8) are shown at the same YA values and a best smooth curve is drawn 
mix through the latter points. Also illustrated in this figure are experimental values of lnY±A 

divided by y~. The smooth curve through these points shows more clearly the nature of the 

integration involved in (E.13.l.1). 

The 95% confidence limits of the experiment activity coefficients shown in Figure 13.3.1 were 

calculated from the variance of the transfer potentials. An estimate of systematic errors was not 

included. The large scatter of the results at low YA values indicates that at least one of the 

points is in error by an amount greater than can be reasonably accounted for by random statistical . 
variations. A source of additional error at low calcium chloride concentrations is uncertainty 

in the solubility of silver chloride. Comparison of columns 4 and 5 in Table 13.3.1 shows that at 
mix 

the lowest YA value, this solubility had a large effect on the calculated value of lnY
t 

• The 
mix A 

estimated possible error in the corrections to lnYtA made to account for Agel solubility is ±20S of 

the correction. Even after adding this uncertainty to that arising from the variance of the transfer 

potentials, it is still difficult to explain the observed scatter of the low ionic strength results 

without invoking the possibility of further sources of error such as additional chloride impurities. 

The susceptibility of the results to small chloride impurities at low YA values has already been 

illustrated by the problem of silver chloride solubility, but a further example serves to emphasise 

this point. At the lowest chloride ion concentration (8.9 " 10.5 niolal), an assuned impurity of 0.1 

weight per cent CaC1 2 in the gypsum used to prepare the solutions would change the calculated value 
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TABLE 13.3.1 go AND OTHER OUANTITIES INVOLVED IN ITS EVALUATION 

, 1 Solubility ±A 
. I~~~'~::~ I YCaCl, . 1~:1 Al~!l -~)--(~) --'(;) -----+-------------- --- - ---t- ----- ----.-

0.03337 11 0.8801 NEGLIGIBLE I 0.3331 0.3331 i 0.3326 

0.01693 0.7637 NEGLIGIBLE 0.2610 0.2610 0.2623 

0.01018 

0.00703 

0.00564 

0.00467 

0.00430 

0.00413 

0.6071 

0.4311 

0.2909 

0.1441 

0.0692 

0.0326 

NEGLIGIBLE 

NEGLIGIBLE 

0.22 

0.50 

1.04 

2.22 

0.2141 

0.1863 

0.1700 

0.1475 

0.1459 

0.1160 

0.2141 

0.1863 

0.1701 

0.1482 

0.1494 

0.1322 

0.2128 

0.1863 

0.1704 

0.1517 

0.1415 

0.1368 

(1) Calculated directly assuming solubility of silver chloride is zero. 

105 x t\mGex 
R'T 

/mol kg- 1 

- 7.606 

0.4093 

1.728 

1.591 

1.514 

1.009 

0.5362 

0.2612 

(2) Calculated directly with a correction for estimated solubility of silver chloride. 

(3) Calculated using best fit parameters in equation (13.1.11). 

mix of 1ny+ from - 0.132 to a corrected value of - 0.155. 
-A 

- 0.6475 

0.0792 

0.6991 

1.312 

2.307 

3.746 

4.506 

4.844 

The most important feature oi the results presented in Table 13.3.1 is the monoton1c trend of go 

to more positive values as the ionic strength is reduced. The relatively smooth nature of this trend 

is illustrated in Figure 13.3.2. These results contrast sharply with the limiting law (E.9.1.4). 

The magnitude of the experimental go values are not unreasonable, but the signs of the individual values 

and the sign of the gradient are the opposite of those expected on the basis of Friedman's (94) 

theoretical predictions. This result is discussed below in an effort to deduce whether the anomally 

is (i) real; (ii) a result of experimental error, or (iii) due to an inconSistency in the equations, 

resulting in a reversal of sign. 

These possibilities are analysed by comparison of experimental and calculated activity 

coefficients, and by consideration of the effect of errors from various sources. 
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0.8801 
I 0.7637 

0.6071 

0.4311 

0.2909 

0.1441 

0.0692 

0.0326 

TABLE 13.3.2 COMPARISON OF VARIOUS VALUES OF lny 
±A 

·I-,---·--------~-·· -- - - ------ .... ----.--.. ------~-- ---I -, r--'- --- ,- ",".'-.-----, -----.'-"-
! I' 10 3 x Differences in Experimental 

Values of ·lny+ 
-A : and Calculated values of lny+ 

'---(3'j---·-l,----W----- --- (B)----1-(-C)-~---(3) -.-(A)- - (3) -- (S)- ,- (3)-~ (C) 
I - . I 

. - . -- -+------------ .... -_._- . 

0.3277 0.3316 0.3374 I . 4.9 ; • 1.0 4.8 
I 

0.2505 0.2578 I 0.2608 - 11.8! 4.5 I 1.5 

0.2133 I 0.2139 - 10.3 0.4 i 1.1 

:::::: I :::::: : :::: ~:: I : ::: 

0.3326 

0.2623 

0.2128 

0.1863 

0.1704 

0.2025 

0.1725 

0.1565 

0.1517 0.1439 0.1614 0.1511 - 7.8 9.8 I - 0.5 

0.1386 0.1569 0.1413 2.9 15.4 I 0.1415 

0.1368 

0.3 

- 0.1 0.1362 i 0.1549 0.1367: - 0.6 18.1 
1..--_______ -<--_____ ~--- _______________ ----------.. -------__ -L-____ --' 

(3) Calculated using best fit parameters to equation (13.1.11). 

(A) Calculated for pure CaC1 2 solutions at same ionic strength as mixture. 

(B) Calculated as described under method (B) in section 13.2. 

(C) Calculated as described under method (C) in section 13.2. 

