
THERMODYNAMICS 

OF 

AQUEOUS ELECTROLYTE SOLUTIONS 

BY 

Ali Haghtalab 

A Thesis submitted to the Faculty of Graduate 

Studies and Research in partial fulfillment 

of the requirements for the degree of 

Doctor of Philosophy 

Department of Chemical Engineering 

McGill University 

Montreal, Quebec 

Canada 

Copyright © July, 1990 by A. Haghtalab 



1 
-' 

TO MY FAMICY 

{ 



ABSTRACT 

The focus of this work is the thermodynamics of aqueous solut.ions of strong e!cc­

trolytes for both binary and multicomponent systems. 

A new excess Gibbs energy function to represent the deviations from ideality of 

binary electrolyte solutions was derived. The function consists of two contributions, 

one due to long-range forces, represented by the Debye-lIückcl theory, and the ot.l\t'r 

due to short-range forces represented by the local composition concept. The modpl 

is valid for the whole range of electrolyte concentrations, from dilute <;olutions up 1,0 

saturation. The mode! consistently produces bt'tter results particularly at the highf'r 

concentration regions in which the other models deteriorate. 

An electrochemical cell apparat us usmg Ion-Sf'lective Electrodes (ISE) Wd,S con­

structed to measure the electromotive force (emf) of ions in the aqucolls eledrolyt(' 

mixtures. For the NaCI-NaN03-H20 system, the data for the mean lOllie adivity 

coefficient of NaCI was obtained in order to show the reproducibdity of lit('ratuIt' 

data and to test the validity of the experimental procedure. The data for Illl'an iOIlie 

activity coefficient of the following systems were also collected. 

l. NaBr-NaN03-H20 (a system with common ion) 

2. NaBr-Ca(N03h-H20 (a system with no-common-ion) 

A novel mixing rule was proposed for the mean activity coefficients of elcctrolyt.e<; 

in mixtures in terms of the mean ionic activity coefficients of electrolytcs in tilt" binary 

solutions. The rule is applicable to multicompone.lt systems which obey Ilarned's 

Rule. Predictions are in excellent agreement with experirnental data for tern,lry 

systems which follow the Bronsted specifie ionie theory. 
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RESUME 

L'object principal de ce travail est l'étude thermodynamique des solutions aque­

uses df's électrolytes fortes pour des systèmes binaires et à composés multiples. 

Une nouvelle fonction d'énergie d'excés de Gibbs représentant les déviations de 

l'idéalité des solutions électrolytiques binaires a été introduite. Dans cette wfonc_ 

tion interviennent deux termes, le premier est dû aux forces à longue distance 

représent~es par la théorie Dehye-Hückel et le 5econd est relié aux forces à courte 

distance représentées par le concept de composition locale. Le modèle est applicable 

aussi bien aux solutions diluées qu'aux solutions saturées. Les résultats obtenus sont 

meilleurs que ceux obtenus par d'autres modèles surtout dans le cas des concentra­

tions élev~es. 

Une cellule électrochimique utilisant des électrodes à ions sélectifs (EIS) a été 

construite à fin de mesurer la force électromotrice (fem) des ions dans les mélanges 

électrolytiques aqueux. Pour le système NaCI-NaN03- H20, le coefficient moyen 

d'activité iOHlque de NaCI a été calculé pour reproduire le:, données de la littérature 

et démontrer ainsi la validité de la procédure expérimentale. Dans cette étude des 

données ont ét~ tabulpes pour les systèmes suivants: 

1. NaBr-NaN03-H 2 0 (un système avec un ion en commun) 

2. NaBr-Ca(N03 h-1I 20 (un système sans ion en commun) 

Une nou velle ri>gle des mélanges a été proposée pour déterminer le coéfficien t 

d'activité moyen des mélanges d'électrolytes. Cette règle est décrite en termes des 

coéfficients d'actIvité moyen des solutions électrolytiques binaires. Elle est applicable 

aux systèmes multicomposps obéissant à la règle d'Harned. Les prédictions sont 

en très bon accord avec les résultats expérimentaux pour les systèmes ternaires qui 

obéissent à la théorie d'ions spécifique de Bronsted. 
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Chapter 1 

Introduction 

1.1 General 

:\qlH'OUS f'1e'ttrolyte solution~ play an important role in chemical, biological and 

f'lIvironrnmtal sy'llf'ms Electrolyte' solutions are distinct and different from non­

eh'ctrolyle soll;1 iOIl'l The presence of both ionic and moleclllar specie!> in solution 

is Ollf' of the nl(Jst important aspects differentiating ele'ctrolyte systf'ms from non­

pledrolylp 1IlJ:\tures According to the' ArrlIPnllls [i.S.!)] thf'ory. e1t'Ctrolytes pttrtially 

dissociatf' 111 a ..,olvPllt wlth the exte'nt of dissoCIation dependlllg on the diclcdric 

propt'rtws of 1 he solvent. 13ased on the degree of di~sociatlOn, aqucous c1c< tlolyte 

~OIUtIOI1S cali be clas..,ifie'd into thre'c groups The first group IS made' up of "trong 

('It'ctrolytt,'l ~lIch as i\,tCI and KOIL WlllCh nf'arly completely dls,",o( iate lo chargf'd 

ions wlwn di.,!>olved ln wdter. The second type is that of compl('x dcctrolytes surh as 

II\PO .. and 11 2SO" which form ionic or molecular internlf'diatf's in aqucous solutions. 

The final group cOllsi!>ts of weak f'1f'ctrolytes, sucn as ('02 and IhS. whlch form a 

subst't of cornplex c1ectrolytes with water. 

As a consequence of th(' presence of both ions and molecular sp('cies in c1ectrolytc 

systf'IIlS, botll dH'lIlic,tl and physical e'quilibria are pre'sent simultancously. A \Vide 

varit'ty of chclIlical rractlons can occur in multtcornponent electrolyte mixtun's lead­

mg to colllplcx 'lolution chemistry. The study of liquid (aqucous) phase e'quilibria in 

syst('llls ,>ueh as tho~l' found in distillation using salts as additional separation agents 
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1 or in sour water stripping are specific cases in which tlJ(' solut iOIl dU'lIu~t ry lIl\ol\'l'~ 

both chemical and physical equilihria, Other examp\es of tills t~ Pl' 01 c111'1ll 1:-' t ry art' 

found in studws of liqUld (orgamc)-liquid (aqueolls) phase ('(jlllliima of h~dfo(.trbol\ 

sour water systems or in studies of Iiquid-liquid extractton of aquc'ous ~olut ions of 

metals. 

One Important aspect of electrolyte syst('ms, which part IClt1arly «()IlCl'rn~ our 

research, is the strong thermodynamic non-Ideahty of the lIql11d phrl~I'~ '[ hl ... I~ dul' 

to interionic and intermolecular interactions arnong the variolJ., IOllle cllld 111011'( u­

lar species, The pre:,ence of long-rangt> intf'rionlc forces I!l mi,! 1\n~ cOIII allllll)!; 1·11'('­

trolytes rpsltlts in high deviéltion~ from thf'rmodynaIlllc Iwhavlof of t IH' I(ft',d "'01 li t IOIlS 

A theoretlcal st udy of the therrnodynarn IC propPftlf''j of ('11'( t rol,\ t l' ... ~:-I ('lIh ... hou Id 

consider the contributions of at lea!>t Iwo eff('cts. one fplclt('d 10 IOIl!!; f,Ulgl' «Ht!oJllIJlc 

forces hetween ions and the other c;hort range \'an der \\'aab IYIH' fr)I(' ... IH'IW('I'II 

the species, The short rangp effecb are particularly importallt ,lI 11Igh (Olll ('111 1 cl1l'd 

electrolyte solutIons, These two forcps wlil be JI"cll'i~('d in Chclpll'f :J 

The ~,tlldy of clectrolyt(' ~ystems. partlcul'lrl,) of <1(1'\('011., (·h·(! roi,) Il' "'(Jlll! IUIl"', 

has a wide diversity of applicatlon~ III chemical. pn\-lrOllllwnt,t!, .tilt! hlOlo)!;1I ,t! 111.1,1..,­

tries_ In an academic sen~e one can r1a."slfy the application ... of clt" !fol}!!' ... ,) ... \f'IIl:­

according to the physical equiltbfla tn\'olvf'd, I.E, \'apor-Llqll1d Eqlllllhll.l (\'I,E). 

Liquid-Liquid Equilibria (LLE) and LICjllld-Solrd f'qudJlma (LSE) For Ill..,t an( (', ',:,lOI! 

scrubbing technology for the [eIlloval of salfm (ompound.., and (,lrboll dl()\Ic!I' ffOlll 

proc('ss gas streams IS ont' ca.'if' of \'LE ",Inch is Important in pf('\('lI!lll~ ,Ulel fclill 

problems, Slmilarly the stlldy of tlw vapor-lrqll1d eCjutllbna of tl1l' \'1/ 1 ('0 2 IIi) 

systems is industrially Important for éltcuralp (jpsign ()~ sour-\\all'r "'lrtpPI·r.., 

~Iost re('('ntly, IIIterest has bef'n focusf'd on the df('cts of t'\('dr()lyt('c; III 1 wo Itquid 

phase systems used in biological separations, It has b(,l'n fOllnd that inorgalllC 'i,db 

such as Na~SO", ~lgSOI, K3 PO" and even certalll lIlll-univalent :-"t!1'i ... U( h cl:- :"cl('l 

arc important in the formation of such two-plta.'iC aql\('OllS ..,~ ~f<'IIl'" [:L~~jl Thl' lJlalll 

advantage of this technIque is the u~p of two aquf'OU:-' phas"., !Ilclklllg Il P()"''''I hlf' 10 

control the partitioning of biologlcal ~llbstan('('s Iwtw('en the t\\O ph a ... !',>, Il t:,1~ b('(,11 

also observed that f'lectrolytes have al} important ('fff'ct in sc'paratloll of ()rg.u)l'Il('~, 

enzymes, proteins and other substances. from hlological 1IlIxlurf''i ll~lllg lJl('mbrarH'!> 
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vr gels. 

Liquid Solid equilibria systems involving electrolytes are to be round in the 

following processes: sea water desalination, corrosion, crystallization pro cesses in ge­

ological systems (grotll('rmal brines or drilling muds), ion exchange, hydrometallurgy 

of on'!!, electro- m~tallllrgicai extraction and refining of metals. The list of industrial 

problems wlllch would henefit from a better understanding of electrolyte solutions is 

virtually rndl('ss. 'vVe have quoted a few examples here for the purpose of showing 

the vanet)' of fields ln which the effect of elf'ctrolytes is important. 

1.2 Thermodynamic Properties of 
Solutions 

Electrolyte 

The cum'nt. statc of the thermodynamic knowlcdge of aqueous electrolyte solutions 

is the rcsult of the almost one œntury of research. Amon5 the thermodynamic 

properties of aqlH'OUS electrolyte solutions, the Gibbs free energy and related functions 

sudl as heat.s of mixing. mean activity coefficient or osmotic coefficient are particularly 

important. Other properties slIch as the equilibrium constants of reactions and heat 

capaCltics are also of sorne interest. These thermodynamic properties are useful in 

process design. For f'xample, data on the vapor-liquid equilibria of the Mg(N03h­
HN03 -11 20 systems are necessary for column design in the extractive separation 

of nitric and. ln this proccss, the H~03-H20 azeotrope can be broken by adding 

~tg(NOJ)2 salt tn the liqUld solution [124]. This type of phenomenon is referred 

to as salting-In and salting-out effects in distillation operations [.t9,51,.52]. Furter 

ha.s prf'sentf'd excpllcnt reviews of the effects of salts in distillation [50,.53]. In the 

thermodynarnic modelling of gels, used in separation of biological compounds, one 

nceds a knowledgc of the osmotic coefficients in order to estimate the effect of osmotic 

prt'ssure in the swelling hehavior of the gels [129]. 

Expcruncnt al thermodynamic st udies of aqucous solutions of electrolytes involve 

mcasurement'i of mcan activity coefficients of the electrolytes and the osmotic coeffi­

cient of t.he solvent. In relation to this thesis it is interesting to mention that almost 

ail ('xperimcntal data in 1 iterat ure bclong to single salt aqucous mixtures or to ternary 

clectrolyte solutions containing two salts with a common ion [63,64,116]. In addition, 
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l most of the experimental data collected on ternary systems arc activity or osmotic 

pressure of the solvent. Individual measurements of the mean activity coefficients of 

salts are rarely reported. For example, the mean ionie activity coefficients of NaCI 

and KCl with common anion [23] or NaN03 and NaCI with common cation [8:1] have 

been reported but, to the best of this author's knowledge, the measuremenb of adiv­

ity coefficients for KCl and NaN03 (without a common ion) have not heen reportt'd 

and only the osmotic coefficient of water has heen measured for this system [12]. 

Experimental techniques will be discussed in Chapter 5. With respect to modelling, 

the original theories of eiectrolyte solutions go back to Svante Arrhenius [8] who first 

suggested that chemical equilibria between ions and undissociatf'd moleeular sJ)('cies 

exists in electrolyte solutions [7]. Studies of these mixtures have provided an In­

teresting fiP.ld of research for scientists, since electrolyte solutions exhibit apprt'ciablc 

deviations from ideality even at room tempe~dture and atmospheric preSSllfP. ln 192;} 

Debye and Hückel [40] proposed a theory to predict the activlty coefficients of ions 

in very dilute solutions. This theory is hased on the consideration of elcctrostatic in­

teractions between ions in a continuum dielectric medium. The Debyp-Hiickel theory 

and other models will be dlscussed in Chapter 3. 

1.3 Objectives of the Research 

Most theories or models for the correlation of thermodynamic properties of aqueous 

electrolyte solutions, such as mean ionic activity coefficients and osmotic coefficients, 

are limited to low concentrations of the electrolytes. The majority are for smgle elec­

trolytes in water at concentrations below six molal. Most existing thermodynilmic 

models are un able to correlate solution properties at ail concentrations up to satu­

ration. On the other hand, experimental data for multicornponent aqueous solutions 

are confined to ternary systems with a common ion. The few meaSUfements which 

have heen reported for solutions without a common ion are for osmotic coeffiCient 

calculated from measurements of the activity of water. Therefore the objective!. of 

this research in both theoretical and experimental fields are as follows: 

1 - To develop a model to correlate mean ionic activity coefficients in binary elcc­

trolyte solutions over a wide range of concentration and temperaturc and to 
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compare the proposed model with results obtained with existing models. 

II - To at tempt the prediction of mean activity coefficients in multi-component 

electrolyte solutions from binary data alone. 

III -To design and develop an experimental technique to measure the mean activ­

ity coefficients of electrolytes in ternary electrolyte mixtures with or without 

common Ion. 

IV - To measure the mean activity coefficients of the salts in the following three 

representative systems 

1. NaCI-NaNOr H20 (a system for reproducibility of the Iiterature data) 

2. NaBr-NaNOJ-H20 (a system with a cornmon ion) 

3. NaBr-Ca(NOJ )z-H20 (a system with no-corn mon ion) 

1.4 Presentation of the Thesis 

The thermodynamics of electrolyte solutions is introduced in Chapter 2. In Chapter 3, 

the Debye-I-Iückel theory and other selected thermodynamic models are reviewed. 

ln Chapter 4, a Non-Random Factor (NRF) model for the excess Gibbs eneIgy of 

l'Iectrolyte solutions is presented. The equations for mean act ivity coefficients of 

l'Iectrolytes and ions in the binary solutions are discussed. The model is tested and 

comparcd against those of Pitzer, Bromley, Meissner and Chen. In Chapter 5, Ion 

Sf'lective Electrode (ISE) techniques to measure the mean ionic activity coefficients 

of electrolytes in multicomponent electrolyte systems are reviewed in detail. Chap­

ter 6 contains a description of experimental apparata and the procedures to measure 

mf'an ionic activity coefficients of electrolyt~ in ternary aqueous systems. Chapter 7 

presents experimental results and reduced data for the following three ternary sys­

tems: NaCI-NaNOJ-H 20, NaBr-NaNOT H20, and NaBr-Ca(N03 h-H20. In Chap­

ter 8, a new mixing rule to predict mean activity coefficients of electrolytes in mul­

ticomponent electrolyte mixtures is presented. Finally, in Chapter 9, original contri­

butions and suggestions for further work are summarized. 
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Chapter 2 

Thermodynamics of Electrolyte 
Solutions 

2.1 Introduction 

The physico-chemical state of an electrolyte in a solvent depends on the dielectric 

constant of the solvent. Generally, the dissociation of an electrolytc, CA, in d solvent 

may be stated as follows: 

(2.1 ) 

where v+ and v_ are stoichiometric numbers of cation cz+ and anion N-, re~I){'c­

tively, and z+ and z- are the corresponding charge numbers. In a mixture of a BoIvent 

of molecular weight M and a binary electrolyte at molality m, the mole fraction of 

the salt, S, and ions can be expressed as follows, 

m 
(2.2) Xs = -------, 

vm + lOOO/AJ 
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v+m 
Xc = ----'---~ 

vm + lOOO/M 
(2.3) 

XA=----~ 

vm + lOOO/M 
(2.4) 

where the stoichiometric number of the salt is, 

(2.5) 

Equations (2.3) and (2.4) assume tofal dissociation of the salt and the following 

relation can be written hetween mole fraction of salt, xs, and mole fraction of the 

solvent (water). 

vxs + Xw = 1 

In this chapter, the chemical potential of electrolytes in terms of mean ionic 

activity coefficients and mean activity coefficient of a salt in different sc ales will 

he reviewed. Finally, the Gibbs-Duhem equation for binary aqueous solutions and 

expressions for the osmotic coefficient will he summarized. 

2.2 The Chemical Potential and the Activity of 
Electrolytes 

For an open phase in wh:~h matter is able to enter or leave, and where surface and 

force fields effects are negligible, differential Gibbs energy can be written as 

dG = -S dT + VdP + LJl)dn) 
) 

(2.6) 

where S and V are the entropy and volume of the system and n) denotes the number 

of moles of species j present in the phase. At constant temperature and pressure, the 

chemical potential of species z is given by, 

7 



1 {)G 
Il. = (-{) )T,p,nJ", n, 

(2.7) 

The right hand side of equation (2.7) shows that the chemical potential is the part.ial 

molar property of the Gibbs energy with respect to species L The partial molar Gibbs 

energy can not be measured directly. Thus, the definition of the activity a, of species 

i in a solution provides a convenient way to express its chemical potcntial: 

Il. = Il~ + RT In( a~ ) 
a, 

(2.8) 

Following the nomenclature of Stokes [125J, the superscript 0 den otes an arbitrarily 

chosen standard state for the component l at the tempf'rature of the system T and 

l'~ is the standard chemical potential of l at T. It is conventional to choose the 

standard state so that the corresponding standard activity a~ is unit y to obtain a 

simpler relation: 

Il, = Il~ + RT ln a, 

The activity a, of species i can also be expressed in terms of its fugacity. 

f, 
a, ="8 f, 

(2.9) 

(2.10) 

where f.9 is the standard fugacity for the component i at the given temperature. 

In aqueous electrolyte solutions, the ele..,trolyte usual!y dissoriatcs into ionic 

specles, and it thus is convenient to develop thermodynamic equations for the ionic 

specles. However, a standard state which recognizes the ionic character of the solution 

is requif(~. This raises a problem which can not be solved ('xp('rinH'ntally becaufic 

according to eq. (2.7), the physical operation, in which one can add to the ,",olutions 

ions i only, can not bc carried out. Thus, only an clectrolyte solution with a b:tlctllCcd 

amount of negi1tive charges and positive charges can be treat('d ~eV('rthel('Ss, in 

principle, the chemical potential of an electrolyte theoretically can bt> express('d as a 
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function of its constituents. 

For aqueous solutions the activity of a salt can be expressed in terms of different 

concentration scales such as molality (m), molarity (c), and mole fractions (x). The 

most commonly used concentration scale in aqueous electrolyte thermodynamics is 

the molality, i.e., moles per lOOOg of solvent. The molality of a stable mixture does 

not change with temperature and pressure variations unless a phase change occurs. 

For ions the arbitrarily ch os en standard state for the activity of species i is the 

hypothctical ideal solution of unit molality of the ion i. The ideal solution is chosen 

such that the ratio .!!L tends to unit y as the molality approaches zero. This ratio can m, 

be defined as the molal activity coefficient "II: 

(2.11 ) 

and using eq. (2.11), eq. (2.9) takes the form 

(2.12) 

combining eqs (2.10) and (2.11), fugacity of species i becomes 

(2.13) 

However, eq. (2.13) is not conventional because the fugacity is usually expressed 

using a mole fraction sc'" le. One can also define the chemical potential in ter ms of 

the mole fraction scale, 

(2.14) 

where "I1(r) denotes the rational or mole fraction activity coefficient of species i. The 

conventional fugacity of species i is then expressed as: 
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J, - (x) r* , - ï, X,J, (2.15) 

where ft is the fugacity standard state of species i. In this case, the ideal solution 

is chosen such that the ratio !!.a. tends to unit y as the mole function approaches zero. x, 

Thus, ïIx) -+ 1 when x, -+ O. The standard state fugacity corresponds to unit mole 

fraction of the ideal solution. 

2.3 Mean Ionie Activity Coefficient 

As discussed above, the thermodynamic properties for individual ionic specics can 

not be obtaincd separately and must be measured for the elect rolyte as whole. COIl­

sidering the chemical reaction, i.e., eq. (2.1), the follml;ing electrolH'utrality relation 

is valid for a binary electrolyte solution. 

(2.16) 

The chemical potential of salt Scan be written as: 

(2.17) 

where J1.+ and IL are the chemical potential of the cation and the anion, respectivrly. 

Using eq. (2.9) for both anion and cation: 

J1.+ = Jl~ + RT ln a+ (2.18) 

J1.- = I-"~ + RTlna_ (2.19) 

Replacing eqs (2.18) and (2.19) in eq. (2.17): 

J1.s = Jl~ + RT In( a~+ a~-) (2.20) 
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whcre 

(2.21) 

According to Lewis and Randall [85], the equilibrium constant of reaction (2.1) using 

eq. (2.11), can be written as 

(m~+ ,~+ )( m~- ,~-) 
as 

(2.22) 

If the standard states for the ions are chosen such that there would he no difference 

in the standard free energies of dissociated and undissociated forms, then J( is unit y 

and the activity of the salt Scan he found as [85]: 

(2.23) 

where m+ = v+m and m_ = v_m. The mean ionic activity coefficient is then defined 

as 

(2.24) 

and eq. (2.23) takes the following form. 

(2.25) 

Thus, the mean activity of salt Scan he written as 

(2.26) 

Replacing eq. (2.25) in eq. (2.20), the chemical potential of the salt, S, in terms of 

the mean ionic activity coefficient can he expressed as 
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1 Ils = JL9 + RT In(v~+ v::'-) + v RT In( m1'±) ( ') ,) .. ) -._1 

or 

(') ')8) _._'-

The me an activity coefficient, 1'±, is based on the molality scale. lIowewr, ,\,S men­

tioned in the previous section, the activity coefficient of electrolytl's can also be 

expressed in terms of mole fraction (x), or in terms of molanty (c). Acrordmg 10 

Robinson and Stokes [116], the relations betwœn various nleélll adivity ('()('!finenls 

are summarized as follows: 

(m) C (c) 
I± = -ï± 

mp! 

( 2.29) 

(2.:30) 

where If) and If) are the rational and molarity mean activity cocffici(,I1t., m,pectivply 

and p! is the density of the pure solvent. 

2.4 The Solvent Chemical Potential and the 
Osmotic Coefficient 

In aqueous electrolyte solutions we are concerned with activity of watC'r, aw. The 

chemical potential of water in terrns of activity of water can be pm;cntcd as: 

Ilw = p~v + RTlnaw (2.:11) 

where the standard state is the pure waler at the same tt'rnperature and pressure of 

the solution. IIence for pure waler, the activity is unity. The activity or the activity 

coefficient of water are not very sensitive quantitics in dilute aqucolls solutions. In 

order to exaggerate the deviations from ideality of the water, it is convenient to 
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l express the activity of water using the osmotic coefficient. For a multicomponent 

electrolyte solution with a solvent of molecular weight .\1, the osmotic coefficient is 

d('fined as follows 

(2.32) 

where v) is the stoicl:iometric number of the salt}. In a sense the osmotic coefficient is 

analogous to the cornpressibility factor. As the real solution behavior tends towards 

ideal, the osmotic coefficient tends to unity. Following Pitzer [104J, the osmotic 

('()('fficient of a mixed electrolyte solution can be written as 

<p = 1 _ acex 
/fJNw 

RTL} m] 
(2.33) 

where Nw is the numher of kilograms of water. Equation (2.33) can also be expressed 

in terms of the activity coefficient of water in a hinary electrolyte solution. 

nw 
<p = 1- -ln1W 

vns 
(2.34 ) 

wh('re ns is the number of moles of salt and nw is the number of moles of water. 

2.5 The Gibbs-Duhem Equation for Binary 
Aqueous Electrolyte Solutions 

For a binary aqueous solution, the Gibbs-Duhem equation at constant temperature 

and neglecting the effect of the pressure can be written as 

(2.35 ) 

The chemical potential of both salt and water can he expressed by means of rational 

(mole fraction) activity coefficients so that eq. (2.35) is written as: 
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t 

(2.:l6) 

Alternatively, using molal rnean activity coefficients, the following forms of Gibbs­

Duhem equation are obtclined. 

1000 
vmdln (m"Y±) + ( kf )dln aw = 0 (') 'J'") w.1 1 

or 

1000 
vmdln"Y± + M-dln"Yw + vdm = 0 (2.:JR) 

Using eqn.(2.32), eqn.(2.37) can he written as: 

1000 
vmdln(m"Y±) = --( .M )dlnaw = vd(mt/J) (2.:J9) 

By manipulation of eq. (2.39), the osrnotic coefficient can he expresscd in terms of 

the me an ionic activity coefficient: 

1 lm <p = 1 + - ma ln "Y± 
m 0 

(2..10) 

conversely, given the osrnotic coefficient the mean activity coefficient can be ohtained 

by integration of eq. (2.39). 

l
m (t/J-l) 

-ln "Y± = (1 - t/J) - dm 
o m 

(2.41) 

Equations (2.10) and (2,41) are useful in expcrirncntal d(ltermination of mean ionic 

activity coefficients using isopiestic techniques (Chaptcr .5). 
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2.6 Synopsis 

In this chapter the basic equations and definitions of the thermodynamics of elec­

trolytes solutions, particularly aqueous solutions, were reviewed. The chemical po­

tential and standard states using different concentration scales were discussed. Ex­

prC'ssions for the chemical potential of electrolytes in binary solutions in terms of 

mean ionic activity coefficients and the Gibbs-Duhem equation for binary aqueous 

el(~ctrolyte solutions were presented. Finally, the definition of the practical osmotic 

coefficient was introduced and, using Gibbs-Duhem equation, the relations between 

mean ionic activlty coefficient and osmotic coefficient were shown . 

.. 
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Chapter 3 

Sorne Models for the Mean Ionic 
Activity Coefficient of Electrolytes 

Aqueous Solutions 

3.1 Introduction 

• ln 

The concept of activity coefficient needs a clcar dcfinition and is meaningflll only ..... Iu'n 

a reference solution has been chosen. It IS useflll to distinguish lwtwf'f'n molecular 

activity coefficients and ionic activity coefficients. The Ionie actlvity codfici('nt can 

be defined for different compositions scales as mertioncd in Chapter '2, l.f, rnolality 

(m), mole fraction (x) or molarity (c) [73,116,136). When ionic or mol('ctdar activity 

coefficients are used it is important to state the composition sc ale in us('. Relation­

ships between the various activity coefficients are given in Chapter 2 The diffen'llce 

in numerical values among diffcrent scale mean ionic activity c(wfficicnts appcars for 

solutions with molarities highe:- than about 0.1 molef!. At infinitc dilution: 

16 
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From herc on wc will use i± for the molality mean ionic activity coefficient and 'Yr) 

for mole fraction or rational rnean ionic activity coefficient. 

The rnean ionic activity coefficient is not a measurable quantity but it can be 

directly calculatcd from electromotive force measurements, particularly at low con­

centration. For high concentrations, the mean activity coefficient has traditionally 

been obtained hy isopiestic methods [100,116], or from freezing point data using the 

following equation [73]: 

~HJ 1 1 6. Cp T !lep To In(m±'Y±) = --(- - -) + --ln(-) + -(- -1) 
R To T R To R T 

(3.1) 

where ÂT = 1~ - T is the freezing-point depressionj 6.HJ is the heat of fusion and 

ÂGp is the heat capacity difference between the liquid and the solid phases. Sorne 

experimental techniques for the measurement of the me an ionic activity coefficients 

will be discusscd further in Chapter 5. 

After the Arrhenius [ï,8,9] theory of electrolytic dissociation of electrolytes, De­

bye and IfilCkcl [40J proposed a theory of ionic interactions which has been recognized 

as the limiting law for the mean ionic activity coefficient of strong electrolytes at very 

dilute solutions. The limiting law is expressed as 

(3.2) 

where A is the Debye-Hiickel constant and 1 is the ionic strength of the solution 

introduced by Lewis and Randall [85]. The ionic strength is evaluated as follows 

1 
1 = - '"'m Z2 2 L..J 1 1 

where ml and ZI are rnolality and charge number of ion i, respectively. 

(3.3) 

In this chapter, the effects of long and short range forces are discussed. In 

particular, the Debye-Hückel theory and its basic aspects are examined. Finally, for 

binary aquoous electrolyte solutions, sorne previous models and their shortcomings 

arc analyzed. 
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t 3.2 Long and Short Range Forces 

In the development of thermodynamic models for electrolyte solutions one should 

consider at least two effects, one related ta long range forces between iOl11c species 

and the other to short range forces betwecn molecule-molecule and molecule-ion 

species [65,71,73]. The long range forces are electrostatic in nature and art' invcrscly 

proportion al ta the square of the separation distance between particles. TheBe forces 

have a rnuch greater range of interaction than other forces and tlms. t 1 \l'y al e reft'rred 

to as long-range forces. Short range intermolecular forces sueh as IA'nard-.JOIws 

interaction forces usually depend (m the reciprocal distance to a power seven or 

higher. The repulsive forces only act at very short distances and th us t hey are 

considered as short-range forces. Chemicai and hydrogen bonds may be tn'ated as 

short range forces in sorne cases [81]. The ion--molecu\e interactIons are dorninated hy 

the electrostatic forces between permanent dipoles and ions which also ean be treated 

as short range forces in nature [SI]. Other forces such as induction forces, dispersion 

forces and chemical forces are generally also referred to as short range forces [ï 1]. 

The thermodynamic and physical properties of aqueous electrolytc solutions 

depend on both types of forces. The relative importance of each type dppends on tlH' 

concentration of salt. In cOllcentrated solutions short range forces dOlllinatc while 

in the dilute solutions long-range forces control the thermodynamic hf'havior of the 

solution. 

Perhaps the most important aspects of aqueous electrolytc solutions are the 

structure of water and the interaction of ions with water molecules. In fad, "the 

nature of the water-water interactions, the life time of distinguishable ~r)('cies of 

water molecules, and the fraction of hydrogen-bonded structures in the iiquid wéltcr 

still await clarification" [46J. Many postulates have becn proposed ta explain the 

nature of intermo\ecular forces in aqueous solutions; however further discussion of 

this subject is out of the scope of the present researeh. Additional details may be 

found in several referenœs [46,71,81,109J. 
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l 3.3 The Debye-Hückel Theory 

A theoretical model for completely dissociated electrolytes in water was developed by 

Debye and lIiickel in 1923 [40]. This model is considered to be one of the cornerstones 

of our knowlcdgc of the thermodynamic properties of electrolyte solutions. It has 

becn thoroughly analyzed and discussed by many researchers with different levels 

of sophistication. A detailed account of the theory can be found in the literature 

[84,85,116,136]. This moèd is strictly applicable to very low concentrations up to 

molalities of the order of 0.01 of electrolyte in water. The Debye-Hückel theory 

is also referred to as the ion-cloud model, because the ions are considered to be 

distributed in a continuous dielectric media The basic assumptions introduced in 

the devclopment of the theory are as follows, 

1. The electrolyte solution is treated as if only anions and cations exist in the 

solution. 

2. A primitive model is applied, in which the ions are regarded as charged hard 

spheres and the solvent is replaced by a dielectric continuum with dielectric 

constant. D, through the whole medium. According to the primitive model, the 

direct potential 1jJ,} between ions land j of charges Z,e and Z)e, separated by 

a distance r,}, is given by 

(3.4) 

1/',} = 00 (r,) < a) 

3. Only long range electrostatic interactions are considered in the development of 

the theory. The short range interactions between water molecules and ionic 

species are ignored. 

4. An ion is arbitrary choseo to be the central ionic species, surrounded by an 

ion cloud. The variation of the excess charge density with distance r from 

this central or reference ion is then considered. The charge of the cloud of 

ions contributes a total charge equal to that of the central ion but of opposite 
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J slgn. Thus the solution is considered as a collection of central ions with their 

respective ion douds. 

5. The distribution function for the cloud ions around the central ion is assumed 

to be of the Boltzmann distribution form: 

( ) ( Z,e1/J,)(r)) 
9,) r = exp - k T (:1.5 ) 

Where Z, is the charge number of ion t in ion cloud and k is the Boltzmann 

const.ant. The dependence of the total electric potential on the charge dis­

tribution is expressed by Poisson's equation of electrostati,s whirh reldtes the 

time-averaged charge density p)(r) and electrostatic pot(>ntlall/\)(r) for any dis­

tance r from the central ion of type J. Thus, the electrostclJ,ic potential, ~',)(r), 

can be derived by using of Poisson 's law and considering only the first two terrns 

of the Taylor's expansion of the exponential term of Boltzmann distribution. 