Table 13.3.2 compares calcium chloride activity coefficients. calculated as described in section 

13.2. with experimental values computed using the best fit parameters in equation (13.1.11). The 

difference between these experime~tal values and lny± for pure CaC1 2 solutions at the same ionic 

strength as the mixture is shown in column 6 of the table. Method A in section 13.2 predicts that 

this difference should be constant. but gives no indication of the expected magnitude. The observed 

differences are seen to be large at intermediate ionic strengths. but the trace activity coefficient 

of CaC1 2 in pure CaS04 solution is seen to be surprisingly close to the activity coefficient of pure 

calcium chloride solution at the same ionic strength. Activity coefficients calculated using the 

treatment of reference 117 but with the omission of terms involving go (method B) are seen to be in 
mix 

reasonable agreement with the experimental value of lny at intermediate ionic strengths but to 
±A 

deviate markedly at low ionic strengths. Inclusion of the go and a (go) terms (method C) gave 
ar 

very good agreement at low ionic strengths but thi s concordance deteriorated as YA increased. These 

latter results correspond to situation (b) discussed under method C in section 13.2 and indicate that 

equations (13.2.2). (13.1.1) and (13.1.12) are self consistent. The deterioration of the agreement 

at high ionic strengths suggests that triplet interactions cannot be disregarded. The poor agreellnt 
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mix 
of experimental values of lnY±A with the results of method B at low ionic strengths indicates that 

either the experimental results are in error or that the large positive g values are correct. 
o 

A discussion of errors is appropriate at this point. The most obvious source of error in the 

observed go values is from the experimental activity coefficients of CaC1 2 in the mixed solution. 

The scatter of lny± values about the best fit curve (Fig. 13.3.1) suggests that an overall uncertainty 

of ±O.02 in lny± is not unreasonably large. Subtracting 0.01 from lny± (best fit) and recomputfng 

go' gave values which ~Jere more negative by exactly 2.5 kg mol-lover the whole concentratfonrange. 

This means that if the experimental go values are required to be in reasonable agreement with the 

theoretical limiting law, it is necessary to assume that lny± was correct at the highest fonic 

strength but was in error by about 0.03 units at the lowest ionic strength. It is also necessary 

to assume that the magnitude of the error increased smoothly as the ionic strength was lowered. 

The only method of accounting for an error of this type and magnitude is to assume an approximately 

constant chloride impurity in the test solutions. The direction of the resulting errors would be 

of the correct sign, but the quantity of chloride impurity required to account for the magnitude of 

the effect is considered to be unreasonably large. 

The effect of a constant addition of 0.0233 to Gex/RT (pure CaC1 2 solutions) was calculated for 

each solution. At the highest ionic strength this corresponds to 1% change in Gex and at the 

lowest ionic strength to a 2.5% change. The resulting 9
0 

values were more negative by a constant 

factor of 0.583 kg mol-I. The necessary errors in this third term of (E.13.1.1) required to gfve go 

values in reasonable agreement with the limiting law are therefore much too large to be considered 

feasible. 

Adding a constant factor to r,ex/RT (pure CaSO~ solutions) has no effect since the changes in the 

first and second terms of (E.13.1 .1) exactly cancel. Multiplication of both these terms by a factor 

of 0.99 gave only small changes in go' At the lowest and hfghest YA values, go was more negative by 

0.15 and 0.07 kg mol-I, respectively. It is clear from this analysis that extremely large percentage 

errors in Gex for the pure CaSO~ solutions must be assumed if agreement between experimental and 

limiting law go values is required. The uncertainty in Gex for CaSO~ is higher than for CaC1 2 

solutions. but the magnitude of the errors required are unreasonably high. 

The total uncertainty in go from all these sources was estimated as about ±6 kg ~l-l. These 

large error limits may appear inconsistent with the smooth nature of the experimental 9
0 

values as a 

function of ionic strength. This is not contradictory however. since all the component contributions 

to go were calculated as smooth functions of I. The accuracy of the above error limits is extremely 

vague. since they are derived in part from pure speculation as to the magnitude of possible chloride 

impurities. It was assumed that the latter could be at a level equivalent to an impurity in the 

gypsum of 50 times the manufacturer's specified maximum level (0.003% chloride). 

The conclusions of this section are rather unsatisfactory. The self consistency of equations 

(13.2.2), (13.1.1) and (13.1.2) implies that the unexpected signs of experimental 90 values are real. 
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A consideration of errors involved in calculating 9
0 

values was unable to clearly decide whether the 

results were irreconcilable with the theoretical limiting law, or whether the experimental error 

could have been sufficiently large to account for the differences. 

-141-



14. PlUMITIVE MQP!1 CALCULATIONS 

Both the experimental Wo and go values discussed in sections 12 and 13 are apparently inconsistent 

with the higher order limiting laws of Friedman (94). It was thought that these inconsistencies might 

possibly be resolved by calculations of go and Wo on the basis of the primitive model. Such 

calculations should be more realistic than the limiting law at contentrations above which the latter 

is inadequate. 

14.1 EVALUATION OF go FOR THE SYSTEM CaS04 - CaC1 2 - H20 

The primitive model may be represented as a system of hard spheres with charges at their centres 

in an ideal dielectric fluid. In such a system all forces other than long ran~e electrostatic forces 

are excluded. In general the sizes of different types of ions may differ, but it is sometimes 

convenient to assume that all ions are the same size. This latter situation is referred to as a 

restricted primitive model (R.P.M.) 

An outline of the method used to calculate go has been given in section 9.1. The main 

uncertainty is in the values to be assigned to the various distances of closest approach aij in 

equations (9.1.11) and (9.1.12). aij is the shortest internuclear separation of ions i and j. 