Finally, the molar electrical Gibbs-energy can be obtained as [116], 

2D 1 + Ka (3.6) 

where 

(3.7) 

The constant a is the radius of the hard sphere core. The quantity K is sometimes de­

scribed as the reciprocal thickness of the ionic atmosphere and it can be approximated 

by 

1/2 

K = 50.2916 X 10
8 ('/D)1/2 Ji (3.8) 

where 1 is the ionic strength as defined by eq. (3.3) and P6 is the density of the 

soivent. The activity coefficient of ion j can be obtained by lIsing eq (3.6) and the 

definition of the chemicai potentia1. Then, 
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where 

and 

e 81r N° P~ 1/'2 
(3 = ( k T D)l /2 ( 1000 ) 

4.2013 X 106 p!/'2 
(TD)3/'2 

50.029 X 108 p!/2 
(T D)1/2 

(3.9) 

(3.10) 

(3.11) 

The values of A and f3 at T=298.15K and D=78.3 (dielectric constant of water) are 

A - 0.5108 ln 10 = 1.1762 kgl/2mole-1/2 

The size of the ion, a, has been reported by several investigators [73] and for most 

ions is close to a value of 4 angstroms. For cations such as H+ and Na+ values of 

6 and 5 angstroms, respectively, have been reported. However, in most treatments 

the product of (la is considered as an adjustable parameter, B, with a value using 

between 1 to 2 kg1/2mole-1/2. 

Finally, using the definition of the mean ionic activity coefficient, 

v ln Î'± = v+ ln 1'+ + v_ln 1'- (2.24) 

and eq. (3.9), the mean ionic activity coefficient can be obtained as 

(ln Î'± )DH = 
-AIZ+Z-Iv1 

1+B0 
(3.12) 
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Alternatively, as shown by Robinson and Stokes [1161, followillg th(' charging 

process approach of Fowler and Guggenheim [45], the molar excess Gibbs (,lIergy of 

an individual single ion of species j can be obtained as, 

with 

(:3.14) 

The activity coefficient of ionic species j derived from eq. (3.13) ha." t.he following 

form. 

(In;.)DIl = (:J.15) 

As discussed by Robinson and Stokes [116], the second term of the right-hand 

side of eq. (3.15) is negligible at ail concentrations of the electrolyte other than th(' 

extremely di lute solution '-0 tItat eq. (3.15) is simplifiPd to eq. (3.9). In addition, 

when the ions are assumed to be [>oint charges, i.e, B-=O, eq. (:l.g) is simplifi('d t.o 

eq.(3.1) which is the limiting ionic activity coefficient at extremely dilutt' solutions. 

Pitzer used mole fraction as the measure of composition. The Conn obtaillf'ù by 

Pitzer [101] was derived using pressure equation of statistlcal mechanics. The' final 

equation for the electrostatic excess Gibbs energv is 

(3.16) 

where the sum includes ail species, neutral as weil as ions. Bere, nk is the nUIJl!)('r 

of moles of species k, M is the molecular weight of the solw'nt and lx 18 the iouie 

strength of the solution on a mole fraction basis, 
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(3.17) 

(3.18) 

The parameter p is related to the c10sest approach of ions, i.e, the sum of their 

effective radii in solution, but increased by the factor e~)1/2 from the parameter B 

uscd on the molality basis. The derivative of Gex yields the activit.y coefficient of any 

SpCCles. 

_( 1000)1/2A [2Z,21 ( Jl/2) z; /;/2 - 2J~/2J 
ln l' = ~f <t> n 1 + P x + 1/2 

JI P 1 + p/:r: 
(3.19) 

In the case of uni-univalent salts, using eq. (3.19), the me an ionic activity coefficient 

of the salt can be obtained as 

500 23/2 1/2 3/2 
= _(_)1/2A {-l ( L 1/2) X2 -X2 } 

AI <t> P n 1+ 21/2x2 + -L 1/2 
1 + 21/2 X2 

(3.20) 

whcre X2 is mole fraction of the salt. Pitzer [101] obtained a value of 1.2 for B which 

converted by the factor (1r::)1/2 yields 8.94 on a mole fraction basis. However Pitzer 

proposed a value of H.9 for closest approach which is approximately constant for a 

widp variety of salts. 

Several investigators have criticized the Debye-Hückel theory [8.5,112, 113,116J. 

The major problem in the theory is th(· use of Boltzmann law for the radial distribu­

tion function, z.e, the distribution of ions around a central ion, and "the Boltzmann 

law call only be applied rigorously to non-interaction particlcs or to particles that 

interact solely through clastic collision which do not affect the free energy of the 

system." [113J The theory i:; Iill1itcrl to very Iow concentrations, sinee short range 

forcps are ll<'glected. At higher concentrations attractive short range forces and even 

rcpulsi vc short cr range forces becomc important. Another shortcoming of the theory 

arises from the assumption that the hard-core diametcr is the same for aU IOns ln 
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1 the solution. Furthermore, the theory treats water as a continuolls m('dltlm in which 

the dielectric behavior is constant for whole range of concentration. lt was shown by 

Hasted et al. [69] that due to the changing of the dipole moment of water and the 

saturation of dielectric in the neighborhood of an ion, the dielt'dric cons tan t of water 

decreases upon increasing the concentration of the electrolyt(>. 

3.4 Debye-Hückel Expressions for the Water 
Activity and the Osmotic Coefficient 

The Debye-Hückel expression for the activity of water in a billary aqueolls ~ollltlOlI 

can be obtained using the Gibbs-Duhem eq. (2.36) as follows, 

(:3.21 ) 

using Debye-Hückel expression, eq. (3.12), equation (3.21) can be rearrangf'd as, 

(ln a) - -vmM AJ\;/ fI JÏ dl 
W DH - 1000 + 1000 Jo (1 + BJÏ)2 

Integrating eq. (3.22), 

-vmJ\;J 
(ln aw )DH = 1000 + 

(:3.22 ) 

(2i~B~~[1 + B.JÏ - 21n(1 + Bv7) - I+~v'ï] (:3.23) 

Equation (3.23) gives the Debye-Hückel activity of water. The activity coefficient of 

water (aw = /wxw) can be readily obtained as 

In({w)DH = (211B~~[1 + Bv7 - 21n(1 + Bv7) - 1+~v'1]+ 

In( 1 + !œ!M.) _ /lmM 
1000 1000 (3.24) 
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-------- ---- ----

I3y cxpanding the second term and neglecting the higher order terms of the expanded 

cquation, at high dilution eq. (3.24) takes the following form. 

2AM fT 1 
ln(-;W)DII = ( Hp [1 + n/Ï - 2ln(1 + Bv I) - v7] 

10 1 + B 1 
(3.25) 

The osmotic coefficient of water can be obtained by one of eqs (2.32), (2.33) 

and (2.34). For simplicity, eq. (3.25) is substituted in eq. (2.34) and the following 

equation is obtained. 

Z+Z-A 1 
q;OH = 1 - B3[ [1 + B/Ï - 21n(1 + B/Ï) - v7] 

1 +B 1 
(3.26) 

3.5 Models for Aqueous Electrolyte Solutions 

Since the introduction of the Debye-H ückel theory for dilute solutions, there have been 

many attempts tü rcproduce the behavior of mixtures of higher molalities; Maurer 

[89] and Renon [114] have reviewed developments up to 1986. Generally, it is possible 

to group existing models into three categories: 

1. Models based on direct extensIOns of the Debye-Hückel equation. 

2. Models based on statistical molecular thermodynamics. 

3. Models based on the local composition concept. 

Although not comprehensive, this simple classification allows a systematic pattern 

in the study of models. lIowever, the possibility that in the near future local com­

positions may be evaluated frorn pair correlation functions and used to extend the 

Debye-Il ückel theory can not be ignored. It should be noted that aIl models in­

cluded in these three classes reduce to the Debye-Hückel expression 1.S the solution 

approaches infinite dilution. 

3.5.1 Direct Extensions of the Debye-Hückel expression 

The Debye I1ückel theory takes into account only long range electrostatic forces which 

dorninate only in very dilute solutions. Semi-empirical models developed for the 

25 



1 

,-
1 

i 

me an activity coefficient by many investigat.ors normally rctain Ill(' Dt·b)'!' IIiickt'1 

expression as the leading term. Among these models wc may inclulle tlH' sp('cifie 

ionic interaction mode! of Guggenheim [58J, the one-parameter model of Bromlt'Y 

[20], the graphical correlatIOn of Meissner [92,93], and the hydration model of Stok('s 

and Robinson [126,127J. 

Following the specifie ion interaction approach of Bronsted [21] , l. e, consid('ring 

that only ions of opposite sign interact, Guggenheim proposed a simple equat.ion for 

the mean ionic activity coefficient of an electrolyte which conslsts of cation "e" and 

anion "a" as, 

( ') ')-) .)._1 

where Bea' and Be'a are called the specifie ion interaction codficienls which l'XPI('SS 

the contribution of the short range interactions. Sorne simplp relations [:18,:WJ for 

these coefficients have been proposed for binary aqueous elt'drolyte solutIons and 

they are applicable up to molality 0.1. However, thcM:' COf'ffiC\(,Ilh are \lsllally tn'dt('d 

as adjustable parameters. 

Brornley [20] proposed an empirical model whlch is sImple and applicablt, to 

single strong electrolyte solutions up to an ionic strength of six. The mode! h,ts 0111' 

adjustable parameter which is correlated to two cat.ionic and anionic paramet('r~ wlt.h 

a cation-anion combination. He proposed an equation of the following forlll. 

where 

B
I2 

= (0.06 + 0.6B)IZ+ Z-I + B 
(1 + IZ!~_1l)2 

and B is the only adjustable parameter . 

(3.28) 

(3.29) 

Meissner and Kusik [92,93] proposed a method in which thcy deflned a quantity, 

r, the reduced activity coefficient as, 
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r , 

(3.30) 

Plotting r versus the ionic strength allows one to construct a family of curves in 

which, by having one value of i± above the Debye-Hückel concentration range, the 

mean ionic activity coefficient for any concentration could be predicted. This model 

is applicable for temperatures higher than 25 Co and can fit the mean ionic activity 

coefficient data up to an ionic strength of six. 

Experimental evidence reveals that the interaction of water mole cules with ionic 

speClei depends on the size and charge of the ions. Based on ionic hydration consid­

Nations, Stokes and Robinson [12ï] proposed a model which describes the behavior 

of many strong electroiyte solutions in the range of low to medium concentrations. 

A limitation of this model was the use of fixed hydration number, l.e, the number of 

water molecules associatcd with a given ion at ail concentration of salt. After, Stokes 

and Robinson [126J modified their model by allowing ions to be partially hydrolyzed 

through successive thermodynamic constants for n, n+l, ... etc water molecules per 

ion. Thus by dccreasing hydratioll number with increasing concentration allows a fit 

of experimental mean activity coefficient of LiBr up ta a molality of twenty. 

3.5.2 Models Based on Statistical Molecular 
Thermodynamics 

~Iodels bascd on molecular thermodynamic approaches have been widcly used to 

predi( mean actlvity and osmotic coefficients of aqueous electrolyte solutions above 

Debye-lIückel lllnit. According to Lee et al. [84], using molecular thermodynam­

ics thcre are two approacnes, other than experiments, for obtaining the structure 

of fluids: 1) computer simulation using Monte Carlo (MC) or Molecular Oynamics 

(MD) mcthods and 2) integral equations such as the Percus-Yevick (PY) and the 

I1yper--Nf'tted Chain (HNC) equations. Using these two approaches, there are two 

kinds of statlstical mechanical models in which electrolyte solutions can be treated. 

First, the i\lci\ldlan-Mayer [-18,91] type of models which approximate the solvent as 

continuum dielectric media and only consider the interaction of ionic species. Thus, 

Drbye-I1ückf'1 th('ory is a special case of McMillan-Mayer models. Second, Born­

Oppenheimer type of modcls [48] in which the solvent species as weil as the ionic 
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1 species appear explicitly in the solution. 

Based on the McMiIlan-Mayer theory, Monte-Carlo techniques were used to 

study the primitive modcl of a,n ionic solution by Card et al. [28], The prediction 

of osmotic and me an activity coefficients of single uni-llnivaient e1ectrolytc aqucolls 

solutions were obtained in the range 0.01-2 m. 

Kondo et al. [79] developed expressions using statistical mcchanics for dctivity 

and osmotic pressures for electrolyte solutions. They proposed Coulombie alld hard­

sphere terms (primitive model) for ionic interactions potenttals and a 'lql1are-well 

term was introduced to take care of the solvent interaction potentidls, Hy t akmg t Il<' 

depth of the square-weil as a adjustable paramcter, the model wa:-. applicable I1p to 

ionic strength of three. 

Integral equations based on correlation functions have !)('cn wi(h'ly lI~wd for tilt' 

prediction of thermodynamic properties of elcctrolyte solutions from a knowlt-dgl' 

of pair potentials. One key devdopmcnt in the integral eqllation method hd. ... h('f'll 

the use of Mean Spherical Approximation (~ISA), Application of IIltf'gral ('<jl1iüioll:-' 

such as the HNC and PY are lirr'ited by lack of an accurate andlyt IC,11 cxpn· ... :-.ion for 

the correlation functions. From a statistical mechanieal point of view, in 01 d('r tü 

determine the molar Helmholtz free energy as a function of mt,>p~ivc propertif's (T,p) 

one needs to specify both the total h(r) and the direct c(r) correlation fllndiolls. 

These correlation functions are defined as, 

(3.:H) 

(3,32) 

where g(r12) is the radial distribution or pair correlation function. Equation (3.:32) 

is called Ornstein-Zernike [94] equation. As it is evident from eqs (:L31) and (:3.:J2), 

in order to determine the radial distribution function, one nt'cds to haw explirit 

expressions for both h(r12) and c(r12)' The MSA is an approximatlOll w}wh a.""I1Illt'S 
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.. the following forms for these functions . 

h(r12) = -1 for (3.33) 

for (3.34) 

where 

Here al) is the c10sest distance of approach for the pair and tPl)(r) is the electrostatic 

interactive potential 

Lebowitz and Percus [82], based on the integral equation theory of Percus and 

Yevick [97J, pruposed the use of MSA for lattice gases (neutral molecules) with ex­

tended hard cores. Waisman and Lebowitz [133,132J and Blum [16,17,18] ,using 

MSA, developed and solved exact analytical solutions for a primitive model (charged 

spheres) of clectrolyte solutions. 

There are other modcls such as the fluctuation theory which was proposed by 

Kirkwood and Buff [77J and further developed by Cabezas et al. [26J and by Perry 

et al. [98J using MSA for strong electrolyte solutions. Copeman [33J developed a 

perturbed hard-sphere equation of state for solutions containing an electrolyte. The 

equation consists of hard-sphere, elcctrostatic and attractive contributions to the 

Helmholtz free encrgy. Planche and Renon [99J and Bail et al. [IOJ also developed a 

scmiempincal expression for the Helmholtz energy of mixed elcctrolyte solutions in 

solvent mixtures. This expression is obtained from the solution of MSA by introducing 

the consideration of short-range (Dirac) forces. Copeman and Stein [34J developed 

an expIJcit non-equal diameter MSA model for electrolytes. The predicted internai 

encrgy of the elcctrolyte solutions were comparcd with those of Blum for ion sizes 
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up to 3Ao. Harvey et al. [69J also developed a l\ISA solution bascd on a lill('ar 

mixing rule for a single effective ion size and a low-ion-density approximation due to 

Copeman and Stein [34J. The results obtained for aqueous electrolytc solutIOns, using 

the primitive model, are comparable with published Monte Carlo data. Andf'rson 

and Chandler [5,6] developed the exponential MSA (EXP-MSA) whkh was u:-,('d by 

Gering et al. [55J to determine the thermodynamic properties of t'lectrolyte solut.ions 

as a function of composition and temperature for binary and mix('d-salt solutions at 

high electrolyte concentrations. In most electrolyte theories usiTlg ~ ISA, the dianlt'tt'r 

of ionic species or sometimes diameter of water is used as an allj ustablc pctrallH'tN 

to fit osmotic or mean activity coefficients of electrolyte solutions. 

Following the McMillan-Mayer solution tht>ory, PItzer [10.5], in a st'nlll'Illpiricai 

way, introduced a virial expansion to complement the Debye-!!ückt'l term in the 

expression of the excess Gibbs energy of electrolyte solutions 

(3.:35 ) 

where fDH(I) is an eJectrostatic Debye-Hückel osmotic tcrn which is obtained hy 

substituting th~ Debye-Hückel radial distribution functlOn in the pressure cquation 

of statistical mechanics. The parame ter '\1] (1) IS a billary short-range interaction 

term which is dependent on the ionic strength and J1.1)k is a ter.lary silo! t-rang!' 

interaction term which is independent of ionic strength. From eq (:3.:35) tlH' o:-,mot ie 

coefficient, 4>, and mean ionie activity coeffiCIent, Î±, expressIOns ha\'(' bp(,11 obtaincd 

[102,103,104,106,107]. The Pitzer model has been w)(icly used to prcdict dJ and Î± 

for aqueous electrolyte mixtures and is applicabk up to a molahty of ::.ix 

3.5.3 Models Based on the Local Composition Concept 

The third c1ass of models use empirical expressions to ("<pres::, tht' eff('d of local 

composition. As do other models for electrolyte solutions. model-; of tllIS cld'is recog­

nize the existence of both long-range and short-range fo[ccs in elt·rtrolyte ::,ulutlons. 

The ion-ion interactions are long-range forces that arc dt'terminallt 011 the Ilt'hav­

ior of dilute electrolyte solutions. Short-range forces are mostly duc tü inU·r.tctloIlS 
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betwœn the ions and the solvent molecules and, as in systems of non-electrolytes, 

may he associated with local composition effects. The Fowler-Guggenheim version 

of the Debye-Hückel or the Pitzer version of the Debye-Hückel theory are applied 

to account for long-range contributions. For short-range contributions, various lo­

cal composition treatments such as those of Wilson [75], Non-Random Two Liquid 

(NRTL) models, etc. have been applied. For the NRTL the hypothetical pure state 

of ions [31] and the random state of ions through the Non-Random Factor (NRF) as 

a reference state [61] have becn used. 

In their most general formulation, local composition models consider that, due to 

the presence of short range forces, the composition in the immediate neighborhood of 

a given species is different from that in the bulk of the mixture. The local composition 

effect is usually expressed in the form 

(3.36) 

where X J and XI; are the bulk mole fractions of species ) and k. The term X)' 

represents the (local) mole fraction of species j around species land, similarly, X k , 

is the (local) mole fraction of species k around species i. The term TIJI;, usually of 

exponential forrn, is related to the reldtive strength of potentials between species i, ) 

and k. Local composition rnodels have becn used to develop excess Gibbs energy 

functions which arc then differentiated to obtain rnean ionie activity and osmotic 

coefficients. 

Cruz and Renon [36] proposed to use both the Fowler and Guggenheim version 

of the Debye-lIii.ckel thtory and the Debye-McAulary [116] ·heories for long-range 

forces and NRTL local composition model ior short-range forces, which were assurned 

to cause total hydration of IOnic srlecies. The resulting model had four adjustable 

parameters and was applicé.ble over the wholf' concentration range for aqueous solu­

tions of a single eledrolyte. Chen et al. [30,31] proposed a new local composition 

model using the Pitzer version of the Debye-Hückel term for long-range forces and a 

modified NRTL for short-range forces. The model of Chen et al. inclurles two key as­

sumptiolls. First, it assumes that there is no interaction between simllar ionic species 

(like-ion repulsion). This assumption is in agreement with the theory of the specifie 
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interactions of Bronsted [18J. Second, it assumes that the distribut ions of cat ions 

and anions around a central sol/ent molecules is sueh that the net local ionie charge 

is zero (local electroneutrality). The resulting model has two adjllstable paranlt'ters 

and reproduces well the activity coefficients of single electrolytes in watt-r up to a 

molality of six. Ball et al. [10J modified the Cruz-Renon model [:36J and rl'ouced tlw 

adjustable parameters from four to two. The resulting model was IIsed to fit osmotir 

coefficients of single-electrolyte solutions and cornpared with other two-paraflwtt'r 

models using data up to a molality of six. Other models have extend('d group Il]('th­

ods to eiectrolytes such as the Kawaguchi et at [ï.5,ï6] version of "SOU which 

assumes total hydration of ions. They used the Fowler-Guggenheim-- Dehye-Iluck('l 

term for long-range mean ionic dctivity coefficient~ and the Wilson local composition 

model for short range mean activity coefficients. The UNIFAC-type mode! of Chm­

tensen et al. [32], uses a Debye-Hückel term for electrostatic interactIons and bot h a 

Bronsted-Guggenheim term [59] and an UNIQUAC [1J term for short-range foru.~s 

This study proposes a new local composition model u.,ing the Fowler­

Guggenheim version of Dcbye-IIückel model for long-range el('Ctrostatic fOl(,('!'> [(il]. 

For short range contribution, a new version of N RTL usmg BOil -raIldolll factOl S i~ 

used. The model is successful and it appears to be the most accurate two-paralllett'r 

model for aqucous solutions of single elcctrolytes. It can fit mean activity cocfll( lent 

data for aIl binaries from di lute solutions up to the saturation point. Detail.., of thls 

model will be discussed in Chapter 4. 

Liu et al. [86] derived a new version of the Dcbye- Hückel theory whitb IS bas('d 

on the Poisson equation of cledrostatic theory, the Boltzmann distfl but ion Idw and 

the local composition concept. For short range forces, Liu et al. [86] dt'riv{'d a locrll 

c0mposition expression similar to Chcn's approach excf'pt that tlH' local COIllpO~ltioll 

conet'pt applies to the ex cess enthalpy instead of the excess GIbbs eBergy. The ex­

c!:ss Gibbs energy was obtained by integrating the Gibbs-Helmholtz equatlOlI This 

model has one adjustable parameter. Liu et al. [8i] modifi('d the local-compo~itioll 

expression for short range contribution. The new version of Liu 's local composItion 

has two adjustable parameters, one of the parameter represents the iOIl spt'ciflc po­

tential and the other is an cnerg:,r adjusting parameter which aCCQullts for the dfects 

of the interaction energy strengths and the species sizes. The new ver~ion of local 
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composition model fitted the mean activity coefficient of LiBr in water at 25 Co up 

to molality 20. 

Ananth et al. [2] have recently proposed ,. self-consistent local composition 

model using Pitzer version of Debye-Hückel term for electrostatic long-range forces. 

For short range forces, the quasichemical lattice theory of Guggenheim using the 

self-consistent assumption of correct pair counting [96] was applied. However the 

model ignores size and shape factors so that tht- description is made in terms of local 

composition variables. In spite of mathematical complexity of the osmotic and mean 

activity coefficient expressions, the model was used to fit the osmotic coefficient of 

sorne aqueous electrolyte solution up to molality 20. The model has two adjustable 

parametcrs. 

3.6 Synopsis 

In lhis chapter the modelling of long and short range forces, which is an important 

aspect of elcctrolytc solutions, was discussed. The Debye-Hückel theory and its basic 

assumptions were explained. Debye-Hückel expressions for me an ionic activity and 

osmotic coefficients were presented. The Fowler-Guggenheim and Pitzer versions of 

Dcbye-Hückel theory for excess Gibbs energy and mean activity coefficients were in­

troduced. Finally, previous thermodynamic models for the mean activity and osmotic 

codficients were reviewed. The models were arbitrarily c1assified in the three follow­

ing groups: 1) Models based on direct extensions of the Debye-Hückel equation, 2) 

rnodels based on statistical molecular thermodynamics, and 3) models based on the 

local composition concept. 
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Chapter 4 

A Non-Random Factor Model for the 
Excess Gibbs Energy of Electrolyte 

Solutions 

4.1 Introduction 

A typical limitation of aIl two-parameter local composition modf'ls pr<'viollsly pro­

posed in the literature is the inability to corrclate activity coeffiewnts (or o..,rnoti(' 

coefficients) beyond a molality of six wlllch, incidentally. is close to the ~aturatiol! 

molality of sodium chloride. For many indllstri.il pro('Psscs. 'iuch as cry~tallizcltioll 

of salts other than sodium chloride or work with dnlling ITluds. it is nece!-l!-ldry to 

have models able to represent the thermodynamic bchavior at higlH'r lllolaliUes. III 

this chapter a new formulation 1,0 reprrsf'nt tl)(' deviatiol1s from idt'aiJty of ('It'ct rol)'tp 

solutions is discussed. The modcl is applicable from dIlutp solution tlp to ~,tt IIratioll. 

Results from the mode! are compared wiLh those obtaint'd froll1 ol,ll<'r lwo-p,tralllt'tt'r 

or one paramcter models of Meissner, Bromley, Pitzer and ((Jt'11 (,t al. ft ..,llOuld 1)(' 

noted that the mode! prpsented in this chapter has bt't'n aln>ady pllblislH'd il! AIChE 

Journal in 1988 [61J. In this chapter we follow the contt'llt of tht' paper wit h "'O/ll(' 
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revision to improve the results for bi-bivalent aqueous binary electrolyte solutions. 

4.2 A New NRTL-NRF Model 

Following the work of Chen et al. [30,31J, we assume that the excess Gibbs energy of 

an aqueous e1ectrolyte solution may be expressed as the sum of a contribution due 

to long-range coulorllbic interactions and a contribution due to short-range interac­

tions causing local order. For the long-range interactions we use the Oebye-Hückel 

expression and for the short-range interactions we use a new version of NRTL model 

of Renon and Prausnitz [11.5] in terms of non-random factors (NRF) formally similar 

to those proposed by Panayiotou and Vera [96], and thus we write, 

ex (~X) + ( ex) 9 = 9 VII 9 NRTL-NRF ( 4.1) 

where (gex)DII is the Oebye--Hückel contribution to the ex cess Gibbs energy as given 

for a single ion, by eq. (3.13). 

The excf'SS Gibbs energy due to the short-range effects, (gex)NRTL_NRF, arises 

from lTIolecllle-molecule, molecule--ion and ion-ion interactions at high concentra­

tions. To express these effects, we follow Chen et al. [30,31] and assume the existence 

of tllfee types of cells as shown in Figure (4.1). These cells. which depend on the 

central spenes are assumed to be determinant, in the microstructure of an aqueous 

solution of a single electrolyte. Two types of cells are those with a cation or with an 

anion as central specif'S. For these cells Bronsted theory (like-ion repulsion) leads 

ta the assumption that the local mole fraction of cation around cation and of anion 

around anion is zero. Thus, only solvent lTIolecules and counterion species surround 

a particular ion. The third type of cell has solvent central moleculcs with anions, 

cations and solwnt rnolecules in the surrounding. Thus, the lTIolar excess Gibbs en­

erg)' due to short-range interactions is considered to be the sum of the exccss Gibbs 

energy of individual ec1ls weighted by their mole fractions as follows, 

gex gex gex gex 
( ) 

A C W 
RT .VRTL-NRF = x" RT + Xc RT + Xw RT (4.2) 
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Figure 4.1: The various central cells in a binary electrolyte solution. 
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where 9';{, téX and 9w represent the contributions of the cells with central anions A, 

central cation C and central solvent molecule W to excess Gibbs energy arising from 

short-range intcrac'jons. In a major dep;"lture from the NRTL model [115] and from 

Chen 's et al. extension [30,31] to electrolytes. we consider here that the excess Gibbs 

energy contributions of the cells with different central species are expressed with 

respect to the random case instead of considering them with respect to hypothetical 

cells of pure central species. Thus, 

ex 0 
9A = gA - 9A (4.3) 

ex 0 
9c = 9c - 9c (4.4 ) 

and 

9~v =9w - 9w (4.5) 

by assuming the interaction energy between the different species as Gibbs energy, the 

Gibbs energy of the cells in terms of local mole fraction may be written as, 

9A = XWA 9W.4 + X CA 9CA ( 4.6) 

9c = Xwc 9wc + X AC 9AC (4.7) 

and 

9w = Xww 9ww + X cw gcw + X'AW 9AW (4.8) 

for the three types of the eclIs. The terms 9WA, gwc, gww are the interaction Gibbs 

cnergics betwœIl the various species. In our case, for the reference cells in the random 
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case 

9A = XW 9WA +XC 9CA ( ·1.9) 

9c = X w 9wc + X A 9AC (-LlO) 

and 

9w = Xw 9ww + Xc gcw + X.4 gAW (·1.11 ) 

thus, in this new approach g~ considercd as the Gibbs free t'nergy of a ('pli WIWll lIH' 

random array prevails. In Chcn's approach [30,31], 9~ considered as the Gibbs frpr 

energy of a hypothetical ccli of pure species z assumption which is not f('alistic for 
" . 
IOnlC specJes. 

For generality, following Chen's et al. [30], wc have used eff<,cti\'e molt· frclel 10llS 

defined as, 

(-1 l ~) 

Xc = Zcxc = Zcvcxs 

and 

X w =xw (-l H) 

using electroneutrality, Zcvc = Z.4V.4, from eqs (4.12) and (·1.1:3) wc obs('rvp that 

XA = Xc, which is the condition of e1ectron<,utrality of the local ionic cells. 

In NRTL and related models, a pdrameter 0', closely ff'lated tü the inv('r'>(' vaille 

of the coordination number :, is interpreted as il rIlt'aSUf(' of lIOII rand()lIl1H'~". III 

this work the non-randomness of the speClt'S is rrpws(,lIt pd by menns of /lon randolll 
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factor (NRF). Thus, in general, for i - j interactions 

(4.15) 

where X,] and C; are the local composition and the non-random fador of species i 

surrounding spccies J. Similarly, 

(4.16) 

from which: 

( 4.17) 

However, in t.his work the NRF are not obtained from the quasichemical theory [96J 

but are cvalllated using the empirical Wilson [135J type expressions similar to those 

Ilsed by Renon and Prausnitz [1I5J and by Chen et al. [30,31J Thus, the NRTL 

('qllation can b(' written as 

(4.18) 

with 

j3 ( 9,] - 9t] ) 
,),t) = exp - Z RT (4.19) 

comparing cqs (4.17) and (4.18), 

(4.20) 

and, in particlllar, whcn e = J, 
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It should be clear that. after choosing to use the empirical Wilson-type expres­

sion, eq. (4.18), to relate the non-random factors, our final mod('1 has t.lH' ~ame 

theoretical limitations and practical advantages of ail other 1I10(!f'ls ha~('d 0/1 tlll's(' 

expressions [130J. Among the practical advantages, it is int('!('sting to ob~('1 \'(' that 

the final model has only two adjustable parameters for a syst('1l1 of a "lIIg!e l'I(·ct.rolytt' 

dissolved in a single solvent. This can be shown by eliminati/lg \'ariablt·s aS f()llow~, 

For the energy parameters we have the following relations: 

9CA = 9AC = gE CI.~2) 

9AW = 9WA & gcw = 9wc 

In addition, assuming local electroneutrality around a C<'ntralmol(·nrl(· of sol \'('/11 • 1 r, 

the net charge of a central solvent cell is zero, 

(·1.2·1) 

where 

( 1.~5) 

X cw = Xcrcw = ZCIcfcw (·1.~6 ) 

combining eqs (4.2·1), (4.25) and (·1.26) and considenng tht> expression for the m'craIl 

electroneutrality·o1. the s~lution (Z-tIA = ZCIc), oneobtains 

f AW = rcw (.1.27 ) 
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using eq. (4.21), CIW and rcw can be written as follows, 

f AW = fww .BAW,WW & fcw = fww.Bcw,ww (4.28) 

then eqs (4.2ï) and (4.28) give 

9.4W = 9cw = 9EW ( 4.29) 

thus, relations (4.22), (4.23) and (4.29) reduce to only two independent variables and 

from eq. (4.19) we may write 

.BC.4,WA = .BAC,WC = J3E 

.BAW.WW = .Bcw,ww =.Bw 

to simplify the notatIOn we define the related terms arising from eq. (4.19) as 

and 

9E - 9EW 
>. E = =---=-R-=r-

\ 9EW - 9ww 
"w = RT 

( 4.30) 

(4.31 ) 

( 4.32) 

( 4.33) 

the terms ).E and Àw are the only two adjustable parameters for an aqueous solution 

of a single electrolyte assumed to be completely dissociated. The parameters À E and 

.\w are designated from here on as the electrolyte and the solvent (water) parameters, 

resp(,ctivt'ly. 

Using eqs (-1.12) and (-U3), in order to express the contribution to the excess 

Gibbs energy due to ~hort-range effccts in terms of the above two adjustable parame­

ters, we obsf'r\'c that for the electrolyte the effective (charge) mole fractions of cation 



t and anion are equal due to the condition of overall electroncutrality. I.E. 

thus, starting with the cation central cclI we may write an equation of the forlll: 

XAC + Xcc + X wc = 1 

Writing the local compositions in terms of NRF's and using the Bronsted prillciplc 

(Xcc=O), 

using eq. (4.20), rwc can he written as 

f AC 
rwc = r AC!3WC,AC = ,':1 

/JAC,WC 

suhstituting eq. (4.3ï) in (4.36), 

similarly, for the anion central cell we can obtain, 

r !3CA,WA 
CA = 

XC(3CA,wA + Xw 

then, using relations (4.30) and (4.34), 
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and similarly for the solvent central celIs, 

Xcw + X AW + X ww = 1 (4.41) 

where 

Xcw = Xcrew = Xe rww ,Bew,ww ( 4.42) 

(4.43) 

using relations (4.31) and (4.34) and combining eqs (4.42), (4.43) with eq. (4.41), 

(XA + Xe) rw,Bw + Xw fw = 1 

or 

1 1 
fw= =-----

(XA + Xe ),Bw + Xw 2XE,Bw + X w 
(4.44) 

where fw = rww. It should be noted that in the publication, rw in eq. (19a) should 

read rwe. 

Having the non-random factors, l.e, eqs (4.38) and (4.39), the excess Gibbs 

energy of the cation central cclI can be obtained by substituting eqs (4.10) and (4.7) 

in eq. (4..1). Thus, writlOg the local compositions in terms of NRF's and dividing 

the resultant equation by "RT'M 

g~r 1 
R~ = RT(Xw rWCgWc + X A fAcgAe - X w 9we - X A9AC) ( 4.45) 

lIsing eq. (4.:16) for both the non-random case and also for the random case with 

rAC = rwc = l, one can obtains 
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(·1.16) 

similarly, 

(·tAï) 

Following the same procedure, by substituting eqs (4.8) and (-1.11) in eq. (1..1) 

and using eq. (4.41) for the non-random case and aIso for the random case with 

r AW = rcw = rww = l, the excess Gibbs energy of the solvent central cdl can be 

written as, 

(·Ll8 ) 

Finally by substituting eqs (4.46), (·L47) and (4.48) in eq. (4.2) and \Ising ('qs (.Ll2) 

and (4.13), the excess Gibbs energy of the mixture is as, 

ex 

(~T)NRTL-NRF = (Z.4 + ZC)XAXC(r E -l)ÀE -.r~v(rw -l),\w p .. I!)) 

where ÀE and Àw are the two adjustable parameters gi\'cn by eqs (.l.:t~) ,tlld (t.:~:~). 

Clearly for the random case, rE = rw = l, and eq. (4.19) vanishes in agrcclIImt wilh 

the local composition concept. However, it must be clearly stated that due to the 

simplifying assumptions of this phenomenological derivatlOn. ('specially the IIkp-ion 

repulsion assumption and the use of Wilson-type nOll-randolll factors. the balance 

equations for each cell do not extend to the overall mixture. 

Following Robinson and Stokes [116], wc may express eq. (·1.49) in tcrms of a 

salt mole fraction as, 

ns 
Xs= --­

nw + lins 

from which, the solvent mole fraction is obtained as: 
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( 

Xw = 1 - VXS ( 4.51) 

Thus, using XA = Il AXS and Xc = "CXs, eq. (4.49) takes the f('(m: 

(4.52) 

It should be noted that eq. (4.52) is a gen€·ral equation for al! single electrolyte 

solutions which is a little different from eq. (22b) in the publication. Equation (22b) 

is truc for ail of the binaries except bi-bivalent electrolyte solutions. The reason is 

that the right hand si de equality of eqs (6a) and (6b) in the p:.p~r are not true for 

bi-bivalent e1ectrolytes. In the derivation of eq. (4.52) we used eqs (4.12) and (4.13) 

which are applicable for ail salts. On the oUler hand, the new version gives better 

rcsult.s for bi -bivalent electrolyte solutions. 

4.2.1 Expression for the Mean Ionie Activity Coefficient 

As discussed by Hala et al. [60] the mean ionic activity coefficient of an electrolyte 

in an aqueous solution may be obtained from the relation 

( 4.53) 

For the contribution of long-range interactions to the excess Gibbs energy (the 

Debye-Hückel model) the unsymmetrical normalization is used, l.e, the activity co­

efficient of electrolyte apP!"'laches unit y as its mole fraction go,-""s to zero, but activity 

coefficient of solvent approaches unit y as its mole fraction goe.s to one. Thus, it is 

nccessary to normalize the contribution due to short-range interactions on the same 

basis. Therefore we use 

ex 

( 9 )* ( gex ) 1 00 RT NRTL-NRF = RT NRTL-NRF - IIXs nf'± 

or in terms of the ionic activity coefficients it can be written as, 
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r. ~ 00 00 

(RT)NRTL-NRF = (RT )NRTL-NRF - Xc ln le - XA ln lA (4.55) 

where the superscript 00 is used to indicate the value of th~ function at. infinite 

dilution. The non-random factors, eqs (4.38), (4.39) and (4..t4), can be \Vrillen in 

terms of the electrolyte mole fractions as 

(4.56) 

(·1..57) 

where 

Using eqs (4.56) and (4.57), from eqs (4.52) and (4.53) we obtain 

(4.58) 

and then from eqs (4.54) and (4.58) 

(·1..59) 

Hence, from eqs (4.53) and (4.59), the expressions for the activity coefficients of salts 

in the unsymmetrical convention take the form 
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3 2 2ZE VE ) -'\W(XWr w - 1)(1 - /3w 
v 

(4.60) 

The activity coefficient of the solvent (water) is 

-xwÀw{2 - xw)(rw -1) 

(4.61) 

Again, eqs (4.60) and (4.61) are different from eqs (29) and (:30) of the publication. 

Finally, the mean ionic activity coefficient of a single salt in a single solvent can be 

written as 

ln Î± = (ln Î±)DH + (In Ti )NRTL-NRF (4.62) 

wl!nc t!-Je Dcbye-Huckel contribution is given by eq. (3.12). ft should be noted that 

eq. (3.12) is bascd on the molality scale, while the NRTL-NRF eq. (·1.60) uses mole 

fraction as the compositlOlI variable. However, as it was shown in Chapter 1, the 

Debye-lIückcl f'xpression is valid at Vf'ry low concentrations in which the numericaJ 

valuc of the actlvity coeffiCIent is the same irrespective of the concentration scales. 

We will further Illustrate this fad at the end of the ;lext section by showing the 

differcnt contributions to the activity coefficients for th,.~ aqueous solution of Hel and 

KOII. 

Similarly, the activity coefficient of the solvent (water) can be obtained by the 

sum of eqs (:1.24) and (·1.61). 
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4.2.2 Results and Discussion 

The new model dev(')oped in this study is bascd on the Dt'h)'(' Il iickt'l t )H'ory for 

eledrostatic forces (long-range forces) and a new NHTL-NR F modt'l for \ il\' ptf.·(·t of 

local order (short-range forces). The use of the' non-randorn fat tor~ (~HF) ,m.) of a 

random liquid as a refcrenee fluid permits the devclopment of d lllod.·1 ,q>pli( ahl.· 10 

the whole range of concentration from the dilute reglOn up to tlJ(' ~al lIrdtloll poillt of 

each salt. Figure (4.2) shows the detail of both contributions. 1 1. long- dUt! "hor\­

range forces, to the activity coefficients of Hel in an aqlleoll~ !-loi Il 1 1011. TIll' lllod!'1 

devcloped in this work has becn tested for many salts. Result~ for tlw fitt1llg of tlll' 

mean ionic activity coefficients for uni-univaknt dpctrolytt's dn' ~h()Wll III 'Llhl(· (.1.1) 

As can be observed from Table (4.1), th(' modt'l IS ahk 10 prt·c\IC\ thl' IIU',UI IOlli( 

activity coefficients of salts beyond the tradltional molalily of .,IX 1 hat h,l~ 1>('('11 1 ht' 

limit set by most investlgators. Sorn(' resulb for uni-1I1lI\ëtl('1l1 ,,1('( t wl.\ t(,., up 10 

molality 20 are shown in Figure (·L3). Figur('~ (1 t) and (L3) prl'''''I1\ d (\)!IlIMrI!'>OIl 

of the results obtained witl-. the mosl commonly Il!'>t·d modt'!" and witl! !lew mode! fur 

HCl and KOH. The two-parameter model of Uall et al [~Il W,L" Ilot illdlldl'c! III tlll' 

compaflsons since Its parametN~ w('r(' e\alual/'d ll~lJlg data of o"lllo1 ie (udfi( Will .. 

and a comparison in tcnns of mcan ionic actlVlty copffi( !t'llt wO\lld ht' ullf,\lr ln f.\1 t, 

Ball's et al. comparillon of thelr model WII II tho.,e of ('hel! d ,d Pl] ,1Ild PI L~('r pt 

al. [107J was donc in terms of osmotic coefficwllb and Il!'>1't! parallll'lI'r ... "1)('1 dit ,dl:. 

fitted with osmotic coefficwnt data. The mode! de\'t'Iupet! III t II<' prt'"cllt ... : lIdy :. \l'Id!'> 

standard deviations of l('s~ than 2.,j<j'r for HCI dllt! lc.,s th,L1] \(!t for 1-\011 ,ll whol(' 

range of concentratioll. Tabk (L2) ~how~ the [{'''\llt-; uf the fit for lIlol,ditj !Ilcall 

ionic activity coefficients for nO\l-Um-ulma!l'!lt f'le('1 rolylt'~ dt :.?!lK l ,h: tn IlI,L\llIlll111 

molahty of six Figure (-1.6) pr{'!'>cnts re~Hllb for hi-uIll\',d\'llt ('lt'( trolj te;.. TIl(' mu(II'1 

developed Hl the present study j'Iclds stanJarcl de\ latloll~ for ('.tBrz and ('<te!l of 

7.2% and 2% whde Clwn 's et al. model produ«('!-l standctrd d(,\'I,tlll)ll~ of :rl 1 (X and 

20 .. 5%, resp<,ctl vcly As Table ( L:J) !'>hows, t lI(' r(,'illl b for 1))- hl v,t!f'nt (·lt '( 1 rolyte havI' 

bem improw'd from the publication [II] by mlllg th(' IlI'W wr"'lUll uf t}1(' 1ll0dt,j 

The as~t1mptlOn of a compll"'tely dissocia!('d plc'( t rolj lt' m,tY 1Jt' (,Oll!'>ldl'rcd ,\..., 

limiting for the applIcation of tht' pre'~('nt model to lIIoleclIlar (·k( t roi) Il' "PI'C1I''> and 

complex ions in solution. lIowevpr th<, mod(>l wa~ llS('U for <'I('ctrolytt·.., ..,\1< It ,l..'> lI JS04 
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{ .. 

Tahle 4.1. Fit of the molality mean ionic activity coefficient data of pure aqueous 

1l1lÎ--univalent electrolytes at 298.l5K (Harner and Wu, 19ï2) 

Il 1 Max t 
1 1 

Std Ot'v 

Electrolytt' Molahty ÀE Àw of ln values 

IICI 16 -9822 16 1.51 0024 

UBr Il -10722 1 9 862 0040 

HI 10 -10433 20069 0062 

IICI04 16 -Il 897 22 251 0129 

IICI04 10 --11 050 20034 () 060 

IICI04 6 -10 154 17695 0026 

IIN03 28 -6971 9007 0018 

LICI 20 -10072 16262 0052 

LIBr 20 -11 465 20516 0095 

LIBr 6 -10 651 18525 0045 

LII 3 -450.') 9584 0020 

LIOH 5 -9898 Il 173 0021 

LICI04 45 -7662 12996 0017 

LIN03 20 -7616 10450 0016 

~aF 1 -7382 6967 0002 

~aCI 6 144 -8318 102C9 0011 

~c\Br 9 -8357 Il 000 0061 

!'<al 12 -1) 2·16 13370 0028 

i'iaOH 29 -10217 14 178 0081 

~aOH 20 -10502 14 952 0057 

NaCI03 3 -3975 3390 000:) 

NaCI04 6 -7002 7461 0009 

~aBr03 2617 -7910 6778 0002 

~aN03 10 -9 151 9 169 OOï2 
:'-ialhP0 1 65 -9434 84.58 o OO:l 
~c\II:!A'i04 1 3 -4 ·177 1 721 0010 

NaCNS 18 -8046 1050t! 0039 

KF 17.5 -9224 Il 750 0018 
h.F 6 -8646 10705 0006 
KCI 5 -3806 3995 0021 

KBr 5.5 -7329 7752 0004 

KI 45 -0736 3430 o 005 

KOII 20 -10155 15710 0039 

KCI03 070 -5558 0279 0002 

KBr03 04 -6549 1894 0001 
KN03 35 -9097 6945 0004 
KH 2 PO.j 1 8 -10 794 10 867 0002 
KH 2 tb04 1 J -8723 6704 0002 
KeNS ;) -6565 6252 0003 

KPF" 0.5 -15 100 30 136 o (JOO 

HbF 3.5 -35.')6 5333 0009 
Hbel ï 8 -7941 8 144 000:\ 

49 



Table 4.1: (eontinued) Fit of the molality mean ionie activity ç()('ffiCJt'llt dnt a of pUll' 

aqueous uni-univalent electrolytes at 298.1.51\ (Ham<'f and Wu, l!Jï~) 

'tax Sld 1),,\ 

Electrolyte ~tola1tty ..\E ..\w of ln \:\1111':' 

Rb Br .') -7937 7 !11l7 0001 
Rbl j -8167 8 :\·l:! o (J0:2 
RbN03 45 -937.') 7 :260 0007 
CsF 3.'i -51;08 78!!:\ 0007 
CsCl Il -8 ·1:\0 il Illi o UI:\ 
CsBr li -8961 ~I nf) 000,) 
Csl 3 -887·1 8 8:! 1 o ()O~) 
CsOH 1 2 -4790 7 ~Hl:! o Ol:.! 
CSN03 15 -108!l-1 Il 191 0000 
AgN03 15 -8 ;)27 .') :):.!:\ 0011 
TIClO4 05 -11928 1:) 1:)7 0001 
TlN03 04 -16198 40 7~11 () OO:.! 
TIN02 l " 

-17 lfi7 ·10 8:)H 000:\ 
~H4Cl 7 ·105 -7021 70:\0 000:2 
~H4ClO4 2 1 -10 771i 12 -1:12 () 007 
:"H 4:'-103 '25 - 7 ~)IJ'l ~) !J711 U (JI() 

LI p--tol 1 .) -62:\1 f) li)O () 011 
:\'a p--tol ~ 1 -·1 276 .) 'j'J-

~ ~~ 1 o 01 1 
K p--tol 3.) -4 8~)H lJ 7:\1'1 () O:2U 
~ a-formate :\ :) -3 li:) 1 ·17:):) o (JOli 
LI-aretatt' 1 -6 fi:31 ~ :.!O:! (J OU.'i 
~a-acetate 3.) -3 10 1 6 1:\1 o OO!) 
K-acetatt> 3.'i -3 27:3 6 t'.j.! o OOH 
Rb-acetate :35 -2 j89 ô 7011 () DOl'< 

Cs-acetate 3.'i -331il 7 llij (J tlOH 
Tl-acetate 6 -8 :\j7 7 ! 1·1 0010 
~a-proplOnatt> :\ -:\ :\10 7 :.!:\7 (J 0011 
~ a-hutyrate 3 :) -:3 :lOO 779n (J O:!fj 
~ a-valerate :! -3 :m 79111 [) DI7 
~ a-caproate '23 -327fi 8 1,)lj o IJ 1-) 
Na-hept} late .') -46\:\ 1 2:.!1 (J IIi7 
Na-heptylatt> o .'i -3170 8 112 000 \ 
:'-l a-capry late 3 -7224 (J OUj (J !·Hl 
Na -perlargonate '25 -14 29\ 18 3:,!j 0058 
Na-caprate 1 8 -15 907 243111 0020 
:'-1a-acld rnoloate .') -7461 68611 0001 
~ a-aCld SUCClllate ;) 82J(j 8 !\l") o IHl:.! 
~a-acld adlpall' 07 :l ;.1.1 ·1 .') I~) o (JO \ 

K -acld maloll ale :) -7 ~tiO b 71'2 () (JO \ 
K -acl(l SlICCllldte -\ ,) -8:122 8 II:) o OO:l 
K-acld a<.hpalP 1 -3839 :J ï911 000:\ 
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( 
'J'dblp t.~: Fit of the lIlolality Ilwan ionic activity coefficient data of pure aqueous 
lIoll-uni- ullivaient el('ctrolyt(~ at 298.1.5 K. (Robinson and Stokes, 19.59 ) 

" BI-t'nlvalpnt Electrolytf' j :\fax molallty j 
,XE ) "w 

J Std Dev 
of ln values 

Ba'\C'2 35 -7896 8499 0072 
BaBr2 2 -10 165 17481 0020 
Rl( '1 2 1 8 -10 230 16 172 0021 
Ba(CL04 b 4 -8759 14 128 0029 
Bal2 2 -10 259 20725 0015 
( 'aBr2 6 -II 232 23 IH 0072 
C,lCI; 10 -9571 17099 OlmI 
( 'a('i2 6 -10474 19 05~ 0021 
( '.1(CL04b 6 -10 383 22 683 000.5 
( 'al2 2 -10 533 23061 0007 
('a(~O.d2 6 -8728 10668 0046 
( ' dAr2 4 -14308 16.558 o :~()5 
CdCI2 6 -126-10 11 08!) 0:13:1 
Cdl2 25 -17348 31 222 o 166 
Cd(N03 h 25 -8970 13 166 002:3 
CoBr2 ,) -10 021 20790 0039 
( '0(']2 4 -9451 16 t91 0045 
( '()[l 6 -10 190 2·t 067 o 100 
( '0[2 ,) -10 686 2.1545 0027 
('o( ~03h 5 -9621 1625fi 0026 
( 'ul'b 6 -6977 8941 0048 
('II( :'olO3l2 6 -9252 J.I 49.') 003:> 
Fp(,1 2 2 -]0565 ID 608 () 019 
\lg:\C'2 4 -9840 [2887 0072 
\lgBr2 5 -10 967 24 4:11 002.') 
\lg('12 5 -10851 21829 0018 
\lg(('I0 1h 4 -11071 27,')28 0026 
:\lg[2 5 -Il 353 280:11 0046 
\lg(~03h 5 -9686 1. [.13 0022 
\lnCh 6 -7 ni 12 () 14 0067 
'" 1 ( '1 2 5 -9649 17326 o OS2 
Pb(CI04h 6 -9 ·192 16 ,170 0028 
Pb( \'03 12 2 -12408 15.")36 0064 
SrBr2 2 -10623 20 37~ 0013 
Sr( '1 2 4 -10 134 17 :116 0020 
Sr(C104h 6 -9668 18 944 0042 
"1 ri 2 2 -10 4ii 22 100 0006 
Sr(~(h)2 4 -8977 9426 0041 
1 OlCI2 3 -8559 13 159 0024 
r02«'I04b 55 -11626 1 3;l ï20 0029 
rÜA~OJh 55 1 :.5 j lU HIO 0094 
ZnBr2 6 -2360 59D9 0058 
Zn( '1 2 6 -82.15 D 21\) 0029 
ZII12 6 -] 888 732:> o [49 
Zn(CI04 h 4 -II 3ï2 28689 U U19 
ZII( 'IOJb 6 -9 3:~ti ltj 105 0021 

, 
• Stahb and ""ulIall [124] 

,51 

-------------------------------
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Table 4.2: (continued) Fit of the molality mean ÎOnJC actl\'Îty co<>fficÎt'llt delta nI' pUJ'(o 

aqueous non-unl-univalent electrolytf's at 298.1,')(\ (Rohll1!'>on dnJ Stok!'!'>. I!I,i!1 ) 

VIII-Bivalent Electrolyte 

CS2S04 

K2Cr04 
K2S04 

LI2S04 
~a2Cr04 
N a2 -Fumarate 
:-; a2- ~I alcate 
~a2S04 
i'ia2S2 0 3 
(~1I4bS04 
Rb2S04 

11 2S04• 
Il BI-Bivalent Electro'" te -

BeS04 
\lgS04 
~lllSO'1 
!'J IS04 

CUSOI 
ZnSOI 
CdS04 

l'02S0 4 

Il Tn-l' nl\alt'nt Electroh te 1 -
AlCb 
CeCI3 

Co(enbCb 
CrCb 
Cr(~O.d3 
EuCI 3 

Ga(\104 b 
, 

lL!n-l nl\alf'nt Elt'ctrolvtr 1 . 
K3 Fe(C\')" 
LaCI3 

:"idC13 

PrCl3 

ScCl3 

SmCb 
YCI3 

Tn-Blvalent Elt'ctrolyte 

Ab(S04b 
Cr2(S04l.\ 

• Stable'i [I:!:l] 

7\.lax molaht) 

1 8 
35 
07 
3 
4 
2 
3 
,') 

35 

" 1 8 
75 

" 3 
,1 

') . -.') 

1,1 
:1,) 
3,'j 
fi 

1 8 
2 
1 

1 :1 
1 4 
2 
2 

1 1 
2 
:2 
2 

1 8 
2 
2 

1 
1 2 

,52 

AE 

-;) 85:! 
- i 0:13 
-9415 
-66iO 
-7 iOI 
-i 089 
-1< !l!H) 
-8 IVI 
-i jVi 
-8 :!7H 
-fi tu) 
-10 0:1:2 

-!J f:i.15 
-9 H70 
-!) 67') 
-10 IU,I 

II Il ') 
-10 l,) 1 

-9 ~II 
-8 t<:):! 

-6 t(:!:) 
-4 :!3i 
-8 :\i1 
- 1 li 1 
-1 1t<1 
-4 3~3 
-Ii Kt>:l 

-1 G:!:l 1 

-·1 2.')U 
-·19H 
-4 16:) 
33-16 

-4 IK 1 
-,) !):n 

'\I~ 

;) Di:) 
i ilO 
Il I:.!i 
Il 1~3 
li Hi4 
10 OUt; 
II :!7H 
K lb!; 
,.., ti Il 
,~ :1:27 
ti nt' 
Il I:lti 

1 i i:W 1 
17 j:2V 
Ij!in 
18,I:!O 
2 1 00 1 
li 1;)'" 

, 

Ij 'in-, 
1:\ :.!!ll 

l!! !;o 1 
12 l'fi:! 
Il t':)!l 

I:! :13H 
121iti 
I:! j tl 1 
'r -././ _.) 1-- 1 

;) 2KK 1 

12 "'i 1 
I:! ;) i:2 
13 OO:! 
138:17 
l:! 15:2 
1;; '):1:1 

Std D,'\ 
ofln \alll"" 

() Ilii 
OUI ï 
() 00·1 
Il OH! 
() Il \0 
1l1)(J.! 
Il fI:!i 
(j () 10 
() Il:! 1 
o ():!:! 
(j () lU 
o L.I:! 

(j O.'j~l 

o Il.'j:! 
01);-)1 
o IJ III 
o Il Hi 
() Ill!! 
() 0:);) 
Il Il!lti 

1) 0,'<0 

() 1J!i:! 
IlIlK 1 
!llli:! 
Il lJiO 
() (HiK 
Il 1;)1'i 

Il 0 Il 
() ()ti:l 
1) (Jlil 
o Uli:.! 
Il O,j~l 
(J (HH 
(j on 1 

() 0;) 1 
o I:!:.! 

l 
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Figure 4.2: long-range and short-range contribution 

to molality mean activity coefficient of aqueous 

solution of Hel at 298.15 K. 
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Figure 4.3: Experimental (Hamer and Wu, 1972) and calculated 

molality mean ionic activity coefficient of various uni-univalent 

electrolytes at 298.15 K. 
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Figure 4.4: Moiality mean activity coefficient of Hel by 

various models at 298.15 K. 

Experimentai values and values calculatad wlth models other th an the present 

study ara thasa reported by ZemMes at al (1986) 
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Figure 4.5: Molality mean activity coefficient of KOH 

by various models at 298.15 K. 

Experimentai values and values calculated wlth models other than the present 

study are those reported by ZemMes et al (1986) 
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Figure 4.6: Experimental (Stokes and Robinson, 1948) 

and calculated molality mean activity coefficient of 

\/arious bi-univalent electrolytes at 298.15 K. 
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Table ,1.3: Cornparison of fit for hi-bivalmt e1f'rtlOlytf's 

Std. Dev. of ln values 

Electrolyte Previous Work (19~X) This Work 

BeSO, 0.Oï8 0.05!) 

MgSO, 0.Oï4 0.().")2 

MnSO .. 0.084 0.051 

NiSO .. 0.072 0.0 Hi 

CuSO .. 0.067 0.0 Hi 

ZnSO .. 0.08.1 0.0 t!) 

CdS04 0.0ï3 0.055 

UOlSO, 0.054 o O!)fl 

and Na heptylate with good results. The standard de\'iation for Il.lSO, for maXlIl1UIll 

rnolality 27.;) was 0.232. 

For the study of temperat ure f'ffccts, the prf'<;{'nt model wa~ u~{'d wit hout ally 

modification for \'driOllS electrol,j tes at differellt tempefat url' dlld !l1odpl pclf,ll!H'tl'f'l 

were adJusted at each temperature. Table (.t.l) sho\\s t Iw f('~ulb of .III' fit fOf ~Olll(' 

salts at tempf'ratures hlg}lf'r than 298 1 ~K and Figure (t ï) pre!'l('llh tht' f('..,IIIt:, fOf 

CaC12 at -Iii K obtained u~ing the \'arious rnodt'Is. The awrag<' ~talld(tfd dl'\ 1,lIioIl" 

for the salts shown in Table (L5) are within l 1 7c for tht' pf<'~('lIt mode! whd(' llJ(' 

standard d('\'iatloIlll~ing Chen's modells 98 % In Chen pt al. \ lIIot/('1 1 Ill' 1IIII'f,\(IIOII 

parametefs are those evaillatl'd at 298.1.51, and the ternperatllft' ('1[('( t i.., Ill! lodll( ('d 

in pararnetef A of the Debyc-IItickel expres~ion. Contrlbutioll:' to tlw (';>.« • ..,:, (;Ihb.., 

energy due to long-range forces represented by the Ikb,j('-lIii(kf'1 tlwOI.\ tllld ta 

short-range force~ repr('~('nteJ by the NRTL-~RF mü<kl S('('111 to 1)(' ,ldl'qllitt(· III ail 

the range from dilllte solutions up to Illgh iOlllc ~tn·lIg,th~. Figtlft' ( I.K) ..,Iw\\,.., botll 

contrlbutiolls ta tilt' rno!f' fraction actlvity codficlPllt of KOIIIII ,UI aqllt·oll.., "'UlutlOlI 

It is clear that 10Ilg-rang(' forC(',> dominaU' at low IOllle ~tr(,llgth whd(' ..,hort r,l/Ig(' 

forces Jominate at high concentratIOns of pkclrolyt(' 

In conclu~iotl, the rnod('l prest'nt('(l III thi:. work gl\'('S a n'alt~tJ( fppn·"t'nt,tll()(l 

of aqueous solutions of a ~ingle el(·ctrolytp and can 1)(' used wlth confid('nn' IIp tn 
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... Table 4.4: Fit of the molality mean ionic activity coefficient data of binary aqueous 
electrolyte mixtures at various temperatures. 

Max Temperature 
Electrolyte Molality 

HCI" 2 
KCr 4 
KOIh lï 
NaClt 6 
NaClt 6 

NaOH" 4 
MgS04 2 
Na2S04 1 6 
CaCI~ 3.5 

CaCI5 3.5 
MgCI; 2 

• lIarned and Owen [65J 
* Snipes et al. [I19J 
t SIlvester and Pltzer [I18J 
t lIolmes et al [72J 

high ionic strengths. 

(K) 

32315 
353.15 
353.15 
373.15 
573.15 
30815 
35015 
350.15 
38200 
4ï500 
353.15 

Std. Dev. 
>'E >'w ofln values 

-8.366 12.563 0002 
-8541 9.452 0.008 
-9.911 14.049 0072 
-8.760 10.599 0.0~7 

-13.412 16.334 0187 
-8.361 10.620 0.011 
-5957 8078 0019 
-9639 Il 709 0021 
-8459 14260 0015 

-10.315 14233 0092 
-8513 16.009 0.011 

4.2.3 Optimization of the Binary Parameters 

The mode! proposed in this work uses two binary adjustable parameters to fit the 

mean ionic activity coefficient data. The binary parameter, ÀE , is the difference of 

the dimensionless interaction energies hetween cation-anion pair and ion-molecule 

pair. The solvent parame ter, Àw , is the difference of dimensionless interaction en­

ergies bctwecn ion-solv~nt pair and solvent-solvent pair. These binary parameters 

presented in Tables (4.1), (4.2) and (4.3) were obtained by using the Powell algorithm 

[108J and minimizing the mean square standard deviation between the calculated and 

experimcIltal mole fraction mean activity coefficients: 

"( 1 exp 1 calc)2 _ [L.. n Î'± - n Î'± J1/2 
(7..., - N ( 4.63) 

The resuIts wtre converted to molality me an ionic activity coefficient as follows: 
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Figure 4.7: Molality mean activity coefficient of aqueous 

solution of CaCI2 by various models at 474 K. 

Experimental values and values calculated wlth models other than the present 

study are those reported by ZemMes et al (1986) 
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Figure 4.8: Long-range and short-range contributions 

on mean activity coefficient of aqueous solution of 

KOH at 298.15 K. 
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'. Table 4.5: Comparison of models for electrolytes at varions tcm[wrat ur<' (Zl'lllait cs 
et al., 1986). 

Sld Dey of ln \'altH's of AcllVlty Codlir\ent 

Electrolyte Temp Rroll1ley ~tel"snpr l'llzer ('lwfI l'rf'~('nt St Il h 

lIel :r2~l 15 o Oïl o L:lt 0050 li Uï~ o (JO:! 
KCI 353 15 o 17!1 o U1iii 0243 o IK:! o UOK 
KOII 35:~ 1.5 o !)ï.''j li 5:11 :120140 2 :1;)7 () 07:! 
NaCI :J73 15 0266 o 169 027·' o 1;j·1 () () 1 i 
NaCI .jn 15 4 tin3 3202 019.5 o 7~)9 o lKi 
~aOH 308 15 0096 0098 00:18 o ()\I~) 0011 

-
\lgS0 4 3.jO I.j 08.51 0'279 Il U:18 o UtiO DOl!) 
~a2S01 3;)0 1:> o 1!J2 o ()~ti Il :.!:!:I o IK 1 0021 
CaCI 2 3~2 00 1 ni 2ti:.!G 

1 
() 1J'2!1 2 iil~ 001 .... ) 

CaC'12 17:) 00 6 IK7 6 :\:19 u,qn :1 :11!J 
1 

o Oll2 

Ayg Sld Dt'Y 1 60'2 1 :J.I'2 :11!15 o !lli 1 OU \01 

(m) .H vm 
ln I± = ln I± - In( 1 + 1000) (\'GI) 

The paranwters wen' e\'aluatcd uSlllg the non-linedr minillllzalioll algollthlll 

proposed by }low(·11 [1 O~l. program ZX Powell (1 nt cm,ll ional ),1 a t l}I'mat 1( ,t! .t nd St.t­

tistical Library. IVi5). Adjll~tillg the~t> two parallwter .... pn':-cllt('(! 'iOllW ddli( 1111,1(' .... 

since both paramctprs are ~trongly correlatl'd ,md ln ~onH' ca ... ('.., thl' ~·'(i~t('r1<·(· of 111111-

tiple roots Wd.S found ,\s an example, two pO-;ltl\C vall)!'..,. I~ lï.l and Il <):~x. W('f(' 

found for the parall1t'ter5 for LiCI04 with standard de\ léttlon of 1.llIX wlllch '" do~(' 

to the value of l.ï % obtail}('d with the parall1clt'r-; rqlOrtt'd in Tabl,' (.1.1) HO\\"ver 

for the sake of uniformlty it was prefcrred to rpport tht' ll('gativ(' and po!:>itlve valu('~ 

of the paramcters, as shown in Tables (1 1) and (.\.2). The ouly rationale for tlH' 

above choire is that the opposite sign par,uueters gavc the l)('~t fit of the clttttt for 

almost ail the systems studied. 

Attcmpts were alsa CdfrJCÙ out to det('rminc tl1<' ~eIlsitl\ Ity of t!)!' fI'sulb on the 

value assumed for t.he c10sest approach. B, in thf' Debyt'-Hilckd Illodel and 011 tlH' 

coordination number Z in NltTL-~RF mode!. :\ vdlue of 8 for Z and 1.2 for /3 yield 

the minimum value of standdrù deviation for majority of clcctrolyt(·..,. 1I0\\'('\'('r, \VIth 
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IJ sc't to 2 for bi-lIlllvalent f'l('clrolytes the results improve significantly. 

4.2.4 Activity Coefficients of the Ions 

AdlvlI,y coefficJ('nh of Ions are not accessible to Jirect measurement. However using 

IOllle !:>olutlon th('ories. t Il<' [Jwan !OIIlC activity coefficient of an electrolyte can be 

ff'asonably s('pardted inlo t1H'lr IOIllC actlvlty c(wfficients [13]. Although for aqueous 

'iolution" of a <jingle ('It'ctrol) te such as those con~ldered in this work. eqs (-1.60) 

and (·1 (li) '>lIfh«', for extension ta multlelectrolyte mixture:, it wou Id be d('sirablc 

tu have' l'xpn"""lOn~ for I}j(' indivldual lome actlvlty ro('fficients Th('!'>(' ionic a( tivity 

«)('ffici.'lIt, aw rp!att'd to tht' mean iome activity codlicit'nt of dw ('!ectro!) te as 

follow .. 

(1/ 4 + /le) ln Î± = 1/ A ln Î,4 + /le ln "lé (4.65 ) 

lT'iing electroneutrality. ZC/le = Z4/14, eg. (4.65) can also be written as 

As discusscd by Prigogine and Oefay [110], the condition of clectroneutrality lim­

its the possibility of knowmg Ihe values of ail partial denvatives of the cxcess Gibbs 

('[H'rgy. In f,l'-t. it i'i not po!:>sible to change the concentratIOn of cations while kœping 

1 he concentrai Ion of anions constdnt and simultaneously maintairllng the clcdroneu­

trality of t!w mixtllre. I1owever, if wc ignore the condition of e1C'clroncutrality and 

drff('rf'nt iat(' <'q. (1..'5.1) with rt'spect to the number of mole., of each individual ion we 

can obtaln the actl\'lty coefficif'nts of ions in the unsymmf'trical comention. On the 

other hand, wc ue faced wlth an ambiguity when trying ta derive expressions for the 

activity codlicJ('Ilts of IOns b('cause thcre arc four different alternativC's to use for the 

non--randolll factors r E and l'w. One can write eq. (4.5.5) in [ls orrglllal fonn 
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( L6ï) 

where, according tü eq. (4.40), rCA and r 4e are equaJ. How('vpr, a.., 011«' can s,'f' 

from eqs (4.38), (4.39) and (·lAD) there are four different optlOlls which g('[\('ratl' four 

different expressions for activity coefficients of iOlls. Ail of th{'~f' (·\pn·S"'IOII ... "'dl I ... fy <'q 

(4.6.5). Using the cxprf'ssion~ givpn byeqs p.38) and (·U9) for r I( ellld l'c 1 rl''''lIlt~ III 

two symmctrical exprf'ssions for the activity rodficlellb of iOIl., will ch hel\'(' 1 II(' ... ,tII\{' 

values for uni-univalent t'Iectrolyte solutIOns. Howt'vpr, 1l~lIlg olll} 011(' pf 1 I\(' ('q~ 

(4.38) or (4.39) for hoth f .IC and rCA , as sugge~t('d by t'q (L 10). r('''lIlb III ddf('rt'1I1 

values for the actlvity cot'ffi(ients of Ions for a \1111 uni vcllc lit "It'( 1 roi: 1(' mi,1 11ft· Br 

investigating the diff('rent options. Il. was fOllnd tbat tll<' folluwlll.l!; (·\pn· ...... I()II~ fur 

non-random factors yleld values for artl\ lty coeffiCIt'nts of th,' 1011]( "'P('( 1t.~ whl' Il Ml' 

diffcrent and comparable ta the valll('~ ohtalI]('d from II\{' hydr,ttloll 11\0<1(·1 [1,")]. 