Experimental data on solutions of single electrolytes can be used to give best fit values to the 

distance of closest approach parameter "a" in equations of the O-H type. It is not unreasonable 

to expect these values to rrovide a guide to a+_ distances. It would however be unreasonable to 

expect these results to give sensible predictions of a++ and a __ distances. even if the "a" values 

could be split into a self consistent set of radii for ions in aqueous solution. In a real system 

there are two opposing effects. Electrostatic effects will tend to make a++ and a __ distances 

greater than those predicted from a+_ distances. Ion solvation will tend to cause the a++ and a __ 

distances to be less than the values predicted from a+_ distances. This is because polar solvent 

molecules such as water will be stabilised in the region between OPPOSitely charged ions. but 

destabilised in the region betwee~ ions of the same sign. As a consequence of these problems. it 

is extremely difficult to assign realistic values to the various aij distances. The approach 

adopted was to make a variety of assumptions in the assignment of values to aij and then to compare 

the resulting 90 values to see how critical the assumptions were. 

The tabulated J ij (L. K) values in reference 94 are given at rounded values of Lij and Kij • 

It was therefore necessary to restrict the choice of aij values to those which gave round numbers 

for Lij according to equation (9.1.11). If this was not done. interpolation errors had a large 

effect on the go values obtained. The value used for ~/4n (this is twice the Bjerrum distance), 

required that the aij values used should be simple ratios of this distance. Calculations of 90 
were consequently lIde 

(i) on the basis of restricted primitive models with aij set at 0.715 nm, 0.47667 nm 
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(2\/3) and 0.3575 nm (\/2); 

(ii) on the basis of "semi-restricted" primitive models with 

(a) all a+_ set at \/2 and all a++ and a __ set at \ 

(b) all a+_ set at \ and all a++ and a __ set at A/2; 

(iii) on the basis of a primitive model with a set of aij values which were a 

compromise between convenience of computation and an attemp.t to realistically 

represent the real system. The distances used are tabulated below: 

i.j. aij 

Ca Ca \ 

Cl Cl \/2 

SO,+ SO,+ 2\/3 

Ca Cl 2A/3 

Ca SO .. 2\/3 

Cl SO .. \/2 

Even with these convenient aij values, it was possible to carry out the 

calculations for only two concentrations without the necessity of using imprecise 

interpolations. 

Calculations of go were carried out for each of these models in the following manner. Values 

of Lij were calculated from (E.9.1 .11) for each pair of ions. A value of Kij was chosen for a 

particular pair of ions such that all the related Kij values for other pairs of ions had values 

exactly corresponding to those given in the appendix of reference 94. This was not difficult for 

the restricted primitive model, since all the Kij values were identical. Sets of J ij values were 

obtained from reference 94 and gol calculated from equations (9.1.10) and (9.1.9). The ionic 

strength was calculated from equation (9.1.12) using the relationship 

le b I~ (E.14.1.1) 

go was evaluated in the above fashion for sets of Kij va1 ues equivalent to ionic strengths of up 

to 0.065 molal. The results are illustrated in Figures 14.1.1 and 14.1.2. To aid comparison, the 

limiting law is also shown in both of the figures. A few calculations of go were made for the R.P.M.· 

at higher ionic strengths. These showed that whereas the limiting law gave positive go values above 

an ionic strength of unity, the model calculations gave results which remained negative. 

The main conclusion to be drawn from the results, is that in the range of ionic strength 

investigated for the CaSO .. - CaC1 2 - H20 system, primitive model go values are generally less 

negative than 90 values calculated using the limiting law. This conclusion makes reconciliation of 

the experimental and primitive model 9 values slightly easier. than for the experimental and limiting o 
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law values, but does not change the basic incompatibility of the results. The calculations 

presented ; n secti on 14.2 suggest that the radi i of "bare" rather than hydrated ions are 

important in determining aij distances. This suggests that the aij distances used in this section 

were too large, and implies that more appropriate primitive model calculations would have given go 

values which were closer to those predicted by the limiting law. 

14.2 EVALUATION OF Wo FOR 2:1,1:1 AQUEOUS ELECTROLYTE MIXTURES 

Similar calculations to those described in the previous section were carried out to give 

values of 9
0 

for 2:1, 1:1 aqueous electrolyte mixtures. The restricted primitive model was chosen 

for simplicity and go was evaluated for ionic strengths up to 4 molal. Graphs of gol were plotted 

with I as absciss~ and Wo was obtained at any given ionic strength from the gradient of the curve. 

This method of evaluation follows from the relationship between Wo and go giv~n in equation (9.1.5). 

The results of this analysis are shown in Figure 14.2.1 for distances of closest approach afj 
of 0.3039 nm and 0.1785 nm. These particular aij distances give Wo values which approximately 

cover the range of experimental Wo results. The limiting law for Wo is also illustrated in Figure 

14.2.1. This was calculated using equation (9.1.6). 

These primitive model calculations of Wo put the experimental Wo values in a new perspective. 

With the exception of the HgC1 2 - NaCl - H20 system, the experimental ionic strength range is 

approximately 0.5 to 6.0 molal. Within this range, experimental and model Wo values follow the 

same trend with concentration. At some point below the experimental concentration range, the 

gradients of the R.P.M. curves change sharply to give qualitative agreement ~Iith the limiting law. 

Within the experimental concentration range, the use of smaller aij distances in R.P.M. 

calculations gave more positive Wo values. In all of the electrolyte solutions studied, the only 

anion present was the chloride ion. Consequently a correlation should exist linking the sum of the 

effective cation radii and the experimental Wo values for each system at a given ionic strength. 