( 1.(8) 

1 
fw = -----:----___ ---

Xw + (Z4 I A + ZcIc )Pw 
( IR)) 

usmg eqs (HiS) and (4.69), one can differentiate cg. ~·1.6ï) with r('~p"l't to 1 Ill' 

number of moles of ions to obtain the following expressions for the indiwlual actlvity 

coefficients of iOn!>. 

(·1.70) 
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J! .,' ... 

(4.71) 

Notably, ('qs (1.70), (·1.71) and (·1.60) satlsfy eq (4.63). Thus, In spite of their mat he­

matIrai ~hort('orllll1g'i, <'q'> ( L iD) and ( 1. 7 1) may bp uspd together with the long--range 

ront ributlon pr('~('nted in Chapter :3. eq. (:UJ) , to ob~aIn the actlvity coefficIent of 

lJl<hvidl1al rOll~ as, 

(4.72) 

Table ·1.6: A( tivity codfici{'nts of ionic specres Hl aqueous solutions of ~aCI at 
298.1.51\ 

..,,(Na+) ..,,(Cl- ) 
lIydratlOn NRTL-:-.IRF lIydratlOn NHTL-NRF 

Molahty ~Iodel ~lodel ~lodel ~lodel 

o 1 o 7~:3 o ïïl o ïï3 0771 

02 o H1 o ï25 o n6 o n3 
05 0701 0674 0661 0667 

1 0 0697 0662 0620 0637 

20 0756 o nI 0590 0625 

3.0 0870 0839 0586 0626 

40 1.038 1 010 0591 0627 

50 1 2ï2 1 239 0600 0624 

60 1 594 1535 0610 0617 

As one can sec from Table (1.6), the calculated activity coefficients of ions for binary 

aqueous solutions of NaCI are very close to the values obtained by the hydration 
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model [15]. This agreenH'nt is surprising SIIlC(' hoth models dft' <plItt' dlfft'lt'1I1 in 

nature. Should il ~trong disagreement hau been round it wOllld ha\(' b"('11 ddficllil. 

without furtlwr experim('lltal eVluence, to dt'clde wlllrh mod"1 gdW 1ll0rt' f('dll..,tic 

values. 

4.3 Synopsis 

Recent modeb for the estimatIon of the mean iOlllc act iVlty cot'/fi< )('11 1 of t'I('( 1 roI) te:. 

in aqlleous !>OllltlOIlS (Cruz dnd Renon [:36]; l'hm ('1 al pO.:ll]) havI' m,ld(' Il:.(' of 

variatIOns of the :.iRTI. mod{'l [Il t] for the exCl'ss GIbbs {,Iwr)!;) of a IIq' .. 1 IIIlxl \1ft' 

Thus. tlw,>f' l1lodpl ... for eh'rl roi) If' ~ollltlUn~ 1llc!1lf1t' Il}(' followlllL?; brl ... )( <t:-'..,II III pl 1011'" 

of the :.iRTL approach. 

1. SolutIOn cOII~idf'red to consl!>t of dtfferent typf'S of Ct'Ils whl< h df'!>l'lId 011 ! I\(' 

central "'P"CH'S. 

2. The contribution of each cell to the ex cess Glbhs t'IH'rgy of tilt' lmx! 11ft· i.., tilt' 

differen< e I)('t wC't'n tht' GIbbs ellf'rgy l,; 'If' cell and t hat of a hypotllt'I J( ,d < l'II 

of purf' ct'ntral SP('Clt'S 

with thesf' aS~llrnptions. the t\,;o-paramett'r mOlkls ba... ... pd on )iHTL prodllc (' :..tll~' 

factorv f(>sul b u p ta a COIlC{'lürat 1011 of six llloiai for ~Ollll IOll~ of a ..,1 ligie l'II'( 1 rul) 1 t' 

but the fHt'dlcted r{'sults rapldly devlate frorn e ..... p('rtnH'nl at 11IglII'r '!lol.dll lf'''' 

In tl1ls work a !Ww local composition 1Il0dt'1 IS de\'l'lopt'd LOllg - rangt' 1111 l'file­

tions are aecou Il tf'd for by the Debye-II ückel tllt'ory Lo( al C"ornpo~1 1 ions. (., pn· ... ~('d 

in terms of non-random factors. are used to reprt'sent the efft'ct of "hort- range In­

teractions in aqucoll:O electrolyte sollitions Whde the a...~""111ptl()n of the exi..,tcll(C 

of different types of relis, dependpnt on tht'Ir central spe( 11'''. ha:, bt'{'n rt'l.ti!wd, the 

contributIOn to the ('xœss Gibbs energy [rom pach type of ('ell IS tre<ltt'd dtfferently 

frorn prc\'iolls :--.I RTL lllodeis. In agreement wlth the concept of lion randolll factor". 

the contnbution to the excess Gibbs energy frolll t'deh œil ha...., bt'('1l pxpn'''''''f'd by 

the differenCè bdween the Gibbs energy of tlH' ccII and that of a ct'II with the ';,UlIe 

central partJcle in a random lllixture. Thè ncw t WI) - pararndt'r lllodt'i IS abl., to cor­

relate the mean IOnie activlty coefficwnt of electrolyt('s in aqueolls ~ollltion~ frolll the 
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rldute region up to 'iatllratlOn. The empirical \Vilson-type expression [135J used in 

this work ta repre.,ent the non-random fadors has ail the theoretical limitations and 

practicd advantagf's of sirndar expressions used in NRTL-type treatments [130J. The 

t wo- parampter model obtall1ed Hl thls work with tre non-random fador interpreta­

tlOn of tlH' local composl tion concept is the best. two-parameter mode! available for 

aqlleous ~ollltlon'i of singlf' electrolytes. 
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Chapter 5 

Experimental Techniques for the 
Measurement of Mean Ionie Activity 
Coefficients in Aqueous Electrolyte 

Solutions 

5.1 Introduction 

For more than d centw .. , Llifferent technique.., have h('(>n t1~('d to nH'a..,ure Ilwrlllo­

dynamic propertles of elcctrolyte ~olutlOn,> Ollt' of (1)(' fII()"t important fUllct.iolls in 

phase equilibria is the excess Gibbs encrgy ln terrns of tf'llIpf'raturt· and composi­

tion. In fact, tllt~ ex cess Gibbs energy is a functioll from wluch othcr tht'rmodynarnic 

propertic~ such as actl vit)' coefTicient s or hl'at s nf mixi ng (ail IH' obtalfH'd. [11 prac­

tice the exce'lS Gibbs cnerg)" is not direttly nH'a..~l1rabll' and It I~ ('valll,üed from a 

knowledge of tlH' adiVlty l;oeffiCients of the COrnpOIH'llts III a Illi,tllrp. ~lon'over. III 

binary sol utions of an clcd rolyte and a ,>oh ('Il t, the !llean IOllic adl VI ty cot'fllcil'n! of 

the electrolyte can not be dirpctl! nwasured and must be evalual('d IIldin'Ctly frolll 

the fugacity of the solvent or back calculatpd from measurprnent of tilt' potf'lItlal in 
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f'1f'ctrochernlcal celb 

For tf'rnary ~y~ü>ms tlw cvaluation of mean ionic activity coefficients is even more 

diffi( \lit th,HI III blllary sy~tcms. In the followmg paragraph we discuss an important 

ft>o.turc of ('1('( 1 rolyte sy"t{'lIJ~ and then we bndly review the ddf<>rcnt experimental 

1<'< h ri iq \]('., for 1 Il!' ,'\ dl uation of 01('0.11 iorllc adl VI ty coefficients ln binary systems. 

In t!lf' fir~t pJcH <', d~ IlIdlcated by Pitzer [10:3] .. becitll~p of space- charge ef­

[p( ts, ~lllgl("I()1l il< tl\ It~ «)('ffiClents are not meClliurable by ord:nary thermodynamic 

rr]('thod~. (:It ra."('Il~dl\'· llH'thods measuring II1dlvldual IOns may makc such quanti-

11<"'; 1TI(·a.<.,urabl(· III the futur<'" On the other hand, although flot attalIlable through 

dm'ct Illhbllfl·!IWlIh. actl\'lty cut'fficwnts of indlvidual lonic speci('s appear in many 

f()rlll\lI,lIl()ll~ uf tlH'rIIIOdJ!l,uIIIC rplatlOns. III ad(btlOn Il IS sometITIH's useful to pos­

tlll,lI(' IIlcltlwlI!,t!l«t! mod<,b 10 compute them for complex mixtllres becau~c these 

\'alt](·., (,lI\ IH' (',L~dy cumblllcd to obtalll mean actlvlty codlicients for ple( trolytes 

ln lll<' IIllxt llr(' III Chaptf'r .1. a mathematlcal mcthod for calculatll1g the activIty 

'o('fficwllt of II1dl\'ldllal 10llS WdS prcsented 

:\( cordlllg to tl\(' Pha5(' R 111(· (F=~-r s-7r+2) [122]. whcll olle non-volatile salt is 

dl~soh('d in d('g(t~~('d watn at a gJ\('T! tt'rnpf'ralure and the two-phase system (7r=2) 

IS allowed 10 n'dch (·qllJ!Jhrium. \V(' have t wo degrees of frpedom The salt and its ions 

plus water are four dH'IIlI<al Sp<'C1f'S (N=-!) related by O.le chemleal equdibria (r=l) 

and wlth ,t fix(·d ratIo of IOIlS (5=1). In faet, if one ignores the Ionie dissociation and 

(ollsid('r~ onlJ the .,(tlt dnd 1lI0iecuictr wat<!r, the number (lf degrp('s of freedom from 

tl)(' phaM' 1 \lIt' 15 the ':>cUll!' a~ ctbow. TIJ('rdore the intf'n:,ivc f'qudibrium state of a 

bindry f'kdrolytl' "ptP!II (,\II be chara( terizf'd by the speclficatiun of two mdcpen­

dent intt'nsive vanables. The Illf'aSllrable inten~lve variables of interf'~t are pressure, 

temp('ratllrp cirld composltloll Thus for a blI1ary e1ectrolyte syst('rn ITJ whlch vapor is 

pure solvellt. 1lI(·a.surernents of the actlvity of solvent as a function of composItion at 

a glveT! tplllpt'J',lIurc permIt" the cdlculatlOn of the artlvlty of the e1crtrolyte hy the 

use of tl)(' (;ibb~-Du})('m equatlOn. The Illtf'nsive f'quilibrium statl' of a single-phase 

two-compon('nb sy~t('1lI i" detcrnllTlf'd by the "pecificatlOB of thrre independent in­

ü'ns]\e \ariable~ ~h'a:-,urillg more variables If'ads to over deterllliJ'atlOlI ~f th!' system 

and rnak('s Il pO~~lblc to u~(' the Glbbs-Duhem equation to ch('ck for thcrmodynamic 

consistt'ncy. Con\l'r~ely, ln a single phase binary mixture a kllo\'Y'ledgc of the mean 
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ionic activity coefficient of the "ait as a function of composition at a givt'tl tempt'r­

ature and pressure allows the calculation of the activity coefficient of the solvent by 

the use of the Gibbs-Duhem equation. 

5.2 Experimental Methods 

Generally two rnethods are wldely used to rneasure the actlvit,! \"OdE( it'Ilh of non 

volatile electrolyte~ in solutIOn. These are solvent activlty llwlllOd!'l cilld ('kct rot hm}­

ical cell techniques. In ~olwnt activlty methods, one fir~t (,d( 1I1,t! ('~ t Ill' ,u t Ivll) 

coefficient of the solVf'nt b:y llwasunng the equihbnum preS~lll(' of the pUll' '>01\('111 

vapor phase wüh the binary Tlllxturp and Ihen uSlIlg tllP Cd>!>s-Dllhclll ('qU,ttloll to 

calculate the mp.til IOil ie aLti vit y (oefficw!l t of the t'krt roi) t (' l'lw ..,('cond llll't IlOt! 

allows a direct caleulauon of the activity of an t'lpctrolytt' il)" lIH'd!->\Irt'IIWllt of Ill!' 

electrochèmical potcntial of ions III an e!('( trocheItllcal l'dl \VdhOlt [I:J Il ha_;, pn'­

sented a uspful rev)('w of experimental techniques that havp b('t'n wl<1('ly u,>p(} dUflng 

the last fifty ycars 

5.2.1 Solvent Activity Methods 

Solvent activlty or vapor pressure method has been traditionally u,,>cd in vapor-llquid 

equilibria studies of aqueous electrolytes. Different technique" have lw('n propo:,cd 

[116] depending on the way of me~Uf1ng the activity of the solvf'llt The mosl widely 

used methods are the stati( and the isopiestic method. 

5.2.1.1 The Static Method 

Static methods are easy to use for mixtures in which olle componcnt i!-' Iloll-volal ih', 

as in the case, for instance, of polymer solutions or somc electrolyte solutions. Due 

to the lack of volatility of one component, the vapor phase COIl~\st'-) entirt'\y of the 

volatile solvent and there IS no need tü obtalll a sam pie for dll,lly"l~ of ~ 1)(' ('(!l1l1! bflu il\ 

compositions. In this case, the compo:'ltlOll of the liquld ph,u,e (an 1)(' ('V Lluill('d 

[rom a mass bal,t11ce of the total amounb of the two COmpOlll'llts III the :,y,>t('lll, 

the vapor pressure dnd the vapor vO\UIn(, The IISP of a pres'-'Ilr(' trall"duc('r l)t'rnllts 

the momtoring of the vapor pressure of solvent at various temp('rdtuff's. The Illo~l 
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cllmbersome step in the static method is the complete elimination of aIl air from 

the system. The static method is particularly useful for binary electrolyte solutions 

[4,1161· 

5.2.1.2 The Isopiestic Method 

This technique was introduced by Bousfield in 1918 [116] and improved by Sinclair 

[1161. The me an ionic activlty coefficients of several hundred single-salt aqueous 

'iolutlons and thclr free e!lergies of mixin,~ have 50 far been determined by means of 

the 11>opiestic method [6--1,6.1,100,116]. It is a comparative method which uses two 

~olution~ of (lIffcfI'llt clcctrolytcs with the .'lame solvent. An open chsh of the solution 

Ilnc!l'r investigation is placed ln a sealed vessel along wlth a similar dish of a reference 

solutIOn, who~e solwnt actlvity is known as a function of concentratIOn. The solvent 

di~tills isothcrrnally From one dish to another until ils chernical potential is the same 

in each solutIOn. Duc to equality of chemical potential of the solvent in ail solutions 

at equihbnurn, it IS convenient to choose the same standard state for the solvent in 

aIl solutions. \Vhell tills is, the Cabe, the solvent activity over both solutions will also 

be tl\(' sa me. From a series of rncasurements at various molalitles one can construct 

a CUI ve of the I"opiestic ratio against the molality of either electrolyte. The isopiestic 

ratio is defincd by 

R (5.1) 

whcre rnx and mn are the molali ties of the measured and the reference samples 

respectively and, VJ( and VR are the corresponding total stoichiometric numbers. It 

is usual to express the solvent dct;vity by means of the practical osmotic coe.1icient. 

This is d function that expn'sses the deviation from ideality of the solvent in a more 

pronoun<:ed way than the activity of the solvent, as 

1000 1 -- nas M 
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where k/ is the moleeular weight of the solvent. In terms of the osmotie co('fficit'nt, 

the condition of equal activity (vapor pressure) is given by 

or 

<Px = R <PR (.5.:1) 

thus <Px can be obtained from Rand <PR. 

As diseussed in Chapter 2, from <Pl( the me an ionie activity coefficient T'± can 

be calculated llsing the integrated Gibbs-Duhem equation: 

(.5. 1) 

Alternatively if Rand "Y±R are available, one can use the following relation [116J. 

(.).5) 

Although the isopiestic method provides a simple and convenient way of measur­

ing the activity of the solvent, it suffers from two main drawbacks. Tht' attcl.inment 

of equilibrium needs a great deal of skill and It C<Ln takf' ~cveral days to obtain ft,li­

able data. For exall1ple, the tIIne requin'd for a 0.1 In solutIon to reach eqUlltbrium 

is three to four days and therefore this techIllque IS mappropriate at very low con­

centrations. Another di~ddvantage is that this tf'Chlllqllf' is cllmlwr~orne tü u~e for 

multieomponent elcetrolyte solutIOn., 

MeKay and Perring [90J have proposcd an isopJ('stic method for mllltlcümponent 

mixtures. Even whcn reliable data are obtained for the osmotic coefficient of the 

solvent, the mean ionie activity cOf'fficients of the individual salts can not be obtained 

easily. 
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5.2.2 Electrochemical Methods 

Eleetrochemical cells arc an essential tool for experimelltal studies of electrolyte so­

lutions and have been used widely in electrochemistry for measurement of thermo­

dynamics properties of elcctrolyte solutions. In contrast to vapor pressure measure­

ments, this technique is very useful for the measurement of the ehemical potential or 

activity of electrolytes in very dilute binary electrolyte mixtures. One can directly 

dctermine the actlvity of salts in aqueous electrolyte mixtures. Thus this technique 

providf's an ind('pcndent check on the validity of the thermodynamics relation used to 

calculate the f'lectrolyte activity from solvent activity methods. Manyexperimental 

data for bmary aqueolls electrolyte solutions have been measured using this method. 

This tt'ChIIlqlW can be adapted for multieomponent solutions provided that each elec­

tr0de is selectIve only to one specific ion. Mean ionic activity coefficients for ternary 

systems wlt.h common ions have been reported. in the literature [14,22,83,128]. To the 

Lest of thls allthor's knowlf'dge very few data have been reported for ternary systems 

without a corn mon ion. In the last decade ion-selective electrodes have been used 

in indllstry and III rcs('arch to rneasure specifie ion concentrations, activity of elec­

trolytes and the plI of solutIOns. In this section we will discuss the basic principles 

and equations gOv'f'fning e1cctrochemical cells and the potentiometric technique. 

5.2.2.1 Electrochemical Cells 

An electrochemical ccII con~ists of two conductors or electrodes immerfif'rl in (l singlf' 

electrolyte solutIOn, or of I,wo different solutions in e1ectrical contact. Elcctrochemical 

cells rnay 1)(' dl vidcd into two categorIes. The first one consist:; of galvanic cells which 

convert chernical energy into electrical energy by an oxidation-reduction reaction. 

The olhers are the electrolytlc cells which are used to carry out chemical reactions 

al the expt'ns(' of c1ectrical encrgy. In an electrochemical ccll the electrochemical 

polential of species i in phase Q rnay be written as 

ji.~ = Jl~o + RT ln a~ + Z,FrP~ (5.6) 
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where Il~a and a~ are the standard chemical potential and activity of species l in 

phase ct respect.ively. Z, is the charge number of species z , Fis tht' Faraday constant 

(96,485 coulombs/mole) and 4>0/ is the potential in phase o. Equation (5.6) (',tU be 

written for phase f3 as: 

p~ = 1l~{3 + RT ln (!~ L Z,F</>~ (5. ï) 

At equilibrium the electrochemical potential of species i sholild be the sarne in 

phases ct and f3 . 

-0/ -{3 
Il, = Il. 

so that 

Jl.~ - Jt~ - ZIF E 

where 

Il~ = 1l~0/ + RT ln a~ 

E - </>~ - </>~ 

Uj 8) 

(,1).9) 

(5.10) 

(.5.11 ) 

Using eq. (5.8) the molar change of the Gibbs energy of the reaction can be written 

as: 

dg, = -Z,FE (.5.12) 
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... Equation (5.12) is the starting point of the study of electrochemistry [Il ,·n,sol . 
For example, in a reduction-oxidation reaction for a uni-univalent elcctrolyte, tllc 

molar Gibbs energy of the reaction can he written in terms of eq. (5.12) so that thc 

classical Nernst equation is obtained as [27] 

(5.13) 

EO is the standard electrochemical potential of the sr,andard oxidation-rcduction re­

action in which aIl the redctants and products are in their unit activity standard 

state. The molalities of the cation and anion are me and mA, respectively. The most 

common form of the Nernst equation used by electrochemists, at 298.1.5 K, is of the 

Corm: 

o 0.05916 ( 2) 
E - E - Z log mCmAf± (in volts) (.5.14) 

In electrochemistry, potentiometry is the appropriate tool to use in obtaining 

chemical information, such as the activity of salts, by measurem('nt of cell voltages. 

To set up an e1"drochemical cell to determine the activity of an electrolyte in an 

aqueous sûlution, usually one needs at least two half-cell electrodes to ins('rt into the 

solution. One of these electrodes, which responds directly to the analyte, is callcd 

the indicator electrode. Tr.e other electrode, against which the potm tia! of analyte 

should be compared, is called the reference electrode. One of the most advanced 

types of indicator electrodes are the Ion-Selective Electroè~s (ISE). These are widcly 

used for the determination of mean ionie activity coefficients of electrolytes in binary 

and in ternary aqueous electrolyte systems. 

5.2.2.2 Ion-Selective Electrodes (ISE) 

In electrochemistry the hydrogen electrode, which consists of platinum and hy<lrogen 

gas, is used as a reference electrode. The potential of ail types of electrodes are 

measured with respect to the Hz-electrode whose potential is arbitrarily set to zero. 

In addition to H2-electrodes and pure metal conductors (Îtrst kind electrodcs), threc 

75 



different types of electrodes are constructed by manufacturers. These are electrodes 

of the second kind, eledrodes of the third kind and ISE. In this review we do not 

intend to elaborate and explain the construction and design of ail eledrodes, however 

we will briefly describe sorne basic aspects of reference and ion selective electrodes 

which we have used in our measurements. For more details, othel' referenc...s [27,47,80] 

can be consulted. 

Most of the electrodes consist of a purI" metal part such as silver (Ag) and sorne 

other material. For example, an electrode of the second kind is a met;j.l conduc~.:>r 

coated with a thin layer of one of its slightly soluble anion salts (Ag/'Agel). lon­

Selective Electrodes are electrochemical half-celIs in which a potential difference, 

dcpendent on the activity of a particular ion in solution, arises acre::;" the elec­

trode/electrolyte interface. Ion-selective Electrodes, as the name indicates, respond 

sclectively to a particular ion in the presence of others. Ion-Selective Electrodes are 

now commen.lcilly available for about twenty cornmon anions and cations and they 

can be classified in the four following groups [44,47,80;: 1) glass electrodes, 2) solid 

state electrodes, 3) liquid membrane electrodes and 4) gas and enzyme electrodes. 

The sensitive part of an ISE is a membrane whieh is in contact with the sample 

solution. The membranes are semi-permeable so that only one kind of ions (ions of 

the same sign) may be selected. The mechanism of the ion selectivity depends on 

the type of ISE. The most corn mon and oldest ISE's are the glass electrodes. The 

pH glass electrode is Olle of the most important examples of glass electrodes used 

in the labo rat ory. Other glass electrodes, such as those for sodium and ammonium, 

are widely used in the determination of the activity of Na and NH4 ions. Solid­

state electrodes are based on inorganic salt crystals. The membrane of these ISE's 

comprises of "a non-porous layer of a sparingly soluble salt in contact with a solution 

eontaining a single kind of ion. Another kind of ion then constitutes the charge 

carrier within the membrane. Membranes made of silver halides serve as an example. 

The membrane potential depends on the anion activity in the solution, and Ag+ is 

the charge carrier in the membrane" [27,47,80]. Examples of these type of electrodes 

include CI-, Br-, F- and 1-. 

Liquid membrane electrodes are based on a hydrophobic membrane saturated 

with a hydrophobie liquid ion exchanger [66,80]. The ion exchange material is sup-
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ported bya solid plastic membrane. The sensed ion is exdlG nged across the Ilwmbrane 

creating a potential which contributes to the total potential of the ISE. While solid 

state electrodes respond to monovalent anions and glass electrodes respond to certain 

monovalent cations, only liquid membrane electrodes respond to sorne of important 

ions such as NO;, Ca2, and K+. Gas electrodes are used for estimation of the 

solubility of CO2 and NH3 in solutions. 

5.2.2.3 Reference Electrodes 

The signal of an ion-selective electrode needs to be rneasured against a rf'fcrencc elec­

trode. In other words, a reference electrode is a half <..e11 electrode whirh providf's the 

second terminal of an electrochemical cell. The referf'nce electrodf' should maintain 

a constant potential relative to the sam pIe solution, regardless of its composition 

and should not cause chemical changl's in the sol ution. Reference elf'ctrodes can be 

grouped in two classes depending 01; whether they operate with or withüut a liquid 

junction. The three most commorl liquid junction reference el('ctrodcs arc (1) silver 

chloride (II) mercury chloride (calomel) and (III) mercury sulphate. We only show 

the silver-chloride reference electrode here. The sil ver chloride reference elcctrode is 

the most common reference electrode in current use. It can be represcnted by 

KCI(satd), AgCI(satd)/ Ag(s) 

Figure (5.1) shows a single junction reference electrode. It consists of a silver 

wire coated with AgCI in contact with an internaI filling solution of '5aturatcd KCI. 

This solution contains CI- ions of a fixed activi~y which keeps the potcntial of the 

reference electrode constz:-t. The internai solution is in contact with the sample 

solutJOn through a porous plug or a flow restriction which permits the fi11ing solution 

to flow very slowly into the sample. This kind of reference electrodcs are called single 

junction electrodes. The half cclI reaction is 

AgCl(s) + e ~ Ag(s) + CI-
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Figure 5.1: Schematic view of a Single Junction Reference Electrode 

and the half cell potential is written as: 

(5.15) 

One of the major reasons for drift in reference electrodes is that sorne interfering 

species may diffuse across the porous plug from the solution under investigation into 

the internaI solution [47,8n]. A second liquid junction enables contact to be made 

betwet'n the imernal filling solution and the sample so that interfering o[ j'Jns from 

the sample solution to internaI solution may be prevented. This type of electrode 

with two salt bridges is called a double liquid junction refcrcnce electrode [27,47]. 

Salt bridge solutions should be compatible with sample solutions. It IS desirable 

that salt bridge solutions should be equitransferent, i.e, that the transport numbers 

of its anions and cations should be nearly equal. This condition minimizes the liquid 

junction potentlal, which can otherwise drift and cause instability. 
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As indicated by Kakabadse [74] "An elegant way of overcommg liquid-junction 

potential is to use one ion-selective electrode as a reference electrode for anotht'r." 

ThIs type of measurements need a dual differential electrometer so that the signal of 

one ISE can be measured respect to another ISE. In the next chaptf'r, a description 

of how an Orion miIivoItmeter was used to monitor the signal of one ISE towards 

another ISE in ternary electrolyte systems is provided. 

5.2.2.4 Potential of an Ion-Selective Electrode 

As shown in Figure (5.2) an Ion-Selective Electrode usually consists of a sccondary 

type electrode (Agi AgCI) immersed in a standard filling solution which is ln cont.act 

with a sample solution through a semi-permeable membrane. Two prOCf'sses control 

the membrane potentia: of an ISE [47,80]. The first IS the diffusIOn of ions through 

the membrane in a liquid-membralle electrode or a flonde ISE. th. "f'cond i3 tll!' Ion 

exchange reactions at the membrane boundary in solid stdtc and gla~s pl('drodps. As 

shown in Figure (5.3) the membrane is in contact with two f'lpctrolytt' solut ions, the 

sample solut.ion and the standard solution. The potential of an ion-splective electrode 

for a specific ion may be obtained from the following relation [80,116,120]. 

(5.16 ) 

Where ER is the potentiaI of the internai reference electrode (Agi Agel), ~E is the 

membrane potential and EASY is an asymmdric potential of the el('drode. The 

potentiaI of the internaI reference electrode, which consists of an Ag wlre coated with 

AgCI may be written as: 

(.5.17) 

The activity of CI- in the internaI solution of a referencf' ('lectrode and in the 

standard internaI solution of an ISE are different, thus ER~f and ER are usually 

different. The major contribution to the pot~ntial of an ISE is the membranp potf'ntial 

(AE) which depends on the type of ISE. Most membranes are made from solid crystals 
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Figure 5.2: Schematic view of a chloride Ion Selective Electrode (ISE) 

or organic liquids embeddcd on a solid support. They have fixed active sites or mobile 

active sitf's, on both sides, in contact with both inner and outer electrolyte solutions. 

TIH'y art' thick enollgh to have an interior region of unique composItion with respect 

to the .,ollltions olltside [4ï,80]. The way in which the membrane works depends 

on the type of ISE. However, the phenomena occurring at the interface between two 

f'lcctrolytf's art' a diffusion process and a Donnan equilibria [11,78,80]. The membrane 

potential is the result of the diffusion potential and the Donnan potentJal. "The 

diffusIon rot.ential, which is reflected in the liquid junction potential, results from 

the clifft'rent mobilities and concentrations of the ions in the electrolytes in contact 

while the Donnan potential is due to the transfer of one or more kinds of ions across 

the intf'rfdCc between two e1ectrolytes." [80] Thus as shown in Fig (5.3), 6.E is the 

diff{'r(,IlCf' in the potentlal of a specifie ion in the inner solution (2) and outer solution 

( 1 ). 

(5.18) 
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solution (2) membrane solution (1) 

Figure 5.3: Membrane of an Ion Selective Electrode 

The terms El and E2 are called the inner-potential of the phases (1) and (2), rt'spcc­

tively. 

To a first approximation, one can assume the ISE is selective only to olle "'p('cific 

ion 50 that no interferences from other ions are observed. In addition orw can assume 

that the membrane has the same nllmber of fixed sitps on both hOllwlary surfa«'s. 

Following these assumptions and using the relations for the {'Iel tro( Ilf'JI1ical poU'n­

tiai of ions and the boundary ion exchange fplations, one can O;Jtalll tilt' rIlt'lIIbralle 

potentiai for a specifie ion i as [47,120]: 

RT a,(1) 
tl.E= El -E2 = ±-ln--

ZiF a,(2) (Fi.19) 

However the membrane potentiai of an actuai ISE is not given hy a f{'lal ion a.., 
simple as equation (5.19). In fact ISE's are permselectivf', le, they hav(' !>('!('divity 

towards other ions of the sarne sign as the iCt! of interest in the '>OllltloB Ba...,('d 

on more realistic assumptions the membrane potential of an ISE can be written as 

[78,80,120]: 

(tj.20) 

Where K;;t is the seleetivity coefficient of the ISE, which is selective to ion i, towards 

Ion J. 
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r;'Pot = 
1) 

responsc to j 
response to l 

K;;t is not an cmpirical coefficient, but arises (rom a consideration of the diffusion 

process and of the Donnan equilibria. In general it can be obtained as [78,120]: 

K'Pot = lU) IK 
1) U, 1) 

( 5.21) 

where U) and U, are the mobilities, within the electrode membrane, of ion j and i 

respectively. The factor .1":') is the equilibrium constant for the Donnan rellction. Eq. 

(.5.20) for a tf'rnary aqueous electrolyte solution can be written as: 

(5.22) 

Substituting ('q. (.5.22) in eq. (.5.16). 

(5.23) 

whcre 

1 RT) 
E = ER + EASY 1= ZIF ln al(2 U>·24) 

The asymmetry potential EASY of the ISE depends on the crystal structure of 

the electrode body, particularly in glass ISE's. 

Eq. (.5.23) is callcd Nikolsky-Eisenman equation and was proposed to approx­

imate the e!fect of the interfering ions. The selectivity coefficient Ki~t is usually 

obtaincd expf'l'imentally using various methods which will be discussed in the next 

section. As is evident from eq. (5.24), E' is the elcctromotive force (ernf) of the 

measuring circuit with a standard internai solution and depends on the activity of 

ions in the inner solution and the type of internai reference eledrode. The theoretical 
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value of RT/F at 298.15 K is 25.692 rnv. This is the slope of an ISE in tll(' Cit..o.;p of 

Nernstian behavior when the natural logarithm is used for the adi\'!ty of t Ill' ions. 

5.2.2.5 The Electromotive Force of an Electrochemical Cell 

An electrochemical cell for potentiometric measurements is usually Sf't up as l>hown 

in Fig (5.4). The electromotive force of the cell IS given by 

(5.25 ) 

Where ERef is the potentlal of the reference electroJp and E) is the liquid-jllllct ion 

potential of the reference electrode. Substitutmg eq. (.5.2:1) in (.5.~.)): 

or 

(5.26) 

where 

and the sign + is for a cation and the sign - is for an anion. 

5.2.2.6 Determination of the Activity of an Electrolyte using ISE's 

The activity of an electrolyte which consists of catlOll C and anion A may he obtainpd 

by two alternative methods. The I1rst method I~ to m<>aS\lf(' the ('mf of both cation 

ISE and anion ISE towards a single junction or doubl<> JUllctlOll ff'ff'fI'nn' l'll'ctrode 

and then subtract the two values to get th(' activity of the salt [:n,·lil- Thus eqs 

(5.25) and (5.26) can be written, for both ISE's, as 
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from which 

E = E(1)-E(2) = (E~-E~)+(E~sy-E1sY)-

RT 1 I/Ze (2) I/ZA (?) + RT 1 I/Ze I/Z,., F n ac a A - F n ac a A 

mv me ter 

reference 
electrode 

I nner f11l1ng 
solution 

sample 
solutIon 

(.5.27) 

The other alternative [i4,128] is to use the anion ISE as a reference electrode as 

follows, 
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E = EfsE - E(referf'ncc) = EfsE - EtsE 

and, using eqs (5.23) and (5.24) 

E = (E~ - E~) + (E~sY - E1sy )-

RT 1 I/ZC(.)) I/Z,o,(?) + RT 1 I/Zc I/Z 
F n ac - a A - F n ac a " (.5.28 ) 

The first treatment is available In the litera~uf(' [li.35J with a difft,ft'llt 1I01l1f'1l­

clature. In this work wc have written the equations f()r second tf('atnwllt in a way 

which allows U3 to show that both methods are eqlll Valf'llt. :\s one can ~('t' fr 0111 ('qs 

(.5.2i) and (,).28) hoth methods give the same result. EquatIOn (.) ~8) can b" wriU('n 

for uni-univalent salts as 

E = E' + S ln ac A 

where: 

aCA = aCaA = activity of the salt ('>,:JO) 

S = slope of electrode 

As will be discussed in the next chapter, in experirnents In thi~ stlldy tlJ(' emf of 

cation ISE towards an anion ISE was monitored, so that E' ,U1d S wert' ohtrlirwc! 

experimentally. As mentioned before, S is equal to RT IF for a ~(·rn..,tiall f(''''pOIl~(' of 

the ISE's. In this experimcntal work both methods Wf'rc Ilscd. 1 p. both "llIgl(' dnd 

double junction reference electrodes and ISE a." a rcferf'nn' f'lcctrod('s. TIll' IlTIport,Ult 
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advantage which can be obtained by the use of ISE's as reference electrodes is to 

eliminate the liquid junction potential which is associated with reference electrodes 

and results in emf drift [47,80J. 

5.2.2.7 Determination of the Selectivity Coefficient of an ISE 

Different methods have been proposed [27,41,54,70,88,131] to de termine the selectiv­

ity coefficient (K!';t) of ISE's. Arnong these methods, two of them have been widely 

used. These are the separate-solution technique and the mixed-solution technique 

[111]. In the rnlxed solution method, the value of K!';t is usually obtained by mea­

suring the rcspons~ of an ISE in the presence of both the rneasuring ion and the 

interfering ion. However in order to apply this method one must have the activity 

coefficient of the individual ions in the mixture. The mixed solution method is par­

ticularly useful for very dilute solutions because the activity coefficients of the ions 

can be calculated using the Debye-Hückel Theory. "ince our experirnents are at high 

concentratIOn, we will describe only the separate solution method [27,111]. The sep­

arate solution rncthod is based on two emf measurements performed by introducing 

an iSE which IS selective forwards an ion l into both a solution containing the pri­

mary ion l at activity a" (E.)!OI. and a solution containing the interfering ion j at 

activlty a), (E,)~ol)' Figure (.5.5) shows the calibration curves for both solutions. For 

the rneasured Ion l in both solutions containing ions i and j, the Nikolsky-Eisenman 

cquation can be written as 

(E.)~ol. = E: + :. In(a.) ( 5.31) 

(E ) = E' + S 1 (Kpot Z./Z)) 
• ~ol.) • Z. n 'J aJ (5.32) 

Subtracting equation (5.31) from (5.32): 

S z./z) S 
(E ) (E ) 1 a J 1 K"ot • ~ol.) - • ~ol .• = Z n -- + Zn.) 

• a. • 
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Equation (5_33) may be used ta evaluate the selectivity coefficif?nt. I1ow('Vf?r 

as shown in Fig (5.5) two alternatives can be applied for det('rmllling the splctllvity 

coefficient [111,131]. The first a,lternative is called "the equal activity method" [111, 

131]. According to the equal activity method, the emf of an ISE is obtamed at th(· 

same activities of the primary ion land interfering ion). Since 

then, from eq. (5.33): 
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1<7'01 1 [(E,)aol.) - (E,)aol.i] 
1) = a(Z,/Z,-l) exp SIZ, (5.34) 

The other alternative is called "the equal potential method" [111,131]. Accord­

ing to this method, as shown in Fig (5.5), Kr;' is evaluated by using the measured 

and interfering ion activities which give rise to the same signal. 

and, from eq. (5.33) 

(5.35) 

A special case is the series of solid state or single crystal ISE's. These are 

precipitate based electrodes in which only surface exchange reactions can take place. 

Then, the potential selectivity coefficient for this type of ISE's may be theoretically 

calculated fmm the equilibrium constant of the ion-exchange reaction at the surface, 

l.e, 

1.,,,ot 
1\,) -

K,) may be obtained as the ratio of the solubility products of the electrode material 

(K:") to that of the precipitate formed in the exchange reaction (K;"). For univalent 

ions from the solubHity products of precipitates [47,131]: 

( 5.36) 
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5.3 Synopsis 

In conclusion, in this chapter experimental techniques for measuring the activity of 

the electrolytes in aqueous solutions have been brietly reviewed. An overview of how 

Ion-Selective Electrodes (ISE) can he applied to carry out potentiometry and how 

to calculate the activity of a salt in solution by using both a reference electrode and 

an ISE as a reference electrode has been given. Finally, separate solution techniques 

to experimentally measure the selectivity coefficient of ISE's were reviewed. ThIs 

survey of the available techniques and equations is necessary before selerting an 

apprcpriate experimental met.hod. Having these informations permits the description 

of the experimental techniques in order to measure mean ionic activity coefficients of 

electrolytes in ternary systems. 
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Chapter 6 

Measurement of the Mean Ionie 
Aetivity Coefficient of Electrolytes 

Ternary Systems 

6.1 Introduction 

• ln 

In Chapter 5 potentiometric methods were reviewed and the application of ion­

selective electrodes to perform emf cell measurements was discussed. In this chapter, 

techniques for emf measurements and the calculation of the me an ionic activity coef­

ficient of electrolytes in ternary systems will he hriefly descrihed. For completeness, 

lIarned's rule, the application of the Gihbs-Duhem equation, and the Maxwell rela­

tion in terms of me an activity coefficients for ternary systems will he reviewed. 

For a ternary system which consists of two non-volatile electrolytes and water, 

ulliess the measurements of the activity of the water are made in a well defined 

form, the data do not lead to the computation of the individual mean ionic activities 

of the eledrolytes. An alternative is to measure the mean ionic activity of one of 
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the salts. In fact, by keeping the total ionic strength of the mixture constant. as 

indicated by Pitzer [85] "one can obtain activity coefficient of all the compolll'nts of 

a solution if the activity coefficient of a single component is obtained as a functlon of 

ail concentrations." Therefore it is possible to calculate the activity coefficient of one 

of the electrolytes if one can measure the activity coefficient of the other without 111<' 

measurement of activity of the water. In the following section we will <Iiscuss how one 

can carry out an electrochemical ceU experiment to obtain a series of mf'aSllrement.s in 

ternary systems keeping the total ionic strength of the solution constant and changing 

the ratio of the ionic strength of individual salts. Measurements of the aclivity of 

one salt keeping the total ionic strength of the ternary solution constant pf'rmits the 

simplification of the Gibbs-Duhem equation and then the evaluation of tht' !nt'an 

activity coefficient of the second salt. However this method for the calculatioll of 

the mean activity coefficient of the second salt is limited to ternary syst.ems which 

obey Harned's Rule [65]. As proposed by Pitzer [8.5], for the gencral case Oll(' can 

use cross-differentiation of the mean activity coefficient of the salts to dl'velop a. 

series of equations from which the mean activity coefficient of th<, second salt ca.n hl' 

-::alculated. These é'.pproache~ will be discussed in this chapter. 

The use of ion-selective electrodes to measure mean ionic activity coeffiClent.s 

of electrolytes has been reported for sorne ternary systems of aqueolls ('lect.rolyt<, 

solutions with cornmon ions [11 ,83,128J. However to the best of our knowledge l'mf 

methods are rarely used for ternary systems without a corn mon ion. 

6.2 P~evious Ternary Measurements 

Experimental data for many binary aqueous elect"olyte solutions measured with ('mf 

cells have been reported in the literature [22J. However due to limitations of the ap­

plication of ion-selective electrodes to multicomponent mixtures, expcrimcnt.al mea­

surements reported for ternary aqueous electrolyte solutions are Ilot as many a.." tho~c 
for binary systems. The rnost important measurements for mean ionlc adivlt)' coef­

ficients in ternary systems reported in the literature are briefly rcviewed Iu·re. 

Lanier [83] used a sodium ISE versus a silver-silver chloride el<,ctrode to measure 

the mean activity coefficient of NaCl in aqueous ternary solutions at 298.13 K and 
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at ionic strengths from 1 to 6. He reported experimental data for the NaCI-NaN03-

H20 system and the other ternary aqueous solutions. Butler and Huston [25J reported 

the measurements of me an ionic activity c~fficients in aqueous solutions of NaCl­

CaCh and NaCl-MgCh. They used a sodium amalgam electrode against a chloride 

(Agi AgCl) electrode. The experimental results of the above investigations show that 

the Harned's Rule fits the activity coefficient of NaCI at various total ionic strengths. 

Usha et al. [128J reported mean ionic activity coefficients for both electrolytes for the 

ternary aqueous system of NaBr and CaBr2 at 298.15 K and at total ionic strengths 

from 0.1 to 7.5. They used Na and Ca ISE's as indicator electrodes and Br ISE as a 

reference electrode. Also the selectivity coefficients of Na and Ca ISE's were obtained 

by the separate solutions method. Activity coefficients in the HBr-CaBr2-H20 system 

at various temperatures have been measured by Roy et al. [117]. They only measured 

the activity coefficient of HBr using a Br electrode with a hydrogen electrode as a 

reference electrode. Activity coefficients of CaBr2 were calculated and interpreted in 

terms of Pitzer's fOlmalism. 

Butler and Huston [23J used a potassium liquid ion-exchange electrode to mea­

sure the mean activity coefficient of KCl in the KCI-NaCI-H20 system. Theyassumed 

that the Nernst equation with its theoretical slope was obeyed and that the potassium 

ISE did not respond at ail to sodium ions. 

Padova [9.5] used a potassium sensitive glass electrode to measure mean activity 

coefficients of KCl in the KCl-KN03-H20 system at 298.15 K and at ionic strengths 

from 0.2 to 2.5. These results are in good agreement with the results obtained by the 

isopiestic method using the McKay-Perring transform [116J. As stated by Butler [22J 

"because of its importance both in physiological systems and in the chemistry of sea 

water, the CaCl2-NaCI multicomponent electrolyte system has been studied by ISE's 

more than an] other." Other ternary systems have been studied using the sodium­

selective glass electrode against various reference electrodes and ISE's as reference 

electrodcs[22]. For instance, in NaCI-NaF-H20 ternary system a LaF3 membrane 

(Floride ISE) electrode was used as a reference electrode, together with sodium glass 

ISE and sodium amalgam electrodes [23J. 

Although the majority of experimental data reported in the literature are for 

aqueous electrolyte mixtures, during the last few years emf methods have also been 
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used for the measurements of the mean ionic activity coefficient in non-aqm'ous elec­

trolyte systems. However, the application of ISE's to non-aqucolls elt'ctrolyte solu­

tions is not straight forward, because as explained in Chapter 5, ion-exchangt' liqllid 

membranes are usually very sensitive to non-aqueous solvents and they ma)' be dis­

solved. Kakabadse [74] wrote an excellent review of the effect of solvt'nts on pot,('ntials 

of cells with ISE's. Glass and solid state ISE's are suitable for some non-aqUl'OllS 

electrolyte systems. Activity coefficients for NaCI in ethanol-water mIxture and in 

Na-Formate-NaCI system were measured by Esteso et al. [42,13]. 

6.3 Experimental Measurements 

This section deals with the design of experiments and apparat us for ('mf tell In('a­

surements. Elements of the experimental system are presented in detail and the 

calibration of the ion-selective electrodes used in the experiments is dis( ll~~('d. The 

choice of aqueous ternary systems which have been used in the experiments ,trI' jllS­

tified a,d the experimental procedure is presented. 

6.3.1 A General View of the Apparatus 

The apparatus which was designed and constructed to carry out electromotive forct' 

(emf) cell measurements consists of the various elements. The main f('atures are a 

thermostatic cell, ion-selective electrodes, reference electrodcs, a tllf'rmostat 1C bath, 

a mv meter, adapters, a temperature probe, magnetic stirrers, etc. 

Figure (6.1) shows a schematic diagram of the experimcntaJ sy~tem. The ther­

mostatic cell consists of a vertical aluminum cylindrical vesse!. The top \tel has a 

circular hole to allow the insertion of an approximately 500 ml sample b('aker. The 

beaker is sealed in position by a metal flange, cushioned by a rubbt'r ring and held 

in place by three screws. The electrodes and the temperaturc probe ar" inserted 

through a rubber stopper into the beaker. The solution is agitatcd by a rna~lletic 

stirrer. The temperature of the thermostatic cell is controlled by water from a t!ter­

mostatic bath which circulates ip the conccntric chamber betwecn ÜU' Iwak('!' and the 

aluminum cylinder. The temperature of water in the thermostatlc bath 15 'itabilizcd 

using an additional cooling bath. Consequently the tempcraturc of the cooling bath 
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Figure 6.1: Schematic view of the experimental apparatus 
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is controtled by a cooling coil immersed in the cooling bath. The temperature of 

sample solution is held at 298.2 ± 0.1 K. 

6.3.2 Principal Elements of the Apparatus 

The experimental apparatus consists of the three following major [('atures: 

1. Ion-Selective Electrodes (ISE): 

Five Orion ion-selective electrodes were used. Three of them are anionic and t.he 

other two are cationic. 

- Ross sodium glass ISE (model 84-11) 

- Calcium ion-exchangeri ISE (model 93-20) 

- Bromide solid state ISE (model 94-3.5) 

- Chloride solid state ISE (model 94-178) 

- Nitrate ion-exchal1ge ISE (model 93-07) 

In addition, for pH control of the solution a Ross pH electrode (modt'181-01) was 

used. 

n. Reference Electrodes (Ref): 

In addition to the use of an ISE as a reference electrode one single junction and on(' 

double junction electrodes was used as follows. 

1. Reservoir reference electrode (Orion modd 90-04, single junction). The filling 

solution is 4M KCI ( saturated with respect to silver ion). 

2. Double junction electrode (Orion model 90-02). ThIs is a silv('r-type Agi Agel 

reference electrode with an outer chamber which isolatcs the inner rden'nce 

element and filling solution from the sample. The inner ch,unber filling solution 

is an Orion Cat.No 900002 and the outer chamber filling solution is a O.04m 

(NH4hS04' 
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nI. mv Meter and Temperature Probe: 

As explained in the Chapter 6, in order to use an ISE as a reference electrode we 

need a dual electrometer wlth a very high internai impedance to monitor the mv 

changes in emf measurements. An Orion PH/ISE meter model EA 920 was used. 

This model has a large. easy-to-read, custom LCD (Liquid Crystal Display). It has 

two inputs with BNe (Bayonet Neil-Concelman) connectors for the indicator ISE's 

and two inputs with pin-tip connectors for reference electrodes. Since we wanted 

to use an ISE é),s a reference electrode, a BNC-pin-tip adapter was connected to the 

reference ISE and inserted into the pin-tip reference input. 

The temperature of the sample was controlled by an Orion Automatic Temper­

ature Compensation (ATC) probe (model 91 iOOl). This probe transmits a signal to 

the mv meter, whlch automatically corrects pH and mv measurements for variation 

in the electrode slope due to temperature changes. 

6.3.3 SaIts, Water and Preparation of Solutions 

The followir. -eagent grade salts were used without further pm ification: 

- Sodium B.-.JI1l1de, NaBr (Anachemia, AC-8272) 

- Sodium Chloride, NaCI (Anachemia, AC-8304) 

- Sodium Nitrate, NaN03 (A & C, f337) 

- Calcium Chloride, CaCI2 .2H2 0 (Anachemia, AC-l946) 

- Calcium Nitrate, Ca(N03 h.4H20 (A & C, C1305) 

A purification water unit was used to prepare very high quality de-ionized water. 

The following three types of de-ionization columns were used: 

1. Two absorber columns (Cole-Parmer, model N-01506-15) to produce water free 

of most organic compounds, free of chlorine, etc. 

2. Two universal cartridges (Cole-Parmer, model W-Ol506-25). These cartridges 

produce water equivalent to single-distilled water. 
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3. Two research cartridges (Cole-Parmer, model N-OI.j06-35). Thes(' cartridges 

produce water equivalent to triple-distilled water, removing ail ionizl'd mineraIs 

down to a level of 4 ppb or less. 

These six cartridges were ronnected in series. First, tap water was pass('d through 

the absorbers and then through the universal and the research cdrl ridgf>s. Findlly 

water was passed through a distillation unit to get very high quality pure watt'r. 

The stock solution of binary aqueous solutIOns of the salts were pn'pared inil idlly 

for the total ionie strengths of the experimental run. The solutions were pH'IMn·d by 

weighing the salts and then dissolving them in the required amount of pnrp dl'ionized 

distilled water. 

6.4 Calibration of ISE's in Binary Solutions 

Before using the ISE's in ternary systems they should be calibrated in the binary 

solutions and the slope of the electrode shoulcl bp experimentally dcterrnincd. SOn!(' 

researehers have assumed that the ISE's have Nernstian beha\;or and they have IIS(>cl 

the Nernstian slope in their calculations. Although tl1lS mcthod saves tillH', II, in­

troduces unnecessary errors so in our calculations we have tlsf>d thC' <;lopes whlch \VI' 

determined by regression analysis of the expenmental values of emf m('ai>llre>!lJl'lIb HI 

binary solutions. Moreover, the selectivity coefficient of ISE's should be dpterlllllH'd 

if any of the other ions in the solution interfere wlth the electrode of Illten':,t. The 

separate solutions method discussed in Chapter 5 was u:,ed to determinl' the !'ll'If'ctiv­

ity coefficients of the ISE's. Before the determination of the selectivity coefficient of 

each electrode, one needs to construct the calibration curve for each binary :,ollltion. 

Each ISE should be calibrated in the binary solution containing the particular iOIl Df 

the ISE and in th~ binary solution containing the interfC'ring ion. For C'xample th(' 

selectivity coefficient of Ca with respect to Na ions, Kea-Na, can be determilwd by 

calibrating a calcium ion selective e1ectrode in both an aqueous solution of ('dC'l:.! and 

in an aqueous solution of NaCI. The ISE's were calibrated III fi\{> differe'nt binary 

aqueous mixtures. We wiII only describe in detail the calibration of the SOdllllll and 

the calcium ion selective electrodes in NaBr aqueous solution and the re!>ulu. for thp 

other ISE's will then be presmted. 
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The following cell was set up to calibrate the sodium, calcium and bromide 

electrodes. 

Detector Electrode Binary solution Rcf~rence electrode 
Bromide-ISE 

NaBr-H20 Single Junction Electrode (SJE) 
Na-ISE 
Ca-ISE 
Br-ISE Double Junction Electrode (DJE) 

Two hundred ml of nine molal NaBr solution were placed in the beaker. Ali the 

electrodes and the temperature probe were immersed in the solution. The electrodes 

were connected to the mv-meter. The solution was agitated with a magnetic stirrer 

for one hour. When the system stabilized, the following signaIs were measured. 

a: Es(Na+): Na-ISE VS. SJE 
b: Es(Ca++): Ca-ISE VS. SJE 
c: Es( Br ): Br-ISE VS. SJE 

d: ED(Na+): Na-ISE VS. DJE 
e: ED(Ca++): Ca-ISE VS. DJE 
f: ED(Br-): Br-ISE VS. DJE 

g: E(NaBr): Na-ISE VS. Br-ISE 
h: E(CaBr2): Ca-ISE VS. Br-ISE 

After those measurements wcre completed, the solution was diluted by adding pure 

deionized watel and stabilized again. The measurements were continued until the 

molality of solution re;'t.ehed an ionie strength of the order of 0.01. When a single 

junction reference eleetr')de is used, the ceil equations for ISE's eorresponding to the 

above measurements are: 

a: Es(Na+) = E'(Na+) + SI ln a(Na+) (6.1 ) 

(6.2) 

(6.3) 
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Then, assuming 81 ~ 82 ~ s, 1S

; , subtracting the' ahOH' ('qllc\! 101l~ and (''\I>I'('~SIII~ 

the activity of ions in terms of the actlvity roeffkient of :\'aUr \t'ad., 10 

Es(NaBr) (l. l) 

where 

In the above equations 51 and 52 are the slopes of the :'Ja·ISE and tilt' Br·ISE c\galll:-t 

the single junction electrode, respectively, and m and I± arc nH' mol,t"ty c\rHI lIH'iln 

ionic activity coefficient of NaBr. 

Alternatively if we wnte the cell equation whe'n the hrorllldf' ISE i., t1~('d ,I~ ,1 

reference electrode. 

g: E(NaBr) E'(NaBr) + 8 ln (m1±)2 (ti .. ) ) 

As can be seen from the comparison of equatlOns (6A) and (6 . .1), th(' S,UJl(' form 

of calibration equation for the sodIUm ISE is obtaine'd when w(' IIS(' a single JUIl( t IUII 

reference electrode or when we use a bromidt' IS E as a ref('n'I)( (' t'Iel 1 1 ud(' 1 I\(' 1 ('rlll" 

E'(NaBr) and E~(NaBr) correspond to the saille c('11 rOIl.,tant. fil<' 1('1111:- S' illld ~ 

are the slope of the sodium ISE when we usp bromide ('Iectrode or "11l~1(' JIlIiI t IUII 

electrode as u. reference electrode and should be tll(' ~alll(, \r(' cali ,d.,o Will!' tll(' 

same form of the calibration equatlOn for the case Wllt'Il a dOllbl(' jllJl( 11011 rf'f('f('IICf' 

electrode is used. As an example Figure (6.2) show~ th!' caltbra! Ion of! 1\1' :'-i,I-ISE 

when the bromide ISE and the single junctioll (>!Pcl rode W('f(' IN'd c1:- il. rer('re'lI( (' 

electrodes. \Vithin the experimental error, tl](' r('';ltlh ct[(' ('qlllval('n! A., dl.,( Il''~l'd 

in Chapter .5, the calibrations llsing an ISE as a wferen('(' ('Il'c! fodl' ,ln' prdl'rf('d 

because they eliminate the effect of liquid junctlon poU'ntlal., SllIlIl,ll' n'~lIlh w<'n' 

obtained for the other ISE's and art> !lot reported in Jdail hen'. 
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Figure 6.2: Electromotive force of Na-ISE towards Br-ISE and 

single junction electrode in aqueous solution of NaBr at 

298.2 K. 

Note that the diamond symbols are superimposed to the squar~ symbols in each and 

every pOint. 
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In these cell measurements, the calcium ISE was used in order to calculate the 

effect of interference of sodium ions towards this electrode. The same cell eqllations 

as for the sodium case can now be written as: 

(6.6) 

where: 

The activity of the NaBr and of the other saJts in the binary salt-water solutions 

were calculated by the use of the mean activity coeffici~nts of the respective salts from 

the tabulations of Robinson and Stokes [116] and of Hamer and \Vu [6:3]. 

A similar set up of ce Ils wag prepared for the other binary solutions of intercsl 

and calibration curVf>S were obtained in the same manner. Ali of the caltbration 

pardmeters were evalt.lated by Iinear regression analysis of the expf'rimental pOllltS 

In Appendix A, the experimental emf measurement data for calibratIOn of lSE's and 

the method of Fnear regression are given in detail. Figure (6.3) to Figure (6. i) ~how 

the calibration lines of the sodium ISE and calcium ISE towards chlonJc and nitrate' 

ISE's. As one can sec from Figures (6.2) to (6.4) the responses of sodiulll ISE 111 

binary aqueous solutions of NaBr, NaCI and NaN03 are straight lines The C(·11 

constant" and sicpe of sodium and calcium ISE's in the various binaries are shown in 

Table (6.1). 

The responses of calcium ISE in the binary solutions of CaRr2, Ca( ~O:d~ and 

CaCl2 a.re not linear over the whOie range of the concentration. For instance, the 

response of Ca-ISE is Iinear up to a CaCh molality of urllty and ib slop!' is very 

close to a Nernstian siope. The worse case is the response of Ca-ISE in (',l(;\iOJh 

solution. As one can see from Figure (6.i) when the nitrate ISE IS ll~cd as a n.fer­

en ce electrode, the Ca-ISE response is linear only at very low conCf'ntrations of the 
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Figure 6.3: Electromotive force of Na-ISE towards N03-ISE 

in aqueous solution of NaN03 at 298.2 K. 
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Figure 6.4: Electromotive force of Na-ISE towards CI-ISE 

in aqueous solution of NaCI at 298.2 K. 
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Figure 6.5: Electromotive force of Ca-ISE towards Br-ISE 
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Figure 6.7: Electromotive force of Ca-ISE towards CI-ISE 
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Table 6.1: Slopes and e1ectrochemical constants of the various ISE's in diffen'11I. binary 
aqueous solutions at 298.2 K. 

E E' + 810(a) a = actlvlty 

Ion S'!lectlve Reference Banary MaJClmum E' (mv) Electrode corrdatlon 
Electrode Electrode Solution Molahty Siope (S) ('opffie H'nt 

(ISE) (ISE) x 100 % 

Sodium (Na+) Bromlde (Br ) NaBr 90 445913 25 4t~') \l!) !}ï 

Sodium (Na+) Nitrate (NOJ ) NaN03 80 30i 884 :.n ;)19 !)!)-~ 

SodIUm (~a+) Chlorlde (CI ) NaCI 60 29\ \')'2 ~5 20ï \Hl !H) 

CalCIUm (Ca++) I3romlde (I3r-) CaBr2 OlU J\ : 9:lO \) no l)!l ;)H 

CalcIUm (Ca++) Nitrate (N03 ) Ca(N03 h 005 i84:35 Il,12!l !H) il) 

CalCIUm (Ca++) Chlonde (CI ) CaCI2 1 0 fi\) 661 125iO OH !l!ltl 

primary ion, Ca++. At higher concentrations, tlle response d(lviatc\s froll} liru)ality 

and tends to level off. The response of the Ca-ISE and of th~ N03 -ISE., wl\t'n a !'>ingle 

junction electrode is used as a reference electrode, are shown in Figtlfl's (6.S) and 

(6.9), respectively. In these cases the activity of ions w{'r~ calculàtf'd by I\HTL-i\HF 

model as discussed in Chapter 4. As one can observe from Figun' (68) the slope 

of the response of the Ca-ISE at very low concentrations of ~01 IOIl~ is pO~ltiV(·. 

However, y,hen the concentration of nitrate ions IIlcrpases tl1<' slope' JC( r('il!">t'S and 

at a very high concentration of IIltrate ions the sigd of the ,>Iop" of Ca-ISE hc(olllcS 

negative. The response of the nitrate electrode in a Ca(~03h solution IS also lincar 

and negative at low concentrations of Ca++ Ions. lIowever at high('r concentrations 

of the calcium ions the slope of the N03-ISE changes. 

The change of sign of the slope of the Ca- ISE III diff('rent binary ,>olut ions, 

particularly in the Ca(N03h solution, c1early shows the IIIterff'rence of COll liter ions 

such as NOj" with the electrode memhrane. As cxplainf'd in Chapter fj , li\(, calcium 

ion selective electrode is a liquid-membranc electrode which is based on ion C'xchétngc 
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electrode in aqueous solution of Ca(N03)2 at 298.2 K. 
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of compounds and neutral carriers [35,44J. The phenomenon of anion interference has 

been discussed for potassium liquid membrane ISE's [35,44J. Several theories have 

been proposed in literatur(' to explain this phenomenon [19J. However our objective 

here is not to enter into Lhe discussions of these theories but to suggest that the 

anionic interference in the response of the Ca-ISE at high concentration of anions 

may have the same causes as in the case of the potassium liquid membrane ISE. As 

indicated by Covingto'1 [3.5J "the deterioration in response, at high concentrations of 

primary ion, obsel'ved tor certain counterions may be explained by consideration of a 

possible mechanisrn of ion transport across the membrane." Covington [35] also added 

" for membranes made of large Iipophilic anions, such as thiocyanate and picrate, 

anion entry certainly oceurs, there by effectively lowering the transport number of 

the cation, causlIlg a deterioration in response, often to the extent of slope reversaI. " 

In conclusion, to close up this section, we have found technologicallimitations to 

measuring the mean activity coefficients in mixtures of Ca(N03 h, CaBr2 and CaCl2 

with the other electrolytes. Thus the measurements of mean activity coefficients of 

Ca(N03h in a ternary system of Ca(NOJh and NaBr is not practically accessible 

by emf measurements. Wc (an only measure the activity of NaBl using ISE's and 

then ca1culate the activity of C:t(N03 h by cross-differentiation of the mean activity 

coefficient. This method will be discussed in sorne detail at the end of this chapter. 

6.5 Measurements for Ternary Systems 

The t'xperimental objective of this work is to measure the mean activity coefficient 

of the electrolytes In a tcrnary aqueous solution of two salts. Several ternary systems 

in-'olving a corn mon ion and sorne without a corn mon ion were considered as poten­

tial candidates. At the beginning the aqueous solution of CaBr2 and NaCI as a case 

without a common ion was chosen. The emf of the sodium ISE using chloride and 

bromide ISE's as reference electrodes was measured. However after a few measure­

ments, it was observoo that the membrane of the chloride electrode was damaged and 

finally t.he membrane dissolved in the solution. The reason for this, as we painfully 

learned after, is that the following precipitation reaction occurs. 
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Br- + AgCI ~ AgBr + Cl-

where equilibrium constant of the reaction is: 

As was discussed by Freiser [47], one can write: 

KSP(AgCI) 
K = = KSP(AgBr} 

10-9•75 
_ 102.56 

10-12.31 

As explained in Chapter 5, the selectivity coefficient of a solid state t'lcctrode 

is equal to the equilibrium constant of the precipitating ions readion. Thus th(' 

selectivity coefficient of Cl-ISE towards Br-ISE is 10256
• In other words, alihough 

it sounds absurd we can conclud~ that the chloride ISE is much mort' ~('I('ctiv(' 1,0 

bromide ions than to the chloride ions for which is advertised. Thereforf' in Il..,illg 

an Cl-ISE to measure the activity of a( Cl-), broTmde ions must he abf>('IJt or at 

concentrations less than 10-256 times the lowest a(CI-) level anticipated [.t7]. For thif> 

reason, ternary systems containing both bromide and chloride ions wcrp e1iminatf'd 

from our list of experiments. Therefore, for our study we chose the following t,('fnary 

systems: 

1. NaCI - NaN03 - H20 (a system with a common ion) 

2. NaBr - NaN03 - H20 (a system with a common ion) 

3. NaBr - Ca(N03 h - H20 (a system with no-common ion) 

The first system, previously measured by Lanier [83], was seleded 80 as to be 

able to standardize the experimental procedure and to verify the reproducloility of the 

data. The second system was measured because it providps a u~<'ful compklllent to 

the prcvious one and to the best of our knowledge no experirncntal data fur the rnean 

activity coefficient have been reported for it. The third system dof'!> not invol"c any 
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common ion and was selectcd 50 to as study the mean activity coefficient of NaSr at 

high concentrations of Ca(N03 h. One of our objectives was to provide new data for 

an electrolyte in an aqueous mixture without a cornmon ion. This system represents 

the best compromise using available ion selective electrodes which do not present 

interference. 

6.5.1 Experimental Procedure for Ternary Systems 

For each of the above ternary systems, an emf cell was arranged. For instance for the 

aqucous solution of NaBr and Ca(N03h the following ceU was set up: 

Detector Electrode Ternary Solution 
NaBr(lt) 

Na-ISE Ca(N03h (h) 

Reference Electrode 
Bromide-ISE 

Single Junction Electrode (SJE) 
Double Junction Electrode (DJE) 

The potential of a Na-ISE towards a Br-ISE, the single junction and the double 

junction electrodes were measured at different values of the molalities of the salts 

with constant total ionie strength (l = /} + h) of the solution. In calculations of 

the mean ionic activity coefficients the measurements were obtained using the Br­

ISE as a reference electrode. However the potentials were measured with respect to 

the SJE and the DJE in order to check the accuracy of the measurements. As an 

example, in Appendix C the data are shown for the system NaSr-Ca(N03 )z-H20 but 

were not used in the ealculations. 

The experimental procedure was as follows. A two hundred ml binary solution 

of NaBr of total ionie strength J was plaeed in the beaker. The sodium and the 

bromide ISE's and the single and double junction reference electrodes were immersed 

in the solution. The temperature probe and the pH electr(\de were also placed in 

the mixture to check the temperature and the variation of the pH of the solution. 

AlI the electrodes were allowed to stay in binary NaBr mixture for one hour so that 

the stability of the potentials to within ±O.l mv could be ascertained. The following 

measurements were monitored for binary solutions of NaSr at a given ionic strength J. 
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EO(NaBr) : Na-ISE VS. Bromide-ISE 
E:5(Na) : Na-ISE VS. Single J unction Electrode 
Eb(Na) : Na-ISE VS. Double Junction Electrode 
E:5(Br) : Br-ISE VS. Single Junction Electrode 
Eb(Br) : Br-ISE VS. Double J unction Electrode 

After measurements in the binary NaBr solution, Ca(N03 h solution of a similar 

ionie strength 1 was added. In prindple, when two binary aqueous solutions of tlw 

same ionie strength are mixed, the total ionic strength of the ternary mixture will b<, 

the same as the ionic strength of the binaries. The way to calculate the iouic strl'lIgth 

of individual salts in the mixture is shown in Appendix E. A titration tcchlll<j\H:' was 

used to alter the composition of the mixture. This method allows 0111' to Jl1l1limiz(' 

errors arising from sudden shifts in potential which are unrelated to chang!'., in solu­

tion composition. Thus the ccli was not disturbed during a serit's of m{,d~lIn'IIl(,Ut.s 

and the electrodes were al ways in place during the measurerncnts. Duc la the limi­

tations i.l the volume of the beaker, two sets of potential measurcments wer(' madt,. 

In the first set, the experimental measurements were carried out startlJlg with NaBr 

solution and using Ca(N03 h as titrant and in the second set the arder was r('\'('rst'd. 

In the central region of composition the two runs overlap. This is us('d as a test for 

reproducibility of the data. The two half curves must overlap smoot hly, oth('rwl~{, 

either there is an error in emf measurements or the electrodes are not rc\'crsible. M­

ter adding a certain volume of titrant and allowing the solution to reach <'quilibriu111 

(15min-30min) the following potentials were monitored. 

E (NaBr) : 1 Na-ISE 
Es (Na) : Na-ISE 
ED (Na) : Na-ISE 
Es (Br) : Br-ISE 
ED (Br) : Br-ISE 

VS. Bromide- ISE 
VS. Single Junctiol' Electrode 
VS. Double Junction Electrode 
VS. Single Junction Electrode 
VS. Double Junction Electrode 

As explained before, measurements with calcium and nitrate ISE's wcr(' not possIble 

due to the interference of nitrate ions with the calcium t'Iectrode. The same tt'chniqlw 

for potential measurements has been carried out for aqueous solution~ of N.-t13r-~ ai\03 

and NaCl-NaN03 . The details of the formulation of equations and the reductioll of 

data in order to calculate the mean ionic activity coefficients of N aBr in ~aBr-~aN03-
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1120 and NaBr-Ca(N03 h-H20 systems are discussed in Chapter 7. 