Mean w values at I = 1.5 and 3.0 molal were estimated for each system from Figures 12.2.1 to 12.2.5. o • 
The sum of each pair of cation radii was calculated using ion sizes given by Pauling (118) and also 

using hydrated ionic diameters deduced in Part IV of this thesis. Table 14.2.1 compares the predicted 

a++ distances using these two assumptions, with the mean Wo values. It is evident from this table 

that the relationship between aij distances and R.P.H. Wo values, was qualitatively the same as that 

between a++ distances calculated from Pauling ionic radii and experimental Wo values. The inverse 

relationship resulted when the sum of cation radii was calculated using estimated radii of hydrated 

ions. This result suggests that aij distances are more closely related to the radii of "bare-

rather than solvated ions. Quantitative comparison of the experimental and primitive model results 

also supports this hypothesis, though the reliance which can be placed on the absolute magnitude of 

R.P.M. calculations is questionable. If this hypothesis proved to be correct, it would raise the 

question of why radii of hydrated ions correlate with single electrolyte excess free energies. but 

radii of "bare" ions correlate with excess free ener(lies of mixing. 
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TABLE 14.2.1 COMPARISON OF EXPERIMENTAL w VALUES 
0--

WITH SUMS OF CATION RADII 

r ~------ -----r------ -Su~~ --- ----r------ ~um -o-;----J------;:timated Mean Value of w 

Cation Pair I Pau1ing (118) Hydrated Ion /kg mol- l 0 
i Radii/nm Radi1/nm ------------,------------1 

___ _ ____ I ____ 1_ = 3 mOlal ___ ' I = 1.5 molal 

i 

Mg 2+, Na+ 0.160 0.574 I 0.045 0.047 

Ca~+, Na+ 0.194 0.559,' 0.034 0.042 

Ca 2+, K+ 0.232 0.515 I 0.002 0.018 

I -0.010 0.001 , 
I 

Ba2+, 

Ba 2+ , 

0.230 

0.268 

0.538 

0.494 I -0.028 -0.014 -
I _ .. - --+--- -_. ---------______ 1 L- .---.-- ---.-- ---
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15. ~~MMARY OF CONCLUSIONS 

The work described in Part III led to the following conclusions. 

(i) Analysis of electromotive force measurements in mixed calcium sulphate­

calcium chloride solutions. failed to provide experimental confirmation of a 

higher order limiting law proposed by Friedman. 

(ii) Literature osmotic coefficient data on mixed solutions of alkali and alkaline 

earth chlorides were found to be consistent with primitive model calculations 

based on the cluster expansion work of Friedman. The results could be 

correlated with the Pauling radii of the cations concerned. The model 

calculations indicated that a higher order limiting law for solvent properties 

is not applicable at the concentrations studied. 
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PAR T I V 

EVALUATION OF AN ALTERNATIyE TO THE 

DEBYE-HUCKEL EXPRESSION 



16. SUMMARY 

This work was not especially fruitful, and since it was not closely linked with the 

remainder of the thesis. is presented here in summary form only. 

Glueckauf (6) 'has proposed empirical equations for the electrostatic contributions to the 

excess free energy of single electrolyte solutions. He demonstrated in the same paper that use of 

these equations enabled the residual non electrostatic contributions to the osmotic coefficient to 

be represented to high concentrations by a single term linear in concentration. This was possible 

regardless of the charge type of the solute, a result which contrasts sharply with the situation 

when a O-H electrostatic term is used. 

Non electrostatic contributions to the excess free energy arise from many sources, but excess 

properties of electrolyte solutions have been treated by Stokes and Robinson (122) and Glueckauf 

(123) by assuming that ionic hydration makes the only significant contribution. In both these 

papers, electrostatic contributions were taken to be of O-H form. It was thought that a similar 

analysis using Glueckauf's (6) eouations might remove some of the inconsistencies present in the 

earlier work. In particular it was hoped that the distance of closest approach oarameter could be 

sensibly correlated with the linear term coefficient via a set of individual ion hydration numbers. 

If this treatment proved satisfactory, it was intended to modify the equations in such a manner that 

mixed electrolyte solutions could be analysed, and finally to apply the equations to the system 

studied in Part 11. 

Osmotic coefficients for alkali and alkaline earth halides and sulphates were taken from 

reference 43. A non-linear least squares procedure was used to fit this data using equations 9a and 

9b of reference 6. Calculations were made using non electrostatic contributions represented by a 

term linear in concentration and also by using both linear and quadratic terms. A knowledge of 

density--concentration properties was necessary before the above fitting procedure could be carried 

out. It was assumed that the concentration properties of electrolyte solutions could be represented 

by the emoirical equation: 

c • iii 

where c is the solution molarity, m is molality and d~ is the density of pure water at TOe. A linear 

least squares procedure was used to obtain best fit values of 01, 02 and 03 for each electrolyte. 

Density data was taken from references 124 and 125. Osmotic coefficients for four of the electrolyte 

solutions were fitted using both r.lueckauf (6) and D-H electrostatic equations, and by using molarfty 

and molalitv concentration scales. The variance of fit was compared using all four treatments. 

Hydration numbers, defined as the number of firmly bound water molecules associated with one 
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mole of solute in solution, were calculated in two wavs. 

(i) It was assumed that the hydrated radii of K+ and F- ions were identical. 

Comparison of best fit distances of closest approach with Pauling ionic 

radii,enabled the number of water molecules associated with each ion to 

be calculated. An assumed effective molecular volume for H20 was necessary. 