6.6 Harned's Rule 

Harned's ru le is a Iinear model which have been widely used for the interpretation of 

changes of mean ionic activity coefficients of electrolytes in ternary aqueous solutions. 

For a ternary mixture of water, electrolyte 1 and electrolyte 2 with a constant total 

ionic strength 1 and a varying ionie strength of salt "2", i.e, 12, it was empirically 

found that, in many cases, the logarithm of the mean activity coefficient of salt 1, 

ln I±h varied Iinearly with 12 or with }Il = 12/1 [65,85,116], then 

(6.7) 

where I± is the mean ionic activity coefficient of a pure electrolyte 1 in an aqueous 

solution at the same total ionie strength of the mixture, I.e, 1. The coefficient 0~2 

is an empirical coefficient 'vhieh is ealled Harned's coefficient of salt 1 and it may 

be a function of the total ionie strength J. The original Harned's Rule used base 

ten logarithm, t.e, 0~2 = (ln 10)012, where 012 is the reported Harned's coefficient in 

literature. The corresponding equation for the electrolyte 2 is 

(6.8) 

where 1:!:2 is the mean activity coefficient of pure salt 2 in the aqueous solution of 

ionic strength J. Equations (6.7) and (6.8) ean also be written in terms of the ionic 

strcngth fraction of salt 2 and 1, i.e, Y2 and YI! respectively. 

Trace activity coefficients are very important in electrolyte solutions because 

they facilitate a more detailed eomparison of the effect of one electrolyte on the other 

in the mixture. The trace activity coefficient of electrolyte 1 in a ternary mixture is 

the value of activity coefficient of salt 1 in the presence of salt 2 extrapolated to zero 

concentration of salt 1 at constant ionie strength J. Thus, by using equations (6.7) 

and (6.8), the trace activity coefficient. of salt 1 and 2 may be written as 
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(6.9) 

(6.10) 

where 1 = Il + 12, is the total ionic strength of the mixture. By substituting cq. (6.9) 

in (6.7) we can obtain another useful equation as 

(6.11 ) 

similarly, 

(6.12) 

Equations (6.11) and (6.12) are useful for the calculation of mean ionic activity 

coefficients of salts in terms of their own ionie strength. This makes it possible to 

compare these values with those of the mean activity coefficient of the el<'Ctrolyte in 

a hinary aqueous mixture at the same ionic strength of the ternary system. Clearly 

when either Il or 12 tends to zero. in a ternary mixture, the activity c()(>fficient of 

trace electrolytes 1 or 2 will he obtained, respectively 

Harned's Rule has proved to be valid for many ternary electrolyte ,;ystetns at 

low concentrations. However, for sorne systems, departure from linearity in tlj(' mean 

activity coefficients as a function of the total ionic strength oeeurs anù it ha:, been 

necessary to add more terms with empirical coefficients. Thus, the g{'neral expressions 

are [85]. 

(6.13) 

(6.14) 
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" Equations similar to eqs (6.11) and (6.12) can not be obtained when the non­

lînear equations (6.13) and (6.14) are used. As stated above, Harned's Rule is a very 

useful model for many ternary aqueous electrolyte systems. In the next section we 

will review the method to compute the mean activity coefficient of the second salt 

when the mean activity coefficient of the first salt can be obtained expf>rimentally. 

This method assumes that both salts follow Harned's Rule. 

6.7 The Gibbs-Duhem Equation for Ternary 
Systems 

For completeness, we review here the use of the Gibbs-Duhem equation for ternary 

systems. The Gibbs Duhem equation for a single liquid phase ternary system at 

constant temperature and neglecting the small effect due to equilibrium pressure 

changes can be written as: 

(6.15) 

where nI and n2 are the number of moles of salts and nw is the number of moles 

of water. The corresponding chemical potentiah. are Il .. 1l2, Ilw. As was described 

in Chapter 2, the chemical potentials of the salts and water can be written in terms 

of the activity and thf> number of moles can be expressed in terms of ionie strength. 

Thus for an electrolyte, one ean write: 

(6.16) 

whcrc 

} ' 1 ( +Z2 -Z2 ) 
\1 - 2" VI +1 + VI -1 (6.17) 

Therefore, for an aqueous mixture equation (6.15) can be written as: 
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(6.18 ) 

As discussed in Chapter 2, the activity of the salt can be written as 

thus 

(6.19 ) 

Writing eq. (6.19) for both salts, assuming validity of eqs (6. ï) and (6.8) , and 

substituting into eq. (6.18) yields: 

55.51 dl --- n aw 
12 (6.20) 

where Yi = Id 1 and 12 = (1 - }î)1 with 1 = Il + /2 constant. Equation (6.20) 

is then integrated at constant 1 and T from Y1=O (pure salt '2) to Y'l=1 (pure salt 

1) to give: 

= 55.51 1 a~v(t) 
-[2 n aw(2) (6.21 ) 

As discussed in Chapter 2, the activity of water can be written in t.erms of its osmotic 

coefficient. At a total ionic strength 1 
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( o v,m,)..o 
ln aw = - 55.51 'l', 

with: 

vII )..0 

- - 55.51K, 'l'i 

Thus combining eqs (6.21) to (6.23), 

(6.22) 

(6.23) 

(6.24) 

Thercfore, if either O'~2 or Q~1 is known by experiment, the other may be calculated 

from the osmotic coefficients or the mean activity coefficients of the binary solutions 

by the use of equation (6.24). 

In the case of a ternary system with uni-univalent electrolytes, equation (6.24) 

can be written as: 

? 11 0 2 
0';1 - O'~2 = J-2 J d In(";2] = -I(<P~ - <p~) 

o 1±1 
(6.25) 

Similarly, assuming that Harned's Rule is valid, the equations for the ternary 

system of NaBr(l) and Ca(N03 h(2) can be written as: 

2 fi , 0 

- J2 Jo 1 d In[b±~2)21 = (6.26) 
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6.8 Maxwell Relations for Activity Coefficients 

For completeness, we review here sorne consequences of the Maxwell relation. Since 

chemical potentials have exact differentials, one can write at constant T and P, 

(6.27) 

using eq. (2.28) 

( alnï.H) _ (ôln ï ±2) 
VI a ml - V2 a m2 

m2 ml 
(6.28) 

Equation (6.28) is the Maxwell relation or cross-differentiation equation for the mean 

activity coefficients in a ternary system. Using eqs (6.l:J) and (6.1,1) the f'quations 

for the me an activity coefficients can be written as 

(6.29) 

(6.30) 

where lt and h are given byeq. (6.16). Thus using eq. (6.16), cq. (6.28) takes the 

form: 

(6.31 ) 

Following Harned and Robinson [64], using eq. (6.29) and (6.30), it follows from cq. 

(6.31) that 
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(6.32) 

Following Pitzer [85], since I=I1+h=constant, the partial derivative of any function 

g can be transformed to the total derivative as follows: 

Using I1=Y1I and h=(l-YdI, one can simplify eq. (6.32) and since the resul­

tant equation holds for aIl values of Yll then if we write the equation in a form of 

polynomial of the variable Yi, the coefficients should be zero, i.e, 

o (6.33) 

(6.34) 

(6.35) 

From these general equations, several particular situations may arise; we consider 

here two important cases: 
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Case a:. 

The case in which both salts follow Harned's Rule. In this case, both ,B~2 and d~1 are 

zero and eq. (6.34) can be integrated to give 

(6.36) 

For uni-univalent electrolyte mixtures, eq. (6.36) takes the form (at constant t('I11-

perature): 

(6.3ï) 

If, in a ternary system, both salts follow Harned's Rule and in addition the lIarned's 

coefficients are independent of total ionic strength, eq. (6.33) takes the following form 

for uni-univalent electrolyte mixtures: 

(6.38) 

Combining eqs (6.25) and (6.38), one obtains: 

~(ln '!2) = 22 ri 1 d(ln '!2) 
dl '±l 1 Jo '±1 

(6.:39) 

Equation (6.39) is only valid when ln * is !inear with respect to the total IOnie 
"'/%1 

strength. 

Case b: 

If salt 1 follows Harned's Rule) i.e., .B~2 = 0, and salt 2 follows cq. (6.:30), then eqs 

(6.34) and (6.35) can be integrated to give 

(6.40 ) 
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with 

(J~l ~ constant (T = constant) 

Following Harned and Robinson [64], eq. (6.32) can be written as 

(6.41) 

wit.h 12 constant. Integration of eq. (6.41) between the lower linùt of I=h, II=O and 

I=II+h gives 

(6.42) 

Two special cases can be considered, as Il approaches 1 and 12 approaches zero, eq. 

(6.42) becomes 

(6.43) 

Also when 12 approaches 1 and Il approaches zero, it is convenient to rewrite eq. 

(6..11) as 

(6.44) 
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and in the lirnit as Il approaches zero 

(6. 15) 

From eq. (6.42) one can obtain a linear function for (Q~l + !3~lIl) so that the litnit.s 

of this function at Il = 0 and Il = 1 can be evaluated by eqs (6.15) and (6.13), 

respectively. Thus, the intercept of this line gives 0'~1 and !3~1 can be calculated from 

the slope of this Hne. 

Thus if one salt obeys Harned's Rule the other salt will obey lIarned's \{nle 

provided that eq (6.37) is satisfied. Similarly if one elect.rolyte follows IIflrIH'd\ HuIt' 

and the other electrolyte follows eq. (6.30), relation (6..10) should hold. In tlH' lIext. 

chapter the application of equations (6.38) or (6.2.5) to the terndfy sy~tcm NaBr­

NaN03-H20 will be shown. Aiso eqs (6.43) and (6.1.5) will be llsed for the ternary 

system NaBr-Ca(N03h-H20 . 

6.9 Synopsis 

In conclusion, in this chapter the application of emf c('lIs to ternary aqu!'olls e1ec­

trolyte systems was discussed. The experimental apparat us and also tll(' calibrations 

of ISE's were described in detail. The ternary systems to be nH'asured Wf>rf' :,('Iectcd 

and the experimental procedure for ternary systems was discus:,ed. Fillillly lIarr)(·d's 

Rule and the application of the Gibbs-Duhem equation and ~taxwf'1I r{'latlons for 

ternary aqueous electrolyte systems were discussed In the next chapter the ('xp{'ri­

mental data will be presented and the me an actIvit) coeffiCIent of the sf'cond salt will 

be evaluated from the data of the first one. 
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Chapter 7 

Reduction of Data and Experimental 
Results for Ternary Aqueous 

Electrolyte Systems 

7.1 Introduction 

In this chapter the reduction of emf measurements data for the three ternary systems 

NaCl-NaNOT H20, NaBr-NaN03-H20 and NaBr-Ca(N03 )-H2 0 will be discussed. 

Also the calculation of the mean ionic activity coefficient of the second salt, z.e, 

NaN03 and Ca(N03h usil1g the Gibbs-Duhem equation and Maxwell relations will 

be presented.. The presentation is initiated by discussing the determination of the 

selectivity coefficients of the sodium, calcium and nitrate ISE's. 

7.2 Selectivity Coefficients of the ISE's 

The separate solution method was used to evaluate the selectivity coefficients of aIl 

the Ion-Selective Electrodes. Rcpeated experimental measurements under different 

conditions showed that the bromide ISE is completely selective to bromide ions and 
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does not have any Interference with nitrate ions. Thus one can assume a z('ro value 

for KBr-N03. The selectivity coefficient of the nitrate electrode by the calibrat.ion of 

the nitrate ISE in two different solutions of NaBr and NaN03 was evaluah'd. The 

calibration data are shoWTl in Appendix D. A sodium ion selective electrode was us(·d 

as an indicator electrode and a nitrate electrode a. .. a reference elcctrode. As di'iC1!6Sl'd 

in Chapter 5, one can write 

(7.1 ) 

(7.2) 

By subtracting eq. (7.1) from eq. (7.2) and using the l'quaI activity method, olle can 

obtain 

(7.:J) 

where S is the slope of the Na-ISE when a N03-ISE is used 8S a refercnce elec­

trode. The average value of KN03-Br at low range conCf'ntrations of the brornidp iOlls 

(m:::; 0.3) in the solution was calculated as 0.13.5. A value of 0.13 for the Onoll liquid 

ion exchanger in PVCjtetraoctyljammonium nitrate was rf'portl'd hy PUll).!;or (·t a\. 

[111]. Even when the term KN03-Br is not used in the calculatlOlls, hecau~e tlH' Illt'a­

surements by the N03-ISE were not reproducible for the ternary aqlleolls :-'OlutlOlls, 

this agreement with a previously reported value of r\N03-Br is worth notlclIlg 

Similarly, the selectivity coefficient of the Na-ISE was cvaluated by the separdte 

solution method. We measured the response of the Na-ISE towards a N03-ISE ill two 

separate binary solutions of Ca(N03h and NaN03 • Using the equal activlty rnethod, 

KNa-Ca can be written as 

(7.4 ) 
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An average value of 0.707 x 10-3 was obtained at low concentrations of Na and Ca 

ions. At higher concentrations of Ca ions the value of KNo - Ca decreased indicating 

that the Na-ISE is very selective to sodium ions. In fact the Orion manufacturer [37] 

daims that the Ross Na-ISE does not interfere with calcium ions in solution. Con­

versely, the selectivity coefficient of the Ca-ISE towards sodium ions was evaluated. 

The response of the Ca-ISE against a N03-ISE as a referenœ electrode was moni­

tored in two separate binary solutions of NaN03 and Ca(N03 h- The equal activity 

method was used so that the following equation can readily obtained, 

KCa-Na 
1 [E[Ca(N03 h ]NaN03 - E[Ca(N03h ]ca(N0312] 

-a(-N-aN-0
3 

) exp B/2 (7.5) 

An average value of 9.303 x 10-3 was obtained at low concentrations (m:50.05). AlI 

cmC data related to selectivity coefficient measurements are reported in Appendix D. 

7.3 The Mean Activity Coefficient of NaCI in 
Aqueous Solutions of NaCI and NaN03 

The mean ionic activity coefficient of NaCI in ternary aqueous solution of NaCI and 

NaN03 was reported by Lanier [83]. The measurements for this system were repeated 

in order to verify the reproducibility of the present measurements and standardize 

the experimental procedure. As explained in the previous chapter, the following cell 

was set up. 

Detector Electrode 

Na-ISE 

Ternary Solution 
NaCl(Id 

NaN03 (h) 

Reference Electrode 
Chloride-ISE 

Single Junction Electrode 
Double Junction Electrode 

The experimcnts were carried out starting with both pure NaCl(I) and NaN03 (I) 

solutions at the same total ionic strength of the mixture (I=h+h). l'or the binary 

solution of NaCI using the Cl-ISE as a reference electrode, NikolsJ.:y-Eisenman equa­

tion can be written as 
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EO(NaCI) = E'(NaCI) + S ln aO(NaCI) (7.6) 

where aO(NaCI) is the activity of the NaCI in the hinary NaCI-H20 system for a given 

ionie strength 1 

(7.7) 

where mO(NaCI)=I and 'i'±(NaCI) is the me an activity coefficient of NaCI in the hi­

nary solution at the total ionie strength J. Similarly, the Nikolsky-Eispnman <'quation 

can he written for the ternary system as: 

E(NaCI) = E'(NaCI) + S ln a(NaCl) (7.8) 

Following Lanier, the selectivity coefficient of CI-ISE towards nitrate ions was as­

sumed to he negligible. Suhtracting eqs (7.8~ from (7.6), one readily obtains 

(7.9) 

where: 

(7.10) 

ml = Il = I(NaCI) 

Substituting eqs (7.7) and (7.10) in eq. (7.9) yields: 

(7.11 ) 
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Substituting ml + m2 = mO(NaCI)=/ in eq. (7.11), and simplifying it gives 

~ ° E(NaCl) - EO(NaCI) 
'Y±(NaCI) = V ~'Y±(NaCI)exp[ 2S ] 

or 

° rr- E(NaCI) - EO(NaCI) 
ln 'Y±(NaCI) = ln 'Y±(NaCI) + ln V~ + 2S 

Following Lanier, eq. (7.13) is transformed to base ten logarithm as 

log ,±(NaCI) = log 'Y±(NaCI) + log j /(N~Cl)) + 

E(NaCl)-EO(NaCl) 
2(2.:J>3)S 

(7.12) 

(7.13) 

(7.14) 

Equation (7.14) was used to calcula~e the me an activity coefficient of NaCI in the 

mixture. A linear regression analysis was used to fit the experimental data obtained 

by eq. (7.14). Experîments were performed for three different total ionic streng ,hs 

of 1, 3 and 6 at 298.2 K. The experimental data were regressed by Harned's Rule 

formalism as follows, 

In the calculations of the me an activity coefficient, the calibration slope value of 

S=25.20 mv was used. Lanier used the Nernstian slope value of S=25.69 mv. Figures 

(7.1) to (7.3) show the logarithm oi the mean activity coefficient of NaCI versus the 

iOltic strength of NaN03 at total ionic strength one, three and six and 298.2 K. 

Table (7.1) shows the Harned's coefficients, 012, obtained by the present experiments 

and the coefficients reported by Lanier. As one can see the values differ slightly in the 
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third significant figure. Following Harned and Owen [65] the results wen' rt'ported 

with only three significant fignres for the present 2xperiments. This is consistent with 

the reproducihility of the present results. Jt should be mentioned that thert' an' ~ome 

important differences between Lanier's experiment and the present. study. LUlit'r in 

his measurements used an Agi AgCI (second kind electrode) as a refl>n'Ille ('Iedrode 

and in the present experiments a Cl-ISE was used as a reference electrode. An Orion 

sodium glass Ross electrode was used in the present study but Lanif'r used ct. Na glass 

electrode from Beckman. Lanier in his calculation of the mean activity ('()('flicil'Ill 

of NaCI in the mixed salt solution used the difference of the potentlal betwl'l'll tl'St 

solution and saturated binary NaCI solution. In the present experimellt.s, as shown 

in eq. (7.14), the di~erence of potential hetween the test solutlOn and the hinary 

NaCI solution at the same total ionic strength of the mixture was u1>('d. :\1> a Illlllor 

detail even the experirnental techniques were observed to be diffcrC'nt. In tlll~ work for 

each experiment the stock solution for a specified total ionic strf'ngt h wa1> pr(,p'lred 

separately. While Lanier initially prepared the concentrated stolk solutions for bot Il 

salts and then diluted the solutions to obtain solutions of totalloni\ strength OIW and 

three. Although we believe that Lamer introduced error by neglcctlIlg the lIItt'rft'fI'nCl' 

of nîtrtte ions towards the Cl-ISE, the same path for the sake of comparisoll of r(,~lrlts 

was followed. Finally, it is worth noticing that the mv meter used III rneasll renwnts ha.':> 

a precision of ±O.lmv. As shown by the calculations of the mt'an activity codli<.il'Ilt, 

a difference of ±O.Ol rnv in the emf values causes the IIarned 's cot'ffi( i(,llt 10 chang(' 

in its third significant figure. AIl the experirr.ental emf data for tll<' t(,1 Ilclry sy~tel1l 

NaCI-NaN03-H20 measured in this work are reported in Appcndix B. 

In conclusion, the emf experiments were successfully cdrrIcd out for ~aCl­

NaN03-H20 system and the results obtained for Harned's cœfficients are cornpdfable 

to Lanier's results in spi te of the different laboratory procedures, diffcrcnt elcctrodt's, 

different supplies of chemicals, etc. 
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Figure 7.1: Mean ionic activity coefficient of NaCI in aqueous 

solutions of NaCI and NaN03 at 1=1 and 298.2 K. 
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Figure 7.2: Mean activity coefficient of NaCI in aqueous 

solutions of NaCI and NaN03 at 1 =3 and 298.2 K. 

131 



"1 ... 

0.00 

-0.01 

-0.02 
• experlmental 

-0.03 

-0.04 
-- regresslon 

-0.05 

-0.06 

-0.07 

-0.08 

In~ ) -0.09 
± -0.10 

-0.11 

-0.12 

-0.13 

-0.14 

-0.15 

-0.16 

-0.17 

-0.18 

-0.19 

0.00 2.00 4.00 6.00 

Figure 7.3: Mean activity coefficient of NaCI in aqueous 

solutions of NaCI and NaN03 at 1=6 and 298.2 K. 
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Table 7.1: Harned's coefficient, 012, for the ternary system NaCl-N aN03-1I 20 at 
298.2 K. 

1/ Total Ionie Strength 1 1= 1 1=3 1=6 

Q12 (present study) 0.035 0.038 0.0:32 

a12 (Lanier) 0.0370 0.0336 0.03.5 

7.4 The Mean Activity Coefficient of NaBr in an 
Aqueous Solutions of NaBr and NaNO:3 

For the measurement of the mean activity coefficient of NaBr in the ternary aqueolls 

solution of NaBr and NaN03 the following cell was set up. 

Detector Electrode Ternary Solution 
NaBr(Itl 

Na-ISE NaN03 (hl 

Reference Electrode 
Bromide-ISE 

Single Junction Electrode 
Double Junction Electrode 

where Il = ml and /2 = m2 are the ionic strengths of NaBr and NaN03 in the t('rnary 

mixture. respectively. 

Initially, the experiment was started with the binary of Na13r ~oll\tion al 1=1 1 + 12, 

The potential of the Na-ISE was monitored against Br-ISE, and the SITlglt' ,Uld tl\(' 

double junction reference electrodes. Both the si.tgle and dot! ble Jllllct Ion P!cctrodcs 

were used to check the vdhdity of the measurements with the Br-ISE as a rcference 

electrode. Using the Nikolsky-Eisenman equation, the emf of the Na-ISE towards tl\(' 

Br-ISE as a reference electrode for the binary NaBr solution can 1)(' wriUf'll a!>. 

EO(NaBr) = E'(NaBr) + SIn aO(NaBr) (7.1.5) 

where: 
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(7.16) 

and S=25.465 mv, as obtained by the calibration described in the previous chapter. 

After adding NaN03 solution of the same total ionic strength as the ternary 

solution, the potential of the Na-ISE towards the Br-ISE in the ternary mixture is 

E(NaBr) = E'(NaBr) + Sin a(NaBr) (7.17) 

whcrc: 

(7.18) 

Subtracting eq. (7.16) from (7.1 i), one then obtains 

(N B ) O(N B) [E(NaBr) - EO(NaBr)] 
a a r = a a r exp S (7.19) 

where aO(NaBr) is the activity of NaBr in a binary NaBr-H20 solution of the total 

ionic strcngth J. By substituting eqs (7.16) and (7.18) in (7.19), one readily obtains 

(N B) {T 0 (N B ) [E(NaBr) - EO(NaBr)] 
i± a r = V Ï

1 
f± a r exp 2S (7.20) 

or 

1 (N B ) 1 ° (N B ) 1 fT E(NaBr) - EO(NaBr) 
n i± a r = n f± a r + n V Tt + 2S (7.21) 

Eq. (7.21) was used to calculate the logarithm of the mean activity coefficient of NaBr 

from cmf measurements. The measurements in the tcrnary aqueous system of NaBr 
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and NaN03 have been carried out at 298.2 K over the range of total iOllie st n'lIgt h 

0.3 to 6. AlI the original emf mv data and the numerical results of the r<,dllction of 

the data are shown in Appendix B. Figures (iA) to (7.11) show the chall~<' of the 

logarithm of the me an adivity coefficient of NaBr versus the ionic str('ngt h of Na~03 

at various total ionic strengths. As the figures show, the behavior of logarithlll of tht' 

mean ionic activity coefficient respect to the ionic strength of NaNO;] is lill('cH for ail 

the mixtures of constant total ionic strength studied here. Thercfor<, ont' can fit tht' 

experimental points by the Harned's Rule as: 

(i.22) 

AlI the experimental data were regressed by linear r<'gression analysis. Thp rt'sults 

for Harned's coefficients, regression coefficient and numher of <,xperinwntal points for 

each ex periment are shown in Table (7.2). 

The trace mean activity coefficient of NaBr in the ternary system NaRr-NaNO:I -

H20 can be calculated :.Ising the following equation 

which can be obtained from eq. (7.22) by substituting /2 = 1. As ('xplalIH'd 111 

Chapter 6, the data can also be fitted by the following expression 

ln 1±(NaBr) (7.2·1) 

which can be obtained by combinat ion of eqs (7.22) and (7.23). Equation (7.2·1) is 

very useful since it facilitates the cornparison of the rnean activity coefficient of Nal3r 

in ternary and binary systems. Figure (7.12) and Table (7 :J) show this cOJJlpari­

son. The straight lines were produced by eq. (7.24) for vanous total iOlllC :-,trt'Ilgths 

and the square symbols show the logarithm of the nwan activity CCWffiClt'llt of ~aBr 

in the binary mixture NaBr-H 20. The straight tilles are drawn throllgh tlJ{' corre­

sponding binary points at the same total ionic strengths. This kind of b<,havior was 
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Figure 7.4: Mean activity coefficient of NaBr in aqueous 

solutions of NaBr and NaN03 at 1=0.3 and 298.2 K. 
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-.... Table 7.2: lIarned's coefficients o~2 and 0:~1 for aqueous solutions of NaBr and NaN03 

at varions total ionie strength& and 298.2K. 

ln ï'±(NaBr) = ID"r±<NaBr) - obI2 

ln 'Y±(NaN03 ) = ln 'Yi, (NaN03 ) - o~111 

Total IOnie Strcngth 1=03 1=05 1=1 1=2 1=3 1=4 1=5" 1=6 

o~ 2 o 166 o 164 o 09\} 0.118 0.127 o 127 o 121 o 124 

o:!1 -0081 -0060 -0120 -0083 -0075 -0076 -0082 -0075 

o~ 2 + <l'21 0085 0104 -0030 0035 0051 0051 0039 0049 

correlatIOn 9971 9967 9974 9979 9992 9995 9991 9995 
cocfficlf'nl x 100 

No of Ob<;('fvatlOns 26 22 22 28 25 24 25 21 

Standard error of 0002 0002 0001 0001 0001 0001 0001 0001 
o~ 2 

• For 1=5, measurements were made wlth a d.fferent Br-ISE as explamed ln tins sectIOn 

also observed to be the eharaderistie of hydroehloric aeid in halide solutions [65]. 

From Table (ï.2), one ean see that within the aeeuracy of the present measurements, 

Harned's coefficient 0:;2 is virtually constant at total ionie strengths higher than two. 

At lower ionie strengths the value of 0:;2 deereases and it presents a minimum in the 

region of toLal ionie strength one with an increase at lower ionie strengths. The fad 

that at low ionic strengths 0;2 inereases and at high ionie strengths i \, levels off, has 

also bcen observed for other ternary systems su ch as HCl in CsCl, KCl, NaCl, etc 

[65]. ft wou Id have been desirable to repeat experiments to confirm the presence of 

a minimum of 0~2 as a function of J. However, experiments started from the high 

concentration regions and three Br-ISE's were damaged before reliable values could 

be obtained. ~leasurernents with a new (different) electrode ean, sometimes, produce 

variations as shown in Table (ï.2). Thus, the question whether or not there is a 

minimum remains unanswered. 
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Figure 7.12: Comparison of mean Ionie activity coefficient of 

NaBr in binary aqueous solution of NaBr and in ternary aqueous 

solutions of NaBr and NaN03 at various total ionic strengths 
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Table 7.3: Comparison of the mean ionie activity coefficient of NaBr in a binary 
aqueous solution of Nanr and in ternary aqueous solutions of NaBr and NaN03 at 
various total ionic strengths and 298.2 K. 

7.5 

Sm&ry (Exp) Ternary (ResreMon) 

molalily r± In( r±) Inh'±) 
NaBr 1-6 1 6 1_6 1 1-5 1 1-4 1_3 1 1-2 1=1 1=0.5 1-03 

0001 0965 -0036 -0513 -0525 -0.578 -0.578 -0553 -0.467 -0.444 -0376 
0002 0952 -0049 -0.513 -0525 -0578 -0578 -0.552 -0467 -0443 -0.376 
0005 0928 -0075 -0512 -0.524 -0.578 -0578 -0552 -0466 -0.443 -0.J75 
0010 0903 -0102 -0512 -0524 -0.577 -0.5TT -0552 -0466 -0442 -0374 
0020 0873 -0 136 -0511 -0523 -0576 -0576 -0550 -0465 -0.440 -0373 
00.50 0824 -0 194 -0507 -0.519 -0572 -0572 -0.547 -0.462 ·0436 -0368 
0,00 0783 -0245 ·0501 -0513 -0566 -0.566 -0.541 -0458 ·0427 -0360 
0200 0742 -0298 -0488 ·0 SOt -0553 -0553 -0529 -0449 -0.411 -0343 
0300 0720 -0329 -0476 -0489 -0540 -0540 -0.517 -0.44\ -0.3?J -0326 
0100 07()) -0348 -0464 -0477 -0528 -0528 -0505 -043- -0378 
0500 0697 -0361 -0451 -0465 -0515 -0.515 -0 194 -0.42l -0362 
0600 01>92 -0368 -0439 -0453 -0502 -0502 -0.482 -0413 
0700 0688 -0374 -0427 -0441 -0490 -0.400 -0 47') -0404 
0800 0687 -0375 -0414 -0429 -0477 -04TT -0458 -0395 
0900 0686 -0377 -0.402 ·0416 -0.464 -0464 -0447 -0386 
1000 0687 -0375 -0389 -0404 -0452 -0452 -0435 -0377 
1200 0691 -0370 -0365 -0380 -0426 -0426 -0411 
1400 0697 -0361 -0340 ·0356 -0401 -0401 -0388 
1600 0706 0348 -0315 ·0332 ·0.376 -0376 -0364 
1800 0717 -0333 -0291 ·0308 -0350 -0350 -0340 
lOOO 0.7:.ll -0315 ·0266 -0284 -0325 -0325 -0317 
2500 0768 -0264 ·0204 ·0223 ·0261 -0262 
3000 0816 -0203 -0142 ·0163 ·0198 -0.199 
3500 0871 -0 138 -0081 ·0103 -0 135 
4000 0934 -0068 ·0019 ·0042 -0071 
4500 1005 0005 0043 0018 
5000 1083 0080 0105 0078 
5500 1 169 0156 0167 
6000 1 261 0232 0228 

The Mean Activity Coefficient of NaN03 

Aqueous ~olutions of NaBr and NaN03 

• ln 

lni tially an at tempt was made to measure the emf of the N a- ISE wi th reference to the 

ND3 -ISE or to monitor the potential of the N03-ISE against double junction electrode 

so that the me an activity coefficient of NaN03 could be obtained directly. However 

it was observed that the data collected was Dot rerroducible, 1. e., the emf data 

obtained starting from the binary system of NaBr and us;.·1.g NaN03 as titrant was 

different [rom the data obtained with Nanr as titrant starting from the NaND3 binary 

system. In other words, it was concluded that the N03-ISE was not reversible in the 
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',1 

ternary NaBr-NaN03-H20 system. Therefore, following the discussion pn'scnt('(1 in 

Chapter 6, the mean activity coefficient of NaN03 was calculated using tlw Cibbs­

Duhem equation and Harned's Rule. 

As discussed in Chapter 6, if the activity coefficient of one of the salt s follows 

Harned's Rule, one can calculate the Harned's coefficient, a;l' for the second salt by 

the use of the equation 

(7.25 ) 

Following Chapter 6, and also discussed by Harned [651, the validity of cc}. (7.2,1)) is 

determined by the accuracy of the linear variation of the logarithrn of the me an ac­

tivity coefficients of the electrolytes at constant total ionie strengths. Thus lIarned'., 

Rule should be valid for both saits in order to apply equation (7.25). 011 the otl}('r 

hand Harned's Rule will be satisfied for the second salt if the following relatIOn is 

valid. 

(7.26) 

To test the validity of this equation, 0';2 is obtained by regressiv~ nf the pxpcrilI1ental 

data. As discussed by ÀkerlOf and Thomas [651, a;l can be evaluated assuming that 

ratio of mean ionic activity coefficients of the salts in the respective binaries is lincar 

at high total ionic strengths. As shown by Figure (7.13), the ratio of rnean activity 

coefficients for the binaries Na8r-H20 and NaN03 -H20 at high ionic strengths can 

be written as: 

ln 1'±(NaN03 ) = -l<' 1 
1'±(Na8r) 
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Substituting eq. (7.27) in (7.25) one readily obtains: 

(7.28) 

by combining eqs (7.27) and (7.28) 

( 0:' - 0:' )1 = ln ,±(NaN03) 
21 12 î±(NaBr) (7.29) 

One can also write the Harned's relations for NaN03 as 

(7.:30) 

and 

(7.:H) 

The trace mean activity coefficient of NaN03 can also be obtailH'd by substitut ing of 

Il = 1 in eq. (7.30), 

suhtracting eq. (7.23) from cq. (7.32) yields: 

ln ,:t(NaN03 ) = 
îr(NaBr) 

( -')')) 1 • tl .... 

(7.:J:J) 

Substitllting eq (7.29) in (7.33) one readily obtains the following relatIon I)l'tw(~'n 

the trace activity coefficients: 

(7 :J·I) 
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Table 7.4: The activity coefficient of trace electrolytes In the NaBr-NaN03-H20 
system at 298.2 K. 

Total Ionic Strength ln 'Y~(NaBr) In'Y~(NaN03) 

0.3 -0.376 -0.382 

0.5 -0.444 -0.451 

1 -0.467 -0.486 

2 -0.5t)3 -0.572 

3 -0.578 -0.603 

4 -0.578 -0.592 

.5 -0.525 -0.5.50 

6 -0.513 -0.539 

Tlwrcfore if the ratio of the mean activity coefficients in the binaries is linear, the 

m('an activity coefficients of trace electrolytes in the solution are egual. The Harned's 

codfic)('nt, o~p can he calculated either by eq. (7.28) at high ionic strengths, where 

the ratio of the mcan lonic activity coefficients in the binaries IS linear, or using cg. 