(ii) The best fit linear term constants were equated to hydration numbers using 

the treatment of Gardner and r,lueckauf (2). For a solution of a single 

fully dissociated electrolyte, equations 9 and 10 of reference (2) 

simpl ify to 

• = .el + 1 + 0.009 (2h - v) m 

where h, the hydration number of the solute, is related to the best fit 

linear term constant by a simple equation, the form of which depends upon 

the charge type. 

The results of these calculations are briefly summarised below. 

(i) Least souares analysis confirmed Glueckauf's (6) suggestion that his proposed 

equations were capable of fitting osmotic coefficient data to high 

concentrations using only a two parameter equation. This could not be 

achieved in a satisfactory manner using the O-H expression. 

(ii) The difference between calculations made using the different concentration 

scales was only marginal if judged by the computed variance of fit. 

(i i1) The two sets of computed hydration nu..ooers were not self consistent, even 

allowing for a scale factor difference. 

(iv) Neither set of hydration numbers were additive and the values obtained were 

similar to those deduced in references 122 and 123. 

It was concluded that r.lueckauf's alternative to the O-H expression is to be preferred on the 

grounds that fewer parameters ar~ required to give a reasonable fit to experimental data. Use of 

these alternative expressions together with the assumption that all non electrostatic effects can 

be treated as due to ion hydration did not appear to be justified. 
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APPEND IX I I .1 

EXPERIMENTAL 

!!i!lillJGATIOO OF THE Cfl'POSITION OF 

TWO CALC IUt1 SULPHATE SAMPLES 

Weighed samples of B.D.H. and H. & W. Analar "CaSO .. ·2H20" were hea.ted in air for various periods 

at temperatures up to 470oC. Calcined samples were cooled in a desiccator containing P20S and 

quickly reweighed. 

Portions of the original materials were analysed for sulphur content. An instrumental method of 

analysis was employed in which the sample is heated to l5000C in a stream of oxygen. The resulting 

S03 is titrated against base at constant pH. The base is generated electrolytically, and the 

electrical energy required to maintain a constant pH is monitored. This is directly proportional to 

the total sulphur content of the sample. 

The original materials, heat treated samples, and a portion of B.D.H. material which had been 

equilibrated with water, were all examined by powder X-ray diffraction. 

RESULTS AND DISCUSSION 

The results of heat treatment experiments are given in Tables A.II.l.l, A.II.1.2 and A.II.l.3. 

Theoretical weight losses are 15.7% from gypsum to hemihydrate at 128°C. and 20.9% from gypsum to 

soluble anhydrite at 1630C. It is apparent from the results that the B.D.H. sample was not pure 

gypsum and that the material was not homogeneous. The H. & W. sample had weight losses which were 

reproducible within expected experimental error and which were close to the theoretical value. 

The results of the sulphur analysis were: 

B.D.H. Material 50.62% and 50.50~ 

H. & W. Material - 46.19~ and 46.13' 

S03 by weight 

S03 by weight. 

The theoretical values for CaSO .. and CaSO .. ·2H20 are 58.8% and 46.5% respectively. The accuracy of 

the analysis method is not known at these high sulphur content levels. but the results are in 

general concord with those of the heat treatment experiments. 

Comparison of the powder X-ray diffraction pattern of the untreated H. & W. material with 

information in the A.S.T.M. Index (58). indicated that the sample was pure gypsum. All the 

observed peaks were present at the predicted diffraction angles. and had apprOXimately the correct 

intenSity ratios. No additional peaks were observed. The untreated B.D.H. material gave a more 

complicated diffraction pattern. Analysis of this pattern indicated that the major phase was 

gypsum. but strong additional peaks corresponding to natural anhydrtte were also present. weaker 

lines could be assigned to CaSO .. ·~H20 or soluble anhydrfte or to both of these phases. Estimation 

of the relative proportfons of the four phases was difficult since a number of intense peaks were 
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TABLE A. I 1.1 .1 

B.D.H. Material: Percentage Weight Loss on Calcination 

- ----
Heat Treatment 

Sample Nunber 
--

1 2 3 

4.5 hi- at 240°C 15.02 15.16 

22 hr at 240°C 15.15 15.23 

+ 4.5 hr between 240°C and 300°C 15.34 

I 
17 hr between 240°C and 300°C 15.67 

+ 17 hr between 450°C and 470°C 15.49 
l 

TABLE A.II.1.2 

B.D.H. and H. & W. Materials: Comparison of Percentage Weight Losses 

;---

Heat Treatment B.D.H. H. & W. 

4 hr at 50°C 1.64 0.02 

+ 17 hr at 116°C to l1Soe 14.01 19.92 

+ 5 hr at 140°C to 150°C 14.21 20.23 

+ 60 hr at 240°C 14.63 20.37 

TABLE A. 11 .1.3 
H. & W. Material: Consistency of Percentage Weight Losses 

t 
, 

I 
Sample Nunber 

Heat Treatment 
4 5 6 7 

f--- - ~'-'---

5 hr at 240°C 20.11 20.17 20.09 20.19 

22 hr at 240°C 20.30 20.27 20.23 20.31 

nearly coincident. 

Examination of the B.D.H. material after equilibration with water showed that the only phase 

remaining was eaSO~·2H20. It was also deduced that contact with water had resulted in significant 

crvsta1 growth in the 200 direction of the gypsum crystal lites. No crystal growth in the l4f 

direction was discernable. These inferences were made using measurements of lit peak width" at the 

relevant angles. Line broadening due to small crystal lite size becomes measurable when crystall1tes 

are smaller than about 0.1~. This implies that for the untreated B.D.H. sample. the mean 

crystallite thickness in the 200 direction (i.e. perpendicular to 200 planes) was less than 0.1 ~. 
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All the peaks present in diffraction traces of the calcined materials could be assigned to 

various mixtures of natural anhydrite, soluble anhydrite and CaSOq ·lH20. Lines assigned to hemi­

hydrate were always found to be weak and broad. It was inferred that thi s was a resul t of surface 

hydration subsequent to calcination. In a sample calcined at 470oC, natural anhydrite was the only 

phase which could be detected. Samples calcined at lower temperatures were found to have increasing 

proportions of soluble anhydrite and hemihydrate present. The Dositions and relative intensities of 

the peaks, suggested that the calcined materials were not physical mixtures of well formed phases. 

but were single inhomogeneous phases having structures intermediate between the end members. 