(7.25) by the ddferpnce of the osmotic coefficients of salts over wholc range of ionic 

-,trellgths. To hav(' consistent r('slllt5, the osmotlc co<'fficients of the salts rpported 

hy Hobinson and Stokps II 16] w('re us('d to calculate the values of n;1 whlch are 

"howlI in Tabll' (7.2). As IS cVldent Ifl Table (72), al lllgh concentratIOn of the salts 

in the mixt Urt'., o~2 does not change significantly with the total ionic strengths of 

the solutions and ('qu<iti, n (7.26) is "atl!>fied within expeflmental prror. Table (7..1) 

shows the tra«(' nH'an activlty coefficient of NaI3r and Na:-:03 at vanous total ionic 

st.rengt hs of the mIxture. Th('se ,race activity c()('fficients were calclliated using eqs 

(7.2:1) and (7.:l:,n and. to a reasonable degree, satisfy cq. (734). 

R('eapltlllatlIlg, the ('mf êell techlllqlle was used to obtain exp('rimental data 

for thl' nH'an acti\ Ity co('fficwnt of ~al3r in the ternary ~y~t0m NaBr-~aN01-B20. 

H.H!){'d'!> ('OCfIiCJ('lIt, 0;2' was cakulaU'd by regrcssioll analysls and ()~l was evaillated 

llsing cg. (7.25). :\dlvlty cuefficients of the trace salts were computt'd and It was 

found that both <tet 1 \'ity coefficients of the trace elect rolytes are nParly l'quaI. As 
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indicated by Harned and Owen [65], aIl these reslllts indicate that the lillt',u \ driatioll 

of Inï± as expressed by Harned's equations, is a good fir"t approxilIIdt ion alld (aIl }H' 

utilized in the treatment of many mixtures. 

With the above elements in mind, crrors and drift can be dlsclIs!'>{'d F'\P('IIIIl('n­

tal errors in the measurements come from various sources. One of tlw Illost IIl1porLlIlt 

sources of uncertainty cornes from the precision of the mdlivolt (IllV) nJC'd!'>lIrt'llll'nts 

As discussed by Harned [65], for 1-1 Halide mixtures, errors in the ('lIJf of ±O,I. ±O '2 

and ±O.2 mv at total ionic strength 0.5, 1 and:3 m, respectlvely, Cdll!'>(' cUl ('llOr III 0;2 

almost equal to ±0.01, ±O.Ol and ±O.005 (based on the lIatural loganthlll) ell ! 1\(':,(. 

ionic strengths. Thus, the errors are more pronouncf'd at IOnIC :-,tn'n~t h!'> 1,,:-,:, ! hall 

unity. Although it IS difficult to estlmate the crrors, th(' COII!:>I!:>teIlCj of 1 Ill' r""tdh 

shows that for the present measurements an accllracy ln 0;2 of ±O (JO.") étl hlp;h IUIII( 

strengths and ±O.Ol at low iOlllc strengths may bl' obtalfwd Thl' cH (tIret( y of o~1 I!'> 

less certain so that one may e'{peet an error of ±O.O 1 for IlIgh 101liC "t n'Ilp;! h:-, ellld 

±O.02 for low iOlllc strl'ngths. 

Another source of error is the electrode dnft Following Frel!:>('r\; di:,( Il'':--1011 [17]. 

the drift in ISE's can usually be categorized as olle of thre(' type,,> (1).\ pelredl('1 

drift characterized by a shift of the eabbration Illle for an electrolj tl' "j :-,kIll III \\ IlIch 

the slope of the lme docs not change. (2) A con( entrat IOn-<!"lwlld('llt dIlft O( ( IIr" 

when the slope of the eailbratlOn Ilne changes. "for (''{.lmpl", 011(' IIl1gh! ol)"'('r\{, 

a negative emf dnft at high concentration and a p051t ln' (II 1ft dt low (UIJ( ('lit Ici! 1011 

Normally, the drift results in a deereas(' in the 'ilope of t}l(' calihrett 1011 11111' IIHII( ct! 1 III!; ét 

degradation in the e1ectrode response (!:>ub-~'h'rn!'>tialJ).~ Till::' l'fred 1"> lIHht (OlllllloIdy 

observed wIth liquid ISE's. Fortunately in the lTH'aS1lfcIn('nb of \etl3r-\et\Ol-1I 20 

system, this kind of drift is not applJcable. (:3) :-\ ralldoTll dnft Ch,Hél( terl/('d Ily t II<' 

absence of a regular trend, I.e., non-uniform both in the dm'ctlOn éllld Illdglll!ud" of 

the drift. This kind of drift usually happens wlth the ('Ipc! rod",> wlllCh clTC t1~('d lIlemy 

times, partic:ularly at high concentratIons It 15 irnpos'>lhle tü corrpct 1 hl"> tj 1)(' of dnft 

reliablyand the use of a brand new clf'ctrode IS n'qlllr('d It "hould 1)(' Il1t'lItio!l(·d that 

in the present measurements thr('f' Br-ISE's were tl~ed. t'!:>lIlg a Il('W (·1(·( trocl(' Il('('(b d 

new calibratlOn. Morcover. a new electrode ha..., ddrereIlt lot nlllIll)('r a!ld It met'y hd\\' a 

different asymmetry potcntial. Tc'mpf'rature fiue tuatlOn'i, an un!:>tablf' IIqllId jUllction, 
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excessive ccII resistanœ, non-equilibrium state of the system, pressure variations, etc 

are examples of other causes of potential drift. In dilute mixtures drifts are more 

pronounccd because the equilibrium potential will be approached more slowly. 

In the present expenments pure deionized water was used to prepare the stock 

solutions. In sorne cases it was forced to use different lot numbers of reagent salts 

and this may result in errors III the comparison of the experimental results. Also, 

sam pie cakulations showed that within the precision of the mv meter (±O.l) used in 

this work, the third decimal place of a~2 is only approximate. 

Following lIarned [6.5], in a ternary system with a common ion, the following 

relations are valid, if the assumption of specifie ionic interaction of Bronsted is true, 

for the ternary system. 

1 Ir 1 Ir 
n I±I = n 1±2 

(ï.35) 

(ï.36) 

Although for the present system the activity coefficients of the trace el"'ctrolytes are 

almost equal, o~2 is not equal to -a~1 as it can be seen from Table (ï.2). This may 

he due to pxperimental prrors discussed above or it may suggest that the theory of 

Bronstt'd, wlllch leads to the result that the sum of Harned's coefficients is zero, is 

not stnctly valid due to the t'ffect of the tr:rd ion. 

7.6 The Mean Activity Coefficient of NaBr in an 
Aqueous Solutions of NaBr and Ca(N03)2 

The ternary system î\ .lI3r-Ca(N03)rIl20 consists of four different ions 50 that the 

same information on the system can also in principle be obtained from the ternary 

system NaN03-CaUrrIl20. IIowever the pieparation of the mixture from NaBr and 

('a(N03)l 15 f'a...,ier than from NaN03 and CaBr:!, because CaI3r2 is a very hygroscopic 

material and IS dtfficult to prepare with hlgh puri ty. In fact, a mixt ure of these four 

ions r('sult5 in four lI]('an ionie activlty coefficients as follows: 
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( i.:3ï) 

(7.:J8) 

(ï.39) 

(ï..tO) 

Ali four mean activity coefficients are not independent and are related by t.h(' followillg 

equation 

'Yl(Ca(N03 h) 
'Yf( CaBr2) (ï ·11 ) 

Therefore knowing three me an activity coefficients, one can obtalll th(' foml Il frolll l'q. 

(7.41). Nevertheless it is practically Impossible tü measun' 1 he rl.( 1 inl 1(':, of I!H' ('d ++ 

and N03" ions due to the IlIterference of nitrate ions wlth the Ca-ISE as dl~cl1~~l'd ill 

Chapter 6 and the irreversibility of the ~OTISE r(,spoll~(, a.s shown If\ tilt' pWVIOU'> 

section. Thus, the ollly cholcc is to rneasure the mean iOIl ie act 1 .. 1 ty co('fficit'Il, (Jf :\ rdh 

as it was performed for the NaBr-:.Ia:.I03 -H 20 Sy..,telll, lIow('\('r Iht' 1IJ(,(blln'lIl1'lll~ 

were limited to high iOnlc strengths in whlch the 'if'If'ctlVlly «)('fficII'1l1 of :\rl-ISE 

towards Catt ions is very low ('~ing the c('l1 arrang('IlH'llt d(,~(rJf)('d III ('hclpl(·r G, 

one can write the same equation as obtamed for the :--:aBr-:--:a:\O I-II.,!O '>y~t..lII, L (" 

( B) O(N B) [E(NaBr) - EO(:\faBr)] a Na r - a 1 a r exp S (ï,·12) 

where: 

(ï,·n) 

a(NaBr) = [h±(8aBrW (ï.I·I) 
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J3y substitllting eqs (7.43) and (7.44) in (7.42) and taking logarithms, one obtains. 

1 (N B ) 1 O(N B) 1 / E(NaBr) - EO(NaBr) 
n I± a r = n I± a r + n /1 + 2S (7.45) 

The emf data measllrements were reduced using eq. (7.45) in order to evaluate the 

logarithm of mean activity coefficient of NaBr in the NaBr-Ca(N03 h-H20 system. 

Figures (7.14) to (7.16) show the logarithm of the mean activity coefficient of NaBr 

in the t.ernary system at total ionic strengths 3, 4.5 and 6 and 298.2 K. The numerical 

results are presentoo in Appendix C. As before, the data were fit by linear regression 

and I1arned's model was Ilsed as follows: 

(7.46) 

where 

(7.4 7) 

Table (7 .. 5) shows the resllit of Harned's rule. As one can see this model properly fit 

the data at total ionic strengths 3 to 6. The trace activity coefficient of the NaBr 

can be olltai ncd &"i 

(7.48) 

where 

/ = m(NaBr) + 3m( Ca(N03h) (7.49) 

One can also write: 

(7.50) 
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Figure 7.14: Mean activity coefficient of NaBr in aqueous 

solutions of NaBr and Ca(N03 h at 1 =3 and 298.2 K. 
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Figure 7.15: Mean activity coefficient of NaBr in aqueous 

solutions of NaBr and Ca(N03)2 at 1 =4.5 and 298.2 K. 
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Figure 7.16: Mean activity coefficient of Na8r in aqueous 

solutions of NaBr and Ca(N03 h at 1==6 and 298.2 K. 
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Table 7.5: Harned's coefficients 0'~2 for the mean ionic activity coefficients of NaBr in 
aqueous solutions of NaBr and Ca(N03h at various total ionic strengths and 298.2 K. 

Il -- Il 
Total Ionie Stre~gth 1=3 1=4.5 1=6 

f"- I 0.090 0.095 0.107 °12 

ln 1±(NaBr) -0.199 0.010 0.23~ 

correlation coefficient 99.70 99.95 99.90 
x 100 

No. of ObservatIOns 23 24 25 

Standard error of 0.001 0.001 0.001 
1 

°12 

The trace activity coefficient of NaBr can be evaillated by either eq. (7.48) or eq. 

(7.50). 

7.7 The Mean Activity Coefficient of Ca(N03)2 
in Aqueous Solutions of NaBr and Ca(N03)2 

Il was initially a!>sumcd that Harned's Rule also applies for Ca(N03 b 50 that, using 

eq. (6.:36), tht' following eqllation should hold, 

? 1 + 1 t ~o 12 021 = cons tan (7.51) 

However equation (7.51) is not valid. Then, higher order coefficients were used 

(7.52) 

wht>re: 
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Following the discussion of Chapter 6 and using eqs (6.43) and (6..15), olle readily 

writes: 

( ï.5:J) 

, d 1 1±2 +?I aa; 2 2' 
a 21 - dl n b±1)2 - al + a 12 (ï.54 ) 

As explained ir Chapter 6, the limits of the line 0;1 + j3~Jl at 11 =0 clnd 11=1 can hl' 

calculated hy eqs (ï.54) and (7.53) respectively. Having two pOlllb of tIlts lill(" (1)(' 

can calculate the slope to find the value of J~l provided that tIlt' fllll< t ion (}~I + d~1/1 
is a linear function. Then eq. (642) can be used ta gf't val lit''; of ()~I + .1~1/1 ,ü 

different values of Il' OIle needs the values of a;l at low total IOllie ..,t rl'lIl!;t h "'0 that 

eq (6.42) can be uscd. However these \alups of 0;2 are Ilot a\,lila~)I(' clt low 10111< 

strengths and they can not be obtained by extrapolatIOn bt'CclU..,<' 0; 2 lII,lY (hall~(' 

more rapidly with the total iOlllc strcngth In dtlutc '5011ltlC)n~ Ollt' altern,tll\(' I~ to 

assume that the function is linear and evaluate the slop<' by twu pOlllb .1,1 11=0 alld 

Il =1. Harned's coefficients, 0;2' can then be expr('ssed by lint>ar ('qu,üioll 

a~2 - 0.0724 + 0.0056 1 (ï .. 1.1) 

Figure (7.17) shows the ratio of the mean activity coefficipnt of :-';aBr ami C'a(;-';Olh 

in their respective hinaries that can he correlat pd by th(' followiIlg n'lat ion. 

ln 1±2 -0.110.1 - 0.3463 1 + 0.2704 v'ï b±I)2 = 

15.5 
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Figure 7.17: Logarithm of the ratio of the mean activity coefficient 

of Ca(N03)2 and the square mean activity coefficient of NaBr in 

the respective binary solutions at the same ionic strength of the 

ternary system at 298.2 K . 
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Table (7.6) was constructed using eqs (7.53) and (i ,54). As 01H' can SPI' from Ta­

ble (7.6), the first order Harned's Rule is not enough to approximate tl1<' liH'an artiv­

ity coefficient of Ca(N03 h because eq. (7.51) is not valid. For Ca(:"JO.lh. usillg t'q. 

(6.34), the following equation for the temary system Ca(N03 h-NaBr-lI l 0 should he 

sath,fied. 

(7.56) 

Table 7.6: Harned's coefficients Q~l and /3~1 for the me an ionic activity coellicil'Ilt of 
Ca(N03h in aqueous solutions of NaBr and Ca(N03 h at various total iOlli< strengt hs 
and 298.2 K 

Tot -.1 Ionic 1 
0:21 20:;2 + 0:~1 Q~l + i3~1 1 d~1 ,) , -1 ' + ,) 1 i' _0: 12 - (} 21 •• 1 lt 

Strength 

3 -0.054 0.127 -0.06·1 -0.00·1 () lOG 

4.5 -0.042 0.148 -0.073 -0.007 0.08!) 

6 -0.009 0.205 -0.076 -0.011 0072 

Although from Table (7.6) it is possible to detect a trend in the value of the sum 

given by eq. (7.56), as an approximation within the experinwnt dl crror tl\{' SUIl1 

can be considered as constant. Tht' ' of more coefficwnts t'> Ilot ill~t tfit'd with 

the accuracy of our measurements. A::. one can see from Table (7.6) olle rlllght also 

conclude that /3~l approaches zero at lower ionie strengths. l.f • Ihat IIJ(' Ca(\'Od2 

follows Harned's Rule at very 10w total ionie strengths Followillg U\(' dt:-'CIl,,:-.tOIl of 

errors in the previous section, the rl'~ults show that for the pr('.,('lIl lllPa:-'lllt'!Ilt'llt., one 

may expect an accuracy In 0:;2 of ±0.005 and in 0:;1 of ±O.Ol al Illg,h tOIllC .,tn·ngths. 

If eq. (7.56) is assumed valid, the activily coefficient of trace Caf ~o Ih ("an 

then be evaluated by the following equation. 
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1 tr 1 0 , 1 /3' 12 
n 1±2 = n 1±2 - 0'21 - 21 (7.57) 

The activity coefficients of both trace electrolytes in ternary system NaBr-Ca(N03h­
H20 are shown in Table (7.7). 

Table 7.7: The activity coefficient of trace electrolytes in the NaBr-Ca(N03h-H20 
system al 298.2 K. 

Tota! Ionie Strength In,r(NaBr) Inï~(Ca(N03 )z) 

3 -0.475 1 
-0.887 

·L5 -0.423 -0.7.5-1 

6 -0.412 -0.608 
. 

7.8 Synopsis 

In conclusion, in this chapter the selectivity coefficients of nitrate, sodium and calcium 

ISE's were determincd by separate solution technique. It was found that Br-ISE does 

not interfefc Wlt h the oUler ions and it was observed that the selectivity coefficient 

of Na-ISE Cdn be neglected, particularly at high concentrations of interfering ions. 

The experimcntal cmf data were rerluced for three ternary system, NaCI-NaN03-

H10, NaUr-NaN03-II 20 and NaBr-Ca(N03h-I120. The me an activity coefficients 

of NaCl and NaBr in these ternary systems were obtained by the emf ceIls using 

ISE's. The fIarned's coefficient, O'~2' for these ternary systems were evaluated by 

lincar regression andlysis of the experimental data. The lIarned's coefficients ,Q~l' for 

NaBr-NaNOJ-H 20 system WaI, calculated using the Gibbs-Duhem equation. It was 

observed that the mean activity coefficient of calcium nitrate in the NaBr-Ca(N03h­
IbO systt'lTI dCA'~ not follow lIarned's Rule. A second arder correction, f3~I' was used 

for mean acLivlty coefficient of calcium nitrate and bath coefficients, C\'~I and t3~1l 

wert> evalual.ed using ~laxwell's relations of the mt:~n ar~lvity codficients of NaBr 

and Ca( NO~,b. 
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Chapter 8 

A Novel Mixing Rule for 
Multicomponent Electrolyte Solutions 

Models for binary electrolyte systems review('d in Chapler :J are extelld(·d 1,0 

multicomponrnt aqu<ous electrolyte mixtures [136]. The rnodels wlllch ha\'(' 1)('('11 

most widely used fOI ternary systems are the Meissner [92] and the Pit.~('r [1 Ol 

104,1O.5.106J models. We will not elaborate on the use of llH'se rno«h·l~ bel'(' III 

this chapter, a new Harned's Rule formuldtion wIll 1)(' discussed and t he NI, rL-;"I1tF 

model will be extended for ternar)' systems using suitahle tnlxing rulc',;; for :'-iRF nH'illl 

activity coefficients. 

8.1 Modelling Harned's Coefficient 

Harned's Rule, as discussed in Chapter 6, can be written as: 

(8.1 ) 

and 
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(8.2) 

As discusscd in Chapter 7, most aqueous electrolyte ternary systems ohey 

Ilarned's Rule. Thus having an estimate of Harned's coefficients would permit the 

use of the Harned 's expression to approximate the mean activity coefficient data in 

ternary electrolyte systems. If the activity coefficient of the trace clectrolyte in the 

mixture is availahlc, ming eq. (8.2) Harned's coefficient, o~2' is obtained as 

1 0 1 Ir n-Y±I - n Î±I 
1 

Ry combining rqs (8.1) and (8.3), one can readily obtain 

1 1 0 12 ( 1 0 1 Ir ) 
n~f±1 = n'±1 - T nÎ±1 - n,±1 

From where, we obtain the limits 

II -+ 1 ; 12 -+ 0 then ln Î±I --+ ln IfI 

(8.3) 

(8.4) 

Thus relation (8.3) gives the correct limiting behavior for a ternary system which 

follows IIarnpd's R u}('. Thcrcforc having the activity coefficient of the trace electrolyte 

allows the calcnlation of the Harned '5 coefficient from data of the binary systems. 

8.2 The Extension of the NRTL-NRF Madel to 
Ternary Systems 

As discussed in Chapter 4, using NRTL-NRF model the mean activity coefficient of 

plectrolyte "ij" in a multicomponent system can be written as: 

(8.5) 
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where In(T±.))DII is considered to be an extended Dchye-lIück('1 forlll COTllIllUn lo ail 

eleetrolytes, 

(8.G) 

with 

J(I) 
-AVÏ 

-
1 + B0 (8. i) 

For a ternary aqurous system which ronsIsts of two salts. Ill!' lirst fOlIlH'd by 

ions J and 2 and the second by ions :1 and·t. the mean activily ((wflici"111 of (,<l,1! of 

the electrolytes ln the respective binary solutions of a sIngle ('1(,( tlOlylp ill w,tter cll 

the same total ionie strrngth 1 can be writtrn as 

(K !)) 

Multiplying eq. (8.8) by Z3Z4 and eq. (8.9) by Zl Z2 and subtréH ting, O[)(' ll'adtly 

obtains 

(8 10) 

After adetailed consideration of the mixing mIes available in the ltteratuf(> [(j.l,n] alld 

sorne systernatic trials, wc postulatr the following mixing rule ta obtain :--; HTL·~ RF 

mean activity coefficient for elt'drolyte 1 or 12. 

F ( a )ZJ Z2 (ù )ZI Z. 
1 ( ) 1 ( 0 ) \:l[}r(3)1 T±12 NRF + "'(,1) 111 1±12 ::H~' ) (':>.11) n i±12 NRF = n 1±12 NRF - ? n a ZI Z2 1 (1" )2122 0 

~ (T±32)NRF ±ll l'oR~ 
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·ff 

whpre K 2 =1 if the tcrnary system has a cornmon cation (ion l, 1±12 = 1±32) or 

,ommon anion (IOn 2. 1±12 = 1±14) and K 2 =2 if the ternary system is without a 

rom mon ion. Hf>re odd nurnbers stand for cations and even numbers for anions. 

WllPn a singlp number follows the symbol I± it refers to the elcdrolyte or salt and 

wh('n two numbcrs follow (one odd and one even) they refer to the ions forming the 

salt. Thus I±I = I±Il and ~f±2 = Î±34' In addition, wc define, 

wherc by COllvf>ntioll the numbets following in parenthesis refer to an ion and not to 

a salt. The exponcnls Z,Z) of eq. (8.11) were suggested by the form of eg (8.10). 

A simildr f'qudtioll can be written for the other ('lectrolyte~ For example, the 

:--lRF !lwan actlvlty roefficient of el('ctrolyte 2 formed by Ions :3 and -lIS written as 

wll<'re 

F( 1) = 

- Z2 III ml 2 

2! 

Similarly KI=1 if the ternary system has a cornmon céttion (ion 3, I±J4 = 1±14) or 

a common dllion (ion .1. 1±34 = 1±32 ) and 1\.1=2 if the ternary system i5 without 

a common iOll. For the t<>rnary system NaI3r(l)-NaN03(2)-I!20(3) formet! by ions 

:--la+(1), Br-(2) and NOJ(·t) in which ZI=Z2=Z4=1 and Y(-I)=Y2=12 /I; eq. (8.11) 

15 simplificd as follows 
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...... 

l ') 1 ( 0 ) ~V2[ln b±I)NRF] n("Y±1 NRF = n 1±1 NRF - l~ 
2 ("Y±2 )NRF 

(S.I :3) 

where 1 stand for NaBr and 2 for NaN03. Thus eq. (8.10), for ail billMi('s of the 

type 1-1/1-1, 2-2/2-2 and even for 1-2/1-2 systems, is written as: 

ln "Y±1 = ln b±l )NRF 
"Y±2 ("Y±2)NRF 

(8.1·1 ) 

As one can see from eq. (S.6), the Debye-Hiickel mean activity codfiri(,llb of both 

salts in a ternary system are equivaient to Debye-Hiirkel mean é1 Livity codfiC'lents 

of the salts in the binaries at the same total iOnlc strPngt hast}l(' t l'rnary !>yst('m 

Then, subtracting eq. (S.S) from (8.5) 

(S. \.1) 

Substituting eq. (8.13) in (S.1.5) and lIsing the relation (8.1·1), OI1P [l'(HIII) obt<lil1!> 

ln "Y±I _ Inl~1 - .!i. ln 11:1 
21 Î±2 

(8.1 (i) 

'1' (8.16) gives the mean actlvity coefficient of e1ectrolyte 1 in t}l(' t(·rtlary '>y!>fI>m 

using binary data only. The activit.y coefficient of trace salt 1 r,Ul bp ohtitlIlI'd frolll 

eq. (8.16) whcn 12 approaches J. 

or 

""Ir 
1±1 (S.17 ) 
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( On the other hand by substituting the activity coefficient of trace electrolyte, l.e, eq. 

(8.17), into Cf!. (8.3) onc obtains Harned's coefficient as: 

= _1 ln I±l 
21 1±2 

(8.18) 

Thereforp using eq. (8.17) for the trace activity coefficient of electrolyte "1" results 

in the sarn(' form of Harned's Rule if we either use the Harned's coefficient given by 

('q. (83) or if wc lI~e the NRTL-NRF model, I.e, eq. (fU8). 

Similarly for elcctrolyte 2 one readily obtains: 

,Ir 
±2 = (Î~I Î~2)1/2 (8.19) 

1 _1 ln 1±2 0'21 = 
21 11:1 

(8.20) 

Tlwrcfore for ]-1/1-1 ternary systems, using eqs (8.li), (8.18), (8.19) and (8.20) one 

obtains 

Ir 
Î±2 (8.21) 

(8.22) 

Harncd and Robinson [6·l] , usmg the Bronsted thf'ory for the mcan activity 

codficients of salts, obtained the relation givcn by eq. (8.1 i) for the trace mean 

activity (,OI'ffic\t'nt of salts in 1-1/1-1 elcctrolyte ternary systems. Meissncr and Kusik 

[91] propq~('d a mixing rul!' for the reduced mean activity coefficient of salts and 

obtalOed f'q (S.l il for the mean actlvity coefficient of trace elcctrolytes. 

Similally for a ternary system wlth common anion (Z2= 1) and two cations 

(ZI=l.Z3=~l cq. (S.11) can be written as: 

1 () 1 ( 0 ) !}',[In (Î±l)~RFl Il Î±l >;RF = Il Î±l NRF - • 
3 (,±2)NRF 

(8.23) 
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and eq. (8.10) takes the form 

(S.'2 t) 

By substituting eq (8.24) in (8.23), the NRF mean activity codficÎ('nt of t'l('drolyl<' 

1 can be expressed as 

(S 25) 

Using eqs (8.5). (8.6) and (8.25) 

The mean activity coefficient of electrolytc l in its binary aqlwolls "iolutlo!l ,ll tlU' 

same total ionie strength as the ternary system can be written a~ 

(S 2ï) 

Subtracting eq. (8.2i) from (8.26) and uSlng Y2=I.dI. 

ln I±I 

When 12=1, then the trace mcan aetivity coefficient of ('I('ctrolytc l is H'<ldily 01>1 <l11I1'd 

as 

tr (0 0) 1/3 
I±l = 1±1/±2 (S :2!l) 

and, using eq (8.28), I1arned's c()('fficH'nt, Q~2' can be wntl<'11 as 
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1 1 1 h±d2 
1 (1 a 1 tr) 

0'12 - 3/ n 1±2 = 1 llÎ±l - n'±l (8.30) 

USIng a .,irnilar approach, the same form of equations (8.29) and (8.30) can be ob­

tained for a t.ernary system with common cation (ZI=l) and two anions (Z2=1, Z4=2). 

For a tf'rnary system without a common ion and involving a bivalent ion, such as 

an aqllf'Oll~ 'lOllltlofl of NaBr and Ca(N03h, one can use the same approach starting 

from f'qs (8.11) and (8.12). The expressions for the trace rnean activity coefficients 

of salts in the t('rnary system ~aBr-Ca(N03h-H20 will be developed in the next 

s('ctions 

8.2.1 New flarned's Formulation for Ternary Systems with 
a Common Ion 

I1avlIlg the 1I\(',1ll tlctnity coefficient of the tr<::.ce e1ectrolyte by eq (8 17) permits the 

u!-!(' of ('q. (~:I) or (~ 18) to t"'valuate IIarned's coefficient 0';2 for tf'rnary systems with 

a COlllmun ion. t'!-!Ing Pq. (8.3), tht"' formai Harll"d"s coefficient used 1Il htcrature 

wlll( h IIS(,~ t Iw IM!->f' ten loganthm lO'itf'ad of the naturalloganthm can be wntten as: 

1 tr 
og Î±I 

1 
0'\2 

ln (ID) 

ln ..,tr 
~ 
2.30:3 

1 a 1 tr 
n'±1 - nÎ±1 

2.:103/ 
(8.31) 

(8.32) 

Tabl{' (8.1) ~how!-> t he values of I1arned's coefficients and activlty coefficIents of trace 

NaCI ('val1latt·d by eqs (8 :H), (8.32) and (8.17) for various uni-univalent ternary sys­

t('ms w1th a lOIlllllon IOn. As one can spc from Table (8.1), the calculated values of 

trace actl\"lty «wffi,ipnt and Harnf'd's codfiClC'nt, Q12, of ;'\laCl III the ternary system 

~a( 'I-Nal\O,\-H10 arC' 1II excellent agreement with expenmental data wlthin experi­

lIlt'ntal ('rror The calculated r(,511lts for the ternary sy~tems [\;aCI-:\"aC 2 H30 2-Jl..10 

and :\".I{'l );aC'IO.-II10 at low iOlllc strf'Ilgth (I=1) arc very clo~e to the experi-

1lH'llt.d d.lLl HO\\"('\'('r at high IOI1le strength one can ob~ene a diffe[{.'nce betwœn 

t ht' ('~ (lt'f1I1H'lIt al .Uld the (' alclllated values of the trace activl t v cOl~mcient and the 

166 



'. 

Table 8.1: Comparison of the trace mean actlvity coefficient of ~ arl éllld Il,lr!H'd's 
coefficient, Û'12, for uni-univalent electrolyte ternary systems". 

Ternary Total IOnIe log ,r(NaC'l) °12 

System Strength(I) Exp Cale Exp Cale 

NaCI 1 -0.1.18 -0 1.52 -002 t o O:Hl 

& NaC2H30 2 3 -0.112 -0 OTT -0 0 Il -002.\ 
-

NaCI 1 -0.219 -0.221 o O.~7 () IHq 

& :3 -0 2-! ï -0 2');J O.UJ 1 o O. \.-) 

~aNOJ 6 -0.216 -021K () ln .... ) () OT) 

NaCI i -0 I~~ -0 1 !)2 o (JOO () (l! 0 

& :3 -0 1.').5 o 1 S() o O(l:~ (}Ull 

NaCIO-t 6 --0066 -008ï o OIU o 0 J.~ 

* The expf'rimental Jata w('ft' rf'porkd b~ Lanwr [~~:!] 

Harned's coefficie'nt of ;.iaCI. Table (8 2) ..,hows thl' r('~ulls of trclCt' at Ilvlly cO('f!it \t'lit. 

and Harned's coeffiCIent for other tt'rnary "j'stems wil h a commun Ion (aleulclll'd Il''­

ing eqs (829) and (8.:30) As Table (8.2) shows. the calculated r('~lIlh al low iOllle 

strength arc very c!o:-,<> to the experiment,d data. Fur f'xamplt>, th<> (dl( u!cul'd Ilan' 

activity cOf'fficient and the lIarned's coeffiCIent of :\a( '1 In aqueOll .... "olut ion.., of :\,!('I 

and a 2- 1 electrol~ te Wlt h cornillon ion ('1- arf' III excellent dgW('Il1<'1l1 WI th l'XIH'r­

imental data at an iOIllC strl'ngth one. At hlgh IOnlC str<>nglh ... Ihert' 1" ,l dIlr<'f('Il«' 

betwœn the calculated and experirnt'ntal data. Tl.,· d('viatlUlI~ 1)('1 \\1'('11 (,dt ul,llt'd 

and expenmental \alu('s at hlgh IOIllC str(,llgths nlcly IH' dUt' to IOd( (IIrcil (' billM}' or 

ternary data or perhaps the invalIdily of the 13romkd t1H'ory at 11lgh IlIlIl< .... trl'lIg1 l, .... 

10 ternary systf'rns Thi~ thf'ory was u "t'd ru, a gUIde 1 Il t II(' dl'r! \ at iUII of 1 LlrJlI'd"" 

Ru!e and abu ~ a bast' for 1 h·~ :\HTL-:\HF mode!. TIll' ('xpt'nrI "'lIt,tl "IIlilr~ dùLl 

which were taken from the' tabulat ion of HoblIlSOll and Stokes [1 1 hl. an' "l1owlI by 

Table (8.3). 
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Table 8.2: Comparison of the trace mean activity coefficient of NaCI and Harned's 
coefficient, 0'12' for non uni-univalent electrolyte ternary systems*. 

Ternary Total Ionie log,~(NaCI) 0'12 

System Strength(I) Exp Cale Exp Cale 

NdCl 1 -0.2·13 -0.2:30 0.061 0.0,l8 

& :3 -0.30i -0.2ï9 00.54 0.Ot2 

Na1SOl 6 -0.306 -0.2ï2 0.050 O.OH 

NaCI 1 -0.168 -0.168 -0.015 -0 014 

& 3 -0.11.5 -0.130 -0.010 -0 00.5 

MgCl 2 () 0.030 0.00.3 -0.006 -0.002 

NaCI 1 -0.1 i8 -0.1 ï.5 -0.004 -O.OOi 

& :3 -0.1·10 -0.149 -0.002 0001 

CaCIz 6 -0.014 -0.036 0.001 000.5 

NaCI 1 -0.182 -0.180 0.000 -0002 

& 3 -0.1.52 -0.160 0.002 0.005 

SrCl2 6 -0.042 - 0059 C 006 0.009 

NaCI 1 --0.190 -0.18ï O.OOï 0.00.5 

& 3 -0.18i -0 181 001:3 0.012 

BaCh 6 -0.153 --0 13ï 0.019 0.013 

* The expenrnental delta were reported by Lanier [83] 
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Table 8.3: Experimental mean activity coefficients of various salts in binary aqueO\lS 
solutions at 298.15K. (the values for NaCI at 1=5 are log I±l =-0.058 and for BaCb 
at 1=5, log 1±2 = -0.352) 

Binary log,± 

Solution 1=1 1=3 1=6 

NaCI -0.182 -0.146 -0.006 

NaC2H3 0 2 -0.121 -0.008 -

Na2S04 -0.509 -0.690 -0.811 

NaN03 -0.261 -0.360 -0.43"1-

l\aCI04 -C.201 -O.~ 14 -0.169 

MgCI 2 -0.323 -0.245 -0022 

CaCl2 -O.3·t4 -0.301 -0.101 

Srel;: -0.:l57 -0.333 -0.171 

BaCb -0.379 -0.397 -

8.2.2 The Rule for Aqueous Solutions of NaBr and NaNOa 

Using eqs (8.17), (8.18) and (8.20), the trace activity coefficient of N aRr and NaN03 

in the ternary system NaBr-~aN03-H20 can be written as: 

(8.33) 

(8.34) 

Eq. (8.34) can be manipulated to obtain the Collowing relations. 