The major conclusions of this investigation are given in section 6.7.2. 
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APPENDIX II" 2 CALCULATION OF THE MOLALITY OFCaS04 AND 

CaClo IN SOLUTIONS ANALYSED VOLU~1ETRICALLY 

Molecular weight of CaC1 2 

Molecular weight of CaS04"2H2 0 

Molecular weight of H20 

Concentration of CaC1 2 stock solution 

Weight of CaC1 2 stock solution in original sample 

Weight of additional water in original sample 

Weight of water in stock solution Wl 1000 
1000 + (C x M1) 

Total weight of water in solution before any gypsum dissolves W2 

Total weight of solution before any gypsum dissol~es Wl + W2 

Weight of sample teken for analysis 

Moles of calcium in analysis sample 

Let moles of CaS04 in analysis sample 

Ml 9 

M2 

.. M3 

.. C mol al 

Wl 9 

W2 

W3 

+ W3 . W4 

W5 

• W6 

.. ml 

.. m2 

Then weight of analysis sample - weight of dissolved gypsum .. W6 - (m2 x M2) • W7 

Moles of CaC1 2 in analysis sample W7 )( Y 

where V Wl C 
W5 1000 + (C )( Ml) 

m2 is then given by ml • m2 + W6 x V - m2)( M2 )( V 

or m2 = [ml - (W6 )( Y)J/(1 - M2 )( V) 

Weight of H20 in analysis sample 2 )( m2 )( M3 + W7 x W4 we 
M2 W5 

Molality of CaC1 2 .. W7)( Y )( lOOO/NB 

Molality of CaS04 .. m2)( lOOO/WS 
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APPENDIX II.3 

This appendix presents Tables I to VI reproduced from the paper (98) 

by $catchard, Rush and Johnson. 

Table I: 1'1'L'C! Ellcrgy Eq lUll iull<; 

(0) (:;u) .., (~) 011 + (~) nI + (~)nJl 
RTH' RTlI' RTW 
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Table 11: ])e:fillitioll of lJ Cocllici(llt:; 

B~~) = baa + 2 baC + bff 

B~~) = 2(daaa + 3 daae + 3 daCC + deer) 

B~~) = 3(f~aaa + 4 laaa! + 6 laarc + 4 laW + Iw ,) 

9 similar terms involving ag, bf I and bg 

B (0 ,1) = 2 b - b - b 
.b ab aa bb 

B~~'l) = 2 [~(daab + dabb - daaa - d bbb) + 3(2 dabC - d • ., - d bbf)] 

B~~f3) = 3 L 6(faabC + labbl -/aaaC - Ibbb,) + 3(2 labU - I •• " - Ibblf) 

+ (faaab'" labbb - laaaa - Ibbbb) + ~(2/aabb - I .... -/bbbb)] 

+ 3[3(2 I. blf - laaCC - IbbU)]* 

B~~'~)= 2 [~(3 daab - 3dabb - d ••• + dbbb)] 

B~~'~l == 3 [2 laaab - 2 labbb - I ... a + Ibbbb + 2(3 I .. bf - 3 labbC - I ... C + I bbb,)] 

B~!';~ == 3~a"b + labbb -/aaaa -/bbbb -·~(2 I .. bb.-I .... -/bbbb~ 
6 additional terms involving a common anion by substituting f for a, g for b, and a for f 

3 additional terms with common cation by substituting g for f 

3 additional te rms with common anion by substituting b for a 
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---------------------------
Table Ill: O:mw!ic Codlil.'lent Equfltions 

() (
OH S n+~- Z r b ,I.. _ 1) "" --- } l! X (z + z) a 

'f' }; I i-J -11 r a r -,-
iXizi a f aar 

( ) a x IIC 1 + a;rv'T - [11(1 + a' .V'7)J - 2 In (1 + 8 'r·/I) c Z = ____ = a. .. _ 
of a In J " J aar 

1 2:t
,,-(d) (rp _l)nl = . /, x" (Ell) m'+ B(2) m'2 T Jl..

a
"',) m 13 + ••• ) 

'i:.x./ z. '...J k.J a C af .r 
1 1 1 a r 

1 [~·L+n-(e) (t/>_l)nll~ '" x x x (B(O,l)m'+B(0")/II,z+B(0,3)m") :E x./z.·:...J LJ 11 brat. abr abC 
j 1 1 a b r 

(f) for a sclution containing only ions Cl, b, f, and g: 

1 
(t/> - 1)nll ., --{x x "lll(o.l) m' + b(D.2) m'2 + B(O,,) m"l + " " xl" -,,) 

.... "/7 a b 1- ,~ .bf abC • b f' a b 
~i i i 

X(B~I.,:) m'2 + B~~'~l m'3) + x."bxt". - Xb)2 B~!':~ m" 

+ 1C X. " [nCD,I) m' + B(D.2) m'2 + BCD.3) m") +" " x ex -,,) [BO,2) m'2 + BCI.3) m'"] 
.-~ a ab aba .ba: • b I a b .ab aabe 

+ " 1C" (x _,,)2 BC2,3) m" 
• be. b aaab 

+" ,,~ [0(0,1) m' + BCO_2) m'2 + B(0.3) m,l) +" "X (x -" \ [BO,2) m,2 + h(I,,) m"l 
b nE: Ca bC, ble b I e I I' If, brr, 

+ z X~ (x - 1C \2 B(2,,) m"} b ,-, . f I' fIf, 
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Table lr: .-\c:ivity Coefficient E'IUlltiollS 

+ ~- B(O.I) m' + ~8(1.2) (m-2 _ 2 m.m') + ~ 8(2·" (m '3 - 01 m-2m' + 3 m.m-2) L.J. Cq '2 Hq r I--q 3 Ilfq r r Il '--q 
r 

~
f -1 1 1 

+ ~ _ 8(0.2) m'm' + - B(0.3) m 'm.'m , + - 8 CI •3 ) (m "mr' - 2 m'm'm~ LJ. 2 apC • ( 3 apr a ,--- 3 upr a a p I . , 
+ + 1 1 1 ~+L+L- 1 .. ~ ~ _ 8(0.2) m'm' .. _ B(0.3) m'm'm' .. - B(I·3) (m'2m' - m'm").. - B(I)·I) m'm'm' L.J L.J. 2 abq a b 3 abq • b 3 .. bq • b • b 3 ebr • b r 
ab. b , 

+~-1 1 1 + ~ _ B(O,2) m'm' + _ BCO,3) m 'mA' + - B(1.3) (m 'm-2 - 2 m'm'm) L.J. 2· (q a' 3 • (q • ,--- 3 .flq ., • , q 
a I . . 

- -] 1 1 L+L- -1 1 .. '" ~ _B(0.2)m.m'+_B(0.3)m'm'm'+_BCI,3)(m"m'_m.m"2)+ ~ _B(0.3)".'m'm' /..J /..J 2 pCc 11 3 P(I 'I 3 P((I f 1 '---1 L.J 3 dc ., I 
f 1 • f I 
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Table V: ,\(:Iivity Cor:fEc;cllt Equntionll 

For co:npor-ent af in a :,oIution contbininE; ions n,h,f, and g: 

1 1. 
+ _BCI.3) (2 m'm'm' _ m~m') + _B(2.3) (3 m'2m' _ 4 m'm-2 + m") 

3 ubi ab, b 10: 3 .. ab a b a b b 

, 1 "" 1 0.3) ", ", ", 1 (0 2) , , 
+ B}:,I) Ill, + 2B~~e2) (mm

E 
+ m.m,) + 3' B~r, (m(m,m + m.m,m + m.mfme> + 2" Bbfi ft/bm, 

+ ~ B~~&l) (Ir.~m~m· + 'ib'IIf'm,) + i SUi') (2 mim~ - m;) + ~ B~}i:) (mi2m~ + 2 m~m;m~ - m(m:- m~m:> 

1 '1.3) ••• .,,) 1 8(1 3) (3 -2 • 4 ," '3)1 
+ 3" Dbffc (2 Tlbfl\m, - TlbT.\t +"3 Utc mf me - mfme + me ~ 

TIO:,i .. \'1: iJ Pammetel's for tho Sys!em 
Nu. (~)-:'Irg (b)-Cl (f)-SO. (g) 

a'., 1.45397 B ... <4.1) 

11.,111 0.04472 B.bl(~·I) 
B.,(I) 0.018616 B .. ",<o.l) 
B"UI - -0.0010724 B .. !)u.,) -a'", - 1.24072 B.o1>IO.I) 

H •• (J) -0.14803 8 ..... (1.1) .. 
)J (SI 0.024513 B .... (o.,) .r. -IJ .. (1) -0.0009847 B .... (o.l) ." 

(J'", 1.60007 8 ..... (1.1) _ 

Hbl(l) - 0.14924 B,.'f.1l 
Jh,Ul on O.0303R:) B.,.,o.l) .. 
B .. /m -0.0012884 B.,,'t.l) 

a'~. .. 1.37486 8 ff,Cl.I) 
BI,,'I) .. -0.108'18 B.II."··) -Bhr,U) ... 0.033704 Bm,II.1) -B ... (I) - -0.001520 B .. ,,(O.I) -Bbl.(O •• ) .. 

B ... ,.u.,) .. 
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APPENDIX 11 1.1 DERIVATIOO OF LHHTING LAI~S FOR g 
o 

The starting point for these derivations is equation 17.8 of Friedman (94): 

Gex _ Gex (D.H.L.L.) 
RT 

= 
2 

- ~ [n3] 52 12 1nl + 0 (12) 
3V n2 

(E. 111.1.1) 

Gex (D.H.L.L.) is the excess free energy of a solution per kg of solvent calculated on 

the basis of the Debye-HUckel limiting law; 

v 

5 

= 

is the specific volume (litres of solution per kg of solvent); 

is the constant in the D-H limitin~ law given a value in (94) of 

1.1723 mol-~ l~; 

is the molal ionic strength: 

is a reduced Mth moment of the concentration of charge types and is 

defined by nM = ~M/c; 
z'1, i ci i 

ci is the number of i-type ions per litre: 

c is the total number of ions per litre; 

O(12) is a term which becomes negligible at sufficiently low concentrations. 

The definition of ~ex for a binary electrolyte mixture (equation 9.1.1) is 

MGex (y, I) = Gex (y, I) _ y Gex (1, I) - (1 - y) Gex (0, I) (E.IlI.lo2) 

If (E.III.1.1) is re-written as an expression for Gex , and the result is substituted into (E.III.1.2), 

the terms in Gex (D.H.L.L.) cancel, and if the divergence term in 12 is neglected, 6mGex may be 

expressed as 

MlGex 

RT 
• (E.III.lo3) 

where y is the ionic strength fraction of electrolyte A. 

Consider the particular electrolyte mixture discussed in section Ill, this is of a 2:1, 2:2 chirg. 

type. If the 2:2 salt (Ca50~) is represented by A, the three ratio's of nH may be evaluated IS 

follows: 

The mixture 

• 

~3 

• 

• 6 l Ma 

(L is the Avogadro constant and Ic is the ionic 
strength defined on the molar concentration sell.) 

(Mx is the molarfty of electrolyte x) 
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hence 

hence 

hence 

2 L Ic (1 - y) 

[::r 
= [~~r (1 _ y)2 

Pure CaSO" at the same ; on ; c strength 

112 2 L I 
C 

113 8 CCa2+ - 8 CS02- = zero 
'+ 

2 

[ ~:] zero 

Pure CaC1 2 at the same ionic strength 

112 2 L Ic 

113 8 CCa 2+ - cCl -

L Ic (8/3 - 2/3) 2 L Ic 

[::]' [~:r 
,. 

From equations (111.1.3), (111.1.4), (111.1.5) and (111.1.6), ~ex is given by 

~ RT 12 ,,(1 - y) 1nl 
3V 

(LIII.1.4) 

(E.lIL1.S) 

(E.III.1.6) 

(E.III.1.7) 

It consequently follows from the definition of go (E.13.1.12) that the limiting law for go as I 

approaches zero is given by 

• S2 ln I 
3V 

(E.III.1.8) 

As 1 approaches zero, V approaches the specific volume of pure water (1.00293 1 kg-I) so that 

numerically the limiting law at 25°C is 

:: 1.052 log 10 I 

For a 2:1, 1:1 electrolyte mixture. exactly the same limiting law is obtained. but for' a 3:1.1:1 

mixture the limiting law is given by 

• 4S2 1n 1 
Tv 

(E .1 II .1 .9) 
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APPEND IX 111.2 DERIVATION OF EOUATION (7.8.5) FOR ~ o 

Rei11y and Wood (103) have derived an equation for the free energy of any electrolyte solution 

(G), in terms of (i) the free energies of single electrolyte solutions (G~ ) at the same ionic 
tXm 

strength as the mixture, and (ii) parameters derived from the excess free energy of mixing of binary 

electrolytes with a common anion (giving g~M ) and common cation (giving gMk ). The equation 
k 1 x1~ 

correctly predicts the excess free energy of mixing due to pairwise ionic interactions for all 

mixtures, and for certain mixtures of restricted charge types accounts for the majority of triplet 

interactions. Using the symbolism of reference (103), the equation is written as 

G 

• 

t=1 m=i 
= L L 

1=1 m=l 

k=i t=j m={t-l) 
RT I I L 
4E k=l t=2 m=l 

+ 

+ 

(E.IlI.2.1) 

E~ is the number of molal equivalents of cation M
t 

of molality m~ and Charge~; Ztm is the sum of 

the modulus of charges on cation M
t 

and anion xm; E is the total number of equivalents of anions or 

of cations, and I is the molal ionic strength. All extensive properties in (E.Ill.2.1) are on the 

basis of one kg of solvent. 

The second two terms on the R.H.S. of equation (111.2.1) correspond to the excess free energy of 

mixing (6mGex) for the constant ionic strength process 'in which quantities of single electrolyte (M,~) 

solutions containing E~ E~ Ztm/(2EI) kg of solvent are mixed. The weight of solvent taken for each 

electrolyte is therefore numerically equal to the ionic strength fraction (YM x ) of M,~ in the final 
t m 

mixed solution. (E.III.2.1) may consequently be simplified to: 

G • 

or alternatively in terms of the excess partial specific (per kg) free energy of the solvent 

• 

6mGex is given by (94; see equation 16.18) 
III 

• _3_ (PmG
ex

) 
3(1) '\ m m TI PI X 

(E.III .2.2) 

(E.IIl.2.3) 
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where x is the set of ion molality (xi) fractions and m is the total ionic molality. The equivalent 

expression for Gex may be derived in the following manner: 
w 

(a~:X) (E .111 .2.4) 

x 

The total specific Gibbs function may be expressed as 

(E.III.2.5) 

Differentiation with respect to the total ionic molality at constant x gives: 

(d~:9 
x 

= (a:;X) x + m t xi 0~!X) 
x 

) ex 
+ l xi lIi (E.III.2.6) 

But from the Gibbs-Duhem relationship: 

after differentiation 

(a::
x 
~ + m = o 

x 

it is clear that (E.III.2.6) may be simplified to 

(a~:X) 
x 

Substituting this expression and (E.III.2.5) into (E.III.2.4) gives the required relationship: 

• 

Consider a mixture of 1:1 and 2:1 electrolytes MX and NX2. Equation (E.III.2.2) then. 

simplifies to 

• + Y GO ex + MGex 
NX IIINX III 

(E.III .2.7) 

and bmGex simplif1es to 
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Differentiation of this equation according to (E.III.2.3) gives 

- ~ RT m2 1- (EM EN g~'N) 
2 am -m- x 

which may be simplified to 

or MlGex 
w 

- ~ RT EM EN [9~'N + (ag~.N) 1 
2 \a 1nl 

x 

(E. II 1.2 .8) 

Substitution of this relationship, together with the definitions of partial specific Gibbs function 

of solvent in terms of osmotic coefficients, into (E.III.2.7) gives 

"'mi x (1 - ~mi x) 

where ~x and m~x are total ionia molalities of MX and NX 2 solutions at the same ionic strength as 

that of the mixture. Rewriting this equation in terms of this ionic strength gives 

(E.7.8.5) 
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