(8.35) 
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(8.36) 

As one can see, eq. (8.36) is equivalent to eq. (7.29) which was obtained for the case 

when the logarithm of the ratio of mean activity coefficients of the binary solutions 

was linear with respect to 1. Table (8.4) shows the experimental and the calculated 

values of trace mean activity coefficient and Harned's coefficient, a~2' of NaBr. Sim­

ilarly Table (8},) shows t.h" results for NaN03 • As one can see from Joth tables 

the activIty coefficient of trace electrolytes at low ionic strengths are close to the 

experimental values within experimental error. However at high ionic strengths the 

deviatlOn from experirnental values becomes larger. Following the specifie ionic inter­

action theory of the Bronsted, thc trace activity coefficient calculated byeq. (8.33) 

is for low ionic strengths. For high ionic strengths the Bronsted theory is not valid so 

that the geornetric rnean of activity coefficient of pure binaries may not be suitable 

for the calculation of the activity coefficient of the trace salts. 

The NRTL-NRF model, eq. (8.11), is based on the specific ionic interaction of 

the Bronsted which rneans that there are no interactions between the ionic species 

of the same sign. In this case, as was discussed previously, the sum of Harned's 

coefficients is zero and the activity coefficient of trace electrolytes are equal. The 

model was used for different ternary systems. In fact, the model works perfectly 

for sorne 1-1/1-1 ternary systems such as NaCI-NaNO:r H20 for which the sum of 

IIarned's coefficients are actually zero. However as can be seen from Table (7.2), the 

sum of the coefficients are not zero for the NaBr-NaN03-·H 2 0 system although the 

SUIllS are almost constant: The difference between experimental and calculated a~2 

and a~1 is almost ±O.02 at high IOllIC strengths. There are two ways of interpreting 

this difference, the first one is that the ternary system NaBr-NaN03 - H20 does not 

follow the Bronsted theory. The second is that there is a possibility of systematic 

experimcntal error in the experirnents. As discussed in previous section, the accuracy 

of our experirnents was ±O.1 mv. To geL more precise results and answer this question 

one would nced an accuracy of ±.Ol mv. 
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Table 8.4: Comparison of the trace mean activity coefficient of NaDr and Harned's 
coefficient, O~2' for aqueous solutions of NaBr and NaN03 

Total Ionie ln I±(NaBr) ln ·,~(NaBr) , 
0'12 

Strength Exp Exp Cale Exp Cale 

0.3 -0.329 -0.376 -0.367 0.166 0.1:i0 

lJ.5 -0.361 -0.444 -0.421 0.164 0.120 

1 -0.375 -0.467 -0.488 0.090 0.112 

2 -0.315 -0.553 -0.526 0.118 0.106 

3 -0.203 -0.578 -0.516 0.127 0.104 

4 -0.068 -0.578 -0.482 0.127 0.104 

5 0.080 -0.525 -0.436 0.121 0.103 

6 0.232 -0.513 -0.3ï8 0.124 0.102 

Table 8.5. Comparison of the trace mean activity coefficient of NaN03 and IIarnf'd's 
coefficient, O~I' for aqueous solutions of NaBr and NaN03 

Total Ionie ln I:l: (NaN03 ) ln 1~(Nar-,03) 
, 

Q21 

Strength Exp Exp Cale Exp Cale 

0.3 -0.406 -0.382 -0.367 -0.081 --0.130 
.-

0.5 -0.481 -0.151 -0.421 -0.060 -0.120 

1 -0.600 -0486 -0.488 -0.1 '2e -0.112 

2 -0.738 -0.572 -0.;)26 -0.083 -0.106 

3 -0.828 -0.603 -0.516 -0.075 -0.104 

4 -0.896 -0})92 -0.482 ·-0.076 -0.104 

5 - 0.952 -0.55G -0.436 -0.082 -0.103 

6 --0.989 -0.539 -0.~n8 -0.075 -0.102 
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8.2.3 The Rule for Aqueous Solutions of N aBr and 
Ca(NOah 

Usiog eqs (8.11) and (8.12) for ternary system NaBr-Ca(N03h-H:zO, one can readily 

obtaio 

1 () 1 ( 0 ) 1 v 1 {;*1 )MAF 2 v 1 ("Yil )~I\F 
o '"(:J:l NRF = n '"(:1:1 NRF - -3.12 ni 0) - -3.12 n ( 0 ) 

,'Y:i:3 MRF lu NRF 
(8.37) 

where: 

'Y:i:l = "Y:i:12 = "Y:i:(NaBr) 

and the superscript 0 indicates the mean activity coefficient of the salts in the binary 

system. Similarly the NRF mean activity coefficient of Ca(N03 h can be written as: 

1 () ( 0 ) vI (1'±2)NRF ly, 1 ("Y±2)NRF 
n 'Y:J::Z NRF = 'Y ±2 NRF - .1 1 n ( 0) - 2 1 n -( 0 )2-

'"(±4 NRF 1'±3 NRF 

By substituting eq. (8.37) in (8.5) and using eq. (8.6), one obtain3 

1 Z Z 1(1) 1 0) 1 v 1 ("Y±l)NRF 2 v 1 ('Yil)~RF 
n 'Y:i:l = 1 2 + n( "Y:J:l NRF - -3.12 n ( 0) - -3.12 n ( 0 ) 

"Y±3 NRF 'Y:i:4 NRF 

(8.38) 

(8.39) 

Writing the equations for binaries which are at the same total ionic strength as the 

ternary system and using a similar approach to the one used in the previous section, 

eq. (8.39) takes the following form: 
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1 1 0 IVI "Y~l 2~1 h'~1)2 
n"Y:U = n"Yil - -a.l2 n -0- - -a~2 n 0 

"Y±3 "Y±4 
(8.40) 

Thus, eq (8.40) can he used to evaluate the mean activity coefficient of NaBr in 

ternary system NaBr-Ca(N03h-H:zO. The trace mean activity coefficient of NaBr in 

this ternary system can readily obtained by replacing 1'2 = 1 as: 

or 

(8.41 ) 

Although the mixture was prepared from NaBr and Ca(N03 h, the trace mean activity 

coefficient of NaBr appears to be related also to the mean activity coefficient of NaN03 

and CaBr2 in their respective binaries. One can readily write the Harned's coefficient, 

o~:z, from eq. (8.40) as: 

(8.42) 

Similarly by using eq. (8.38), the mean activity coefficient of Ca(N03 h can be written 

as 

(8.43) 

thus, the trace activity coefficient of Ca(NO:zh can he written as: 

(8.44) 

and by using eq. (8.4a) the Harned's coeffident, Q~l' can be written as: 
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1 (0 )3/2 1 = - ln lu = -[ln,."o -ln ..... er ] 
l "Y±4"Y±3 1 ':t2 '*2 

(8.45 ) 

As is evident, using the mixing rule, i.e, eq. (8.12), does not lead to higher order 

correction for tht: mean activity coefficient of Ca(N03 h. In the other words, the 

mixing rules, i.e. eqs (8.11) and (8.12), are appropriate if both salts follow Harned's 

Rule. 

Table (8.6) shows the comparison of the experimental trace mean activity co­

efficient of NaBr and the calculated values using eq. (8.41). Aiso the Harned's 

coefficient,a~2' was calculated by eq. (8.42) and compared with the experimental 

values. As one can observe the calculated values are in excellent agreement with the 

experimental data within experimental error. The experimeotal values of the mean 

activhJ coefficient of electrolytes in binary solutions are shown in Table (8.7) 

Table 8.6: ComparisoD of the trace mean activity coefficient of NaBr and Ilarned)s 
coefficient, a~2' for aqueous solutions of NaBr and Ca(N03h 

Total Ionie ln 'Yf(NaBr) 
, 

a 12 

Strcngth Exp Calc Exp Cale 

3 -0.475 -0.485 0.090 0.ù94 

4.5 -0.423 -0.464 0.095 0.104 

6 -0.412 -0.409 0.10ï 0.107 

Similarly the trace activity coefficient of l)a(N03h cao b·..! calculated by eq. 

(8.44) and the Harned's coefficient, a;}, by eq. (8.45). As Table (8.8) shows, the 

calculated values of trace activity coefficient of calcium nitrate and Harned's coeffi­

cient, o;}, are close to the experimental values at total ionic strength three. However 

at higher ionie strengths the calculated values deviate from the experimental data 

because Ca(N03 h does Dot follow Harned's Rule. As explained in the end of Chapter 

7, it seems that. Ca(N03 h follows Harned's Rule at low ionie strengths and that the 

NRF mixing rule is applicable for ternary systems in whieh both salts follow Harned's 

Rule. 
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Table 8.7: Experimental mean activity coefficients of various salts in binary solutions 
at 298.15 K (Hamer and Wu, 1972; Robinson and Stokes, 1959). 

Ionie ln 1±(NaBr) ln 1±[Ca(N03h1 ln 1±(NaN03) ln 1±(CaBr2) 
Strength 

3 -0.203 -1.085 -0.828 -0.518 

4.5 +0.005 -1.085* -0.926 -0.228* 

6 +0.232 -1.058 -0.989 +0.112 

* obtamed by hnear mterpolatlon of data 

Table 8.8: Comparison of the trace mean activity coefficient of Ca(N03h and 
Harned's coefficient, Q~I' for aqueous solutions of NaBr and Ca(NOah 

Ic''lic In1l!'(Ca(NOah) 
, 

°21 

Strength Exp Calc Exp Calc 

3 -0.887 -0.803 -0.054 -0.094 

4.5 -0.754 -0.612 -0.042 -0.105 

6 -0.603 -0.347 -0.009 -0.119 
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8.3 Extension of the Rule for Multicomponent 
Electrolyte Mixtures 

Although no experimental evidence is given in this work to support the extension 

of the model to multicomponent electrolyte systems, for completeness we write here 

the general equations for a multielectrolyte solution. In general, for a salt (k) or 

(i) corresponds a cation (2k-l) or i j-l and an anion (2k) or j, where j is an even 

number. The general form for the NRF mean activity coefficient of salt (~) or (ij) 

can be postulated as 

ln( "Y±iJ )NRF -

( 
0 )z,z,. 

Y(2k) ln [ ""*'1 NRF 1 } z,z) 
h~,(:u) )NRF 

(8.46) 

with 

Y(2k -1) = 

Y(2k) 

where 1 is the total ionie strength of the mixture. The salt coefficient Kk is equal 

to the number of ions of salt k which are different from the ions of salt (i) under 

consideration. If both the t':ation and the anion of salt (k) are the same as the cation 

and anion of salt (V, Kk==O. In Cact, in the case of a ternary system the equation 

reduces to that of a binary salt system (~)/H20 and there is no perturbation by the 

added salt (k). If salt (k) has a common ion with salt (~), Kk=l. In addition, due to 

the cancellation of the logarithmic term in the sum, the corn mon ion terms cancel out 

in this case. FinaIly, when both ions of salt (k) are different from the ions forming salt 

(~), Kk=2. The assurnption of additivity of effects suggests equation (8.46) should 

give a good approximation at low total ionic strengths where Harned's Rule appHes. 
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For a ternary aqueous system consisting oC two salts with mcan activity coefficients 

oC 1':t:t2 and 1':1:3', èq. (8.46) reduces to eqs (8.11) and (8.12) respectively. 

The mixing rule postulated in this work can be formulated in more general 

terms. ln Cact, it is not necepsary to make use of the NRTL-NRF contribution to the 

activity coefficients. In general, combining t'qs (8.5) and (8.46) 

(8.47) 

The two first terms of the right hand si de correspond to the binary system oC salt ij 

in water at the same total ionic strength as the system. 

Finally, combining equation (8.47) with equations of the Corm of eq. (8.10), we 

obtain 

ln 1':1:IJ 

(8,48) 

Other than noticing the generality of this form, it is important to realize that the 

prediction of properties of ternary systems presented here involves no adjustable 

parameters and is based only on experimental data of binaries. 

8.4 Synopsis 

In a conclusion. il. this chapter, a new Harned's formulation was developed to calcu­

late the Harned 's coefficient in ternary systems. The NRTL-NRF model was extended 

to ternary systems with or without a common ion. Using the NRTL-NRF mixing 

rule, the expressions for trace mean activity coefficients of electrolytes in ternary sys­

tems were obtained. Thus, by having trace activity coefficient values, one can use 
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the new Harned's formulation to calculate Harned's coefficients. \\'ithout using trace 

activity coefficient, The Harned's coefficients can also h'~ directly obtained by the 

eqs were developed using the NRTL-NRF mixing rules. FiDally, the mixing ru le was 

extended to multicompone.,t electrolyte mixtures 80 that mean activity coefficients 

can be directly predicted using data of only binaries. 
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Chapter 9 

Conclusions, Original Contributions to 
Knowledge and Suggestions for Future 

Work 

In this chapter original contributions and conclusions described in previous chap­

ters are sumrnarized. Based on the experience gained frorn this research, sorne pro­

posais for future work on both modelling and experirnent.al rneasurements will be 

discussed. 

9.1 Conclusions 

The main conclusions made in this stutly are presented in the same order in which 

they have becn presented in the main body of the thesis. 

9.1.1 A Non-Random Factor Model for the Excess Gibbs 
Energy of Electrolyte Solutions 

A novel excess Gibbs energy function to represent the deviations from ideality of 

electrolyte solutions was derived on the basis of the assumptions of specifie interac­

tions of Bronsted and of local electroneutrality of Chen. The function consists of two 

179 



contributions, one due to long-range forces, represented by the DehytL-Hückel the­

ory, and the other to short-range forces, represented by local composition concept. 

The new concepts used in const.ruction of the model are the expression of the local 

compositions in terms of non-random factors (NRF) and the choic(' of the random 

fluid as a reference fluid. With only two adjustable parametcrs per electrolytc, the 

mode} is valid for thf' whole range of electrolyte concentration, from di!ute solutions 

up to saturation. The mode} was tested to fit mean ionic activity coefficients of 

electrolytes in binary aqueous solutions at 298.15 K and higher temperatures. Re­

sults are compared with those obtained from the one or two pa.rameter models of 

Meissner, Bromley, Pitzer and Chen et al. . Thf> mooel presented in ~his work con­

sistently produces bettel results, and in particu.ar it reproduces the (;"(pf'rlr!!'?!lt al 

values from the dilute to saturation regions, thf' later region being one in which the 

other models deteriorate. Using the meAlel, the mean actlvity coefficients of eighty 

four uni-univalent and eighty non-uni-univalent aqueous binaries at 298.15 J\ were 

correlated and the binary parameters reported. Also the model Wi',s tested for sorne 

binary aqueous electrolyte solutions at various temperatures and results were much 

better than those obtained with other models. 

9.1.2 Experimental Work 

An electrochemical eell apparat us using Ion Selective Electrodes (ISE) was designed, 

constructed and successfully operated to measure the electromotive force (emf) of 

ions in the aqueous electrolyte mixtures. An ion selective electrode connected to 

the reference jack of a mv meter so that the electromotive force of an Ion could 

be measured using another ISE as a reference elec' rode without using conventional 

referenccelectl'odes. This experimental system IS suitable for measuring mean activity 

coefficients of electrolytes in binary and multicomponent aqucous and non-aqueous 

mixtures. Using this apparat us, the following expcrimcnts were carrit>d out. 

1 - The following binary aqueous electrolyte solutions were calibrated and the 

validity of Nernstian equation was investigated. 

1. NaBr-H20 

2. NaN03-H 20 
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3. NaCI-H20 

4. CaBr2-H20 

5. CaCI2-H20 

6. Ca(N03 ):z-H20 

Il - For the ternary system NaCI-NaN03-H:zO, emf experiments were performed 

in order to show the reproducibility of the experimental data and validity of the 

experimental procedures. Agreements with available data from the literature 

were good. 

III - For the ternary system NaBr-NaN03-H20, new experimental data of the 

mean ionic activit.y coefficient of NaBr were obtained at total ionic strengths 

0.3-6 and al, 298.15 K. 

IV - Experiments for the ternary system NaBr-Ca(N03 h-H20 (without a com­

mon ion) were performed at high ionie strength~ and new data for the mean 

ionic activity coefficient of NaBr at total ionic strengths 3, 4.5 and 6 were 

obtained. 

The mean ionic activity coefficients of NaBr in the ternary systems of NaBr­

NaN03-f{:zO and NaBr-Ca(N03 h-H20 were correlated by linear regression at various 

total ionic strengths and Harned's Rule appears to be valid. Keeping the total ionic 

strength of the mixture constant, the mean activity coefficient of NaN03 in NaBr­

NaN03-lhO system was evahult.po using the Gibbs-Duhem equation and assuming 

that both salts obey H(lrned's Rule. Similarly, using the cross differentiation of the 

mean activity coefficients, the mean activiLY coefficient of Ca(N03h in the NaBr­

Ca(N03 h-I{:zO system was evaluated and it was found that Ca(N03h does not follow 

Harned's Rule so that a second order correh.tion was applied. 

9.1.3 A Novel Mixing Rule for the Mean Activity Coeffi­
cient of Electrolytes in Ternary Systems 

A novel mixing ru le was proposed for the mean ionic activity coefficient of electrolytes 

in mixtures in terms of the mean a:.tivity coefficients of the electrolytes in binary 
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systems. Using the mixing ruie permits the prediction tract" mean activity cœflkicllts 

and the Harned's coefficients of the clectrolytes in ternary systems. The rule wa.'\ 

extended to multicomponent systems which obey Harned'~ Rule, although predict.ions 

were not tested against experimental data. For the ternary NaHr-Cd( N03 h-1I 20 

system, using the new mixing rule, the trace mean activity coefficient and lIarned's 

coefficient, O~2' of NaBr were calculated at various total ionic strengths yielding values 

were in very good agreement with experimental data. The model wa." also applied 

to ternary systems with a corn mon ion such as NaBr-Nal'\03-H 20 and ('aCI2-NaCI 

H20 and it is suitable for mixtures which follow the Bronsted specifie ionic thpory. 

For the NaCI-NaN03-H 20 system the calculated trace activity coefficients and the 

Harned's coefficient, O~2 were in excellent agreement with experimental data. 

9.2 Original Contributions to Knowledge 

9.2.1 Modelling 

The following main ideas are considered to be original contributions to knowlcdgc 

• The use of the non-random factor concept to model the nonidcality of (·1(·('­

trolytes solutions taking as a reference the random state. The consid('ration 

of the difference between a mixture wlth local order and a random mixture to 

obtain the excess Gibbs energy, made the whole difference in the results whcn 

compared with oth~r models. 

• Expressing the local compositions in terms of non-randem factors and writing 

the NRTL equation in terms of '1nn-random factors results in a new expression 

for modelling liquid mixtures. 

• the development of a mixing rule based on the concept of non-random factors 

for the short range forces. This mixing ru le is based on a detailed study of th(' 

characteristics of previously proposed mixing rules and it is, to a large cxtent, 

intuitive. 
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9.2.2 Experimental 

• A commercial milivoltmeter was adapted to work using an ISE in place of a 

reference electrode (SJE or DJE). The repeated measurements using both an 

ISE and either a SJE or DJE as reference electrode confirmed that both methods 

give comparable results withm the experimental error . 

• New experimental data for the med.n activity coefficients of the following aq'te­

ous solutions were obtained. 

1. The mean activlty coefficients of 1'\aCI in thp NaCI-r-;aN03 -H20 systems 

were measured at three different ionic strength" G ncl 298.2 K. 

2. The mean activity coefficients of NaBr in the NaBr-NaN03-H20 and 

NaBr-Ca(N03h-H20 systems were measured at various ionic strengths 

and 298.2 K. 

9.3 Suggestions for Future Work 

Based on experience gained in this project, future work is proposed on both thermo­

dynamic modelling and experimental measurements. 

9.3.1 Thermodynamic Modelling 

The NRTL-r\RF model is a successful model for the excess Gibbs energy of aqueous 

binary electrolyte solutions. the choice of the random liquid as a reference fluid is a 

Il('W concept which, through non-random factors, can be applied to non-electrolyte 

mixtures. For future work. the following fields of the research may be proposed. 

1. The 1'\RTL-NRF model may be applied to non-electrolyte solutions using a 

molecular or a group method. Previous models, such as Wilson and NRTL, 

have becn applied to variety of non-electrolyte solutions for both Vapor-Liquid 

and Liquid-Liquid Equilibria (LLE). It is worthwhiJe to apply the NRTL-NRF 

model to the same mixtures and compare the results with the previous models, 

particularly for LLE data which the other models can not predict weIl. 
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.-~ 2. It was found that the NRTL-NRF model ca.n be extended to multicompo­

nent electrolyte mixtures without using additional adjustable parameters. IL 

is proposed to eonstruct an exCC8S Gibbs energy fundion for multicomponcnt 

electrolyte solutions starting from ionic and molecular species similarly to the 

treatments developed in Chapter 4 for binaries. 

3. Tbe NRTL-NRF model can in prineiple he applied to multisolvent, aqueous 

and non-aqueous, electrolyte mixtures sucb as H20-CH~OH-NaCI system. 

4. The new mixing rule developed in Chapter 8, seems ta he successful for ternary 

aqueous electrolyte mixtures which ohey Harned'o Rule. By considering non­

specifie interactions, I.f, the interactions between the same ionic species, the 

mixing ru le may be extended to mixtures which do not follow Harned's Rule. 

5. Non-random factors are useful for the representation of local composition effects 

in electrolyte and non-electrolyte solutions. It is worthwhile to investigate this 

concept further from a statistical thermodynamic point of view. 

9.3.2 Future Experimental Work 

Foremost, future experimental work for aqueous and non-aqueous electrolyte should 

involve additional measurements of ex peri ment al data, particularly for multicompo­

nent electrolyte solutions. The data available for multiromponent electro\yte solu­

tions, particularly non-aqueous electrolyte solutions, are far from sufficient. 

Due to limitations in the use of ion selective electrodes in multicomponent clec­

trolyte solutions, only measurements of the mean ionic activity coefficients of NaBr 

in both NaBr-NaN03-H20 and NaBr-Ca(N03h-H20 systems keeping total ionic 

strength of the mixture constant were possible. The mean activity coefficient of 

NaN03 and Ca(N03h were calculated using the Gibbs-Duhem and Maxwell equa­

tions. It is desirable to measure the activity of water which, together with the acti vit Y 

of NaBr obtained using emf, will permit the direct use of the Gibbs-Duhem equation 

to evaluate the mean ionic activity coefficient of NaN03 or Ca(N03h in both ternary 

systems. 

A Vapor-Liquid Equilibria apparat us was proposed and partially constructed 

(62] to measure the vapor pressure of the water in electrolyte solutions in order to 
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evaluate the activity of the water. The system is based on Van Ness type apparat us 

which has been wideiy uscd for VLE studies of organic mixtures. The apparat us 

consists of an equilibrium cell, a pressure transducer and an injectiol1 piston. The 

equilibrium cell was constructed from a glass funnel and a glass ftask attached to 

narrow part of the funnel by the use of a clamp connector. Two stainless steel parallel 

plates keep the funnel tightly. The pressure transducer, vacuum line and solvent input 

tube are connected to the upper plate. The flask used for multicomponent electrolyte 

solutions has an one-way valve ta open and close the flask temporary. The volumetrie 

injection piston can he used to inject the liquid solvent into the previously evacuated 

cell. The pressure transducer can be used to monitor the equilibrium vapor pressure of 

the solvent at various concentrations. Thus, a pure reagent salt or a very concentrated 

electrolyte solution should he previously prepared and degassed. The solution is 

placed in the glass ftask of the ccII and after the equilibrium cell has been evacuated 

and reached to equilibrium, the vapor pressure of the solvent can be monitored by the 

pressure transducer. The next step is the injection of the solvent to the cell to dilute 

the solution and again the cell should be reached to equilibrium so that the vapor 

pressure can be measured at different concentrations of the electrolyte. It should 

he noted that the pressure transducer should be calibrated with a pure solvent or a 

binary standard electrolyte solution before starting ta carry out any experiment. For 

more details, one can refer to my proposai [62]. 

The electromotive force apparat us can be improved in sorne ways. One of the 

most important parts of the apparat us is the mv meter, Orion EA 920. This in­

strument is a good digital meter for measurements of the potential of iC,fiS with an 

accuracy ±0.1 mv. Most of the meters available in the market have an accuracy ±0.1 

mv that it may be suitable for titration experiments. However for measurements of 

the activity of the ions to obtain Mean ionic activity coefficients, it is advisable to 

use mv met ers with an accuracy of ±0.01 mv which give more accu rate values of 

the Harned's coefficients. The availability of high precision electrometers permits the 

designing and building of very precise mv meters with high internai impedance so 

that the potentials can be monitored with an accuracy of ±O.Ol mv. 

Another improvemcnt is to interface the mv meter with a personal computer. 

The mv meter, EA 920, has a RS-232C seriallink output which allows operation 
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with computers and other equipment. Thus, by installing a data acquisition system 

it is possible to measure Many data for the same equilibrium point and, by using an 

averaglDg program, the best value of the potential at equilibrium can he obtaim·d. 

One cao also investigate the transient response of the ion selective electrodes during 

measurements. This information is useful in dynamic investigations of ion selective 

electrodes. 

Finally, the apparatus with available ISE's has capability for measuring non­

aqueous electrolyte systems su ch as NaBr-CH3 0H system and for multisolvent elec­

trolyte solutions such as NaCI-H20-C2H50H system. Data for thesc systems cau be 

particularly useful for understanding of liquid-liquid systems of interest in biotech­

nological separations. 
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Appendix A 

Method of Linear Regression and Calibration 
of Ion Selective Electrodes 

A.l Linear Regression 

The Nernst equation is a two-parameter problem so that it can be transformed into 

a liHear form as, 

y = a ï bx (A.l) 

where according to Nernst eq. a = E', b = S and x = ln a. The slope band intercept 

a are evaluated by minimization of the sum of squares of the residuals 

n n 

F = L = (y, - a - bx,a)2 = L r; (A.2) 
1 1 

By differentiation of eq. (A.2) with respect to a and band setting tht' results to zero 

and solving for b and a, the following equations are obtained (over ail n experimental 

points): 

(A.3) 
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b = nLxy - LXLY 
nLX2 - (Ex)2 

The standard deviations of the slope and of the intercept are evaluated from 

where, 

2()= ~ 2_(~ )2_(nLXY-LxLy)2 
(J y n L..." y L..." Y n L x2 _ (L X)2 

As a measure of linearity the correlation coefficient, R2, is used 

R2 = ' n L xy - LX LY 
{[nLx2 -(Lx)2][nLy2 _(I:y)2]}1/2 

A.2 Calibration of Ion Selective Electrodes 

(A.4) 

(A.5) 

(A.6) 

(A.7) 

(A.8) 

In Chapter 6 the calibration of the ISE's was discussed and calibration lines, using 

linear regression analysis, were presented. The calibration data corresponding to the 

calibration Iines are shown in Tables (A.1) to (A.6). The experimental electromo­

tive force data were obtained by indicator electrodes (Na-ISE and Ca-ISE) using 

ion-selective electrodes as reference electrodes. The experimental mean activity co­

efficients of uni-univalent binary aqueous solutions were obtained from Hamer and 

Wu [65] and for bi-univalent binaries were those of Robinson and Stokes [116]. 
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Table A.l: Electromotive force (E) measurements of Na-ISE towards single junction 
electrode (SJE) and Br-ISE in aqueous solutions of NaBr at 298.2 K. 

molality 1:!: activity( a) In(a) E(mv) E(mv) E(mv) E(rnv) E(mv) 
Exp(SJE) Exp(SJE) Exp(SJE) Exp Regr 

NaBr NaBr NaBr NaBr Na+ Br- NaBr NaBr NaBr 

9.000 1.949 3.08E+02 5.729 4102 -184.7 5949 5957 591.A 

8.000 1649 1.74E+02 5.159 401.3 -1792 580.5 5814 5773 

7.000 1.465 1.05E+02 4.656 393.7 -1739 5676 567.6 564.5 

6.000 1.261 5.72E+Ol 4.047 383.6 -166.7 5503 5502 5490 

5.000 1.083 2.93E+Ol 3.378 373.0 -1595 5325 5328 531 Il 

4.000 0.934 1.40E+Ol 2.636 361.3 -151.8 5131 5132 5130 

3.000 0.816 5.99E+00 1.791 348.3 -142.2 4905 490.6 4!H.5 

2.500 0.768 3.69E+00 1.305 340.8 -1367 477.5 477 6 4791 

2.000 0.730 2.13E+00 0.757 332.5 -130.6 4631 464.1 4652 

1.800 0.717 1.67E+00 0.510 329.2 -1280 4572 41170 458.9 

1.500 0.709 1.13E+00 0.123 322.8 -1233 4461 4460 449.1 

1.200 0.669 6.44E-Ol -0.439 315.7 -117.8 433.5 4338 434.7 

1.000 0.687 4.72E-Ol -0.751 310 0 -1141 424.1 424 1 4268 

0.900 0.686 3.81E-Ol -0.964 307.0 -111.0 418.0 4184 421 4 

0800 0.687 302E-Ol -1197 3047 -108.1 4128 4128 4154 

0.600 0.692 1. 72E-O 1 -1.758 2964 -102.0 398.4 3978 4û 1 2 

0.500 0697 1.21E-Ol -2.108 291.4 -976 389.0 3892 3922 

0400 0706 7.97E-02 -2.529 285.7 -923 378.0 3780 381 5 

0.300 0.720 467E-02 -3.065 2858 -83.7 3695 3696 367.9 

0.200 0742 2.20E-02 -3.816 2752 -746 3498 350 1 3488 

0.100 0783 6.13E-03 -5.094 258.5 -586 3171 3lï 2 316 2 

0.090 0.782 4.95E-03 -5308 255.8 -562 3120 311.9 310.8 

0.080 0790 399E-03 -5523 2528 -53.5 3063 3064 :W5.3 

0.070 0798 3.12E-03 -5.770 24!-J 5 -505 3000 :iOO.2 2990 

0.060 0.808 2.35E-03 -6053 245.9 -46.7 2926 2n8 291 8 

0.050 0.824 1.70E-03 -6.379 2414 -426 2840 2842 28:15 

0.040 0.832 1. 11 E-03 -6.806 235.8 -373 273.1 273 ::; 2726 

0.030 0.849 6.49E-04 -7.341 228.9 -303 259.2 2596 2590 

0.020 0.873 3.05E-04 -8.096 2193 -205 2398 2400 2398 

0.010 0.903 8.15E-05 -9.414 2029 -3 6 2065 2066 2062 

0008 0.910 5.30E-05 -9.845 197.8 2.2 1956 1959 1952 

0.006 0.921 305E-05 -10 397 190.9 9.2 181.7 1820 181.2 

0.005 0.928 2.15&05 -10.746 186.6 13.7 1729 1734 172 3 
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Table A.2: Electromotive Force (E) rneasurements of Na-ISE towards N03-ISE in 
aqueous solutions of NaN03 at 298.2 K. 

rnolality activity( a) In(a) E(rnv) E(rnv) 
li 

i± 
Expt Regr 

NaN03 NaN03 NaN03 NaN03 NaN03 NaN03 

8.000 0.378 9.14E+00 2.213 370.2 37ï.l 

7.000 0.367 6.60E+00 1.887 366.8 369.1 

6.000 0.372 4.98E+00 1.606 361.0 362.2 
5.000 0.386 3.72E+00 1.315 3')6.7 355.0 
4.000 0.408 2.66E+00 0.980 348.1 346.8 

3.500 0.422 2.18E+00 0.780 342.1 341.7 

3.000 0.437 1. 72E+00 0.542 336.4 336.0 

2.500 0.456 1.30E+00 0.262 329.8 3~9.1 

2.000 0.478 9.14E-01 -0.090 322.6 320.5 
1.800 0.489 7.75E-01 -0.255 319.1 316.4 
1.500 0.496 5.54E-01 -0.591 310.3 308.1 

1.200 0.530 4.04E-Ol -0.905 301.4 300.4 
1.000 0.549 3.01E-OI -1.199 293.8 293.2 

0.800 0.571 2.09E-01 -1.567 285.1 284.1 
0.600 0.600 1.30E-01 -2.043 272.1 272.4 
0.'100 0.639 6.53E-02 -2.728 254.5 255.6 

0.300 0.666 3.99E-02 -3.221 242.9 243.5 
0.200 0.702 1.97E-02 -3.927 225.8 226.1 
0.100 0.760 5.78E-03 -5.154 196.1 195.9 
0.090 0.762 4.70E-03 -5.360 191.2 190.9 
0.080 0.771 3.80E-03 -5.572 185.8 185.7 

O.OiO 0.782 3.00E-03 -5.810 180.0 179.8 
0.060 0.793 2.26E-03 -6.091 173.0 172.9 
0.050 0.811 1.64E-03 -6.410 164.4 165.0 
0.040 0.822 1.08E-03 -6.830 155.1 154.7 
0.030 0.841 6.37E-04 -7.359 141.9 141.7 
0.020 0.~67 3.01E-04 -8.109 122.8 123.2 
0.010 0.900 8.10E-05 -9.421 90.7 91.0 
0.008 0.908 5.28E-05 -9.850 80.0 80.4 
0.006 0.919 3.04E-05 -10.401 66.4 66.9 
0.005 0.926 2.14E-05 -10.750 57.7 58.3 
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Table A.3: Electromotive Force (E) measurements of Na-ISE towards CI-ISE in aque­
ous solutions of NaCI at 298.2 K. 

molality "Y± activity(a) ln(a) E(rnv) E(mv) 
Expt Regr 

NaCI NaCl NaCl NaCl NaCI NaCI 

6.000 0.973 34.082 3.529 379.3 380.1 
5.000 0.879 19.316 2.961 365.2 365.7 
4.000 0.795 10.112 2.314 349.5 349.4 
3.500 0.758 7.038 1.951 340.7 340.3 
3.000 0.725 4.731 1.554 '129.7 330.3 
2.500 0.695 3.019 1.105 319.4 319.0 
2.000 0.671 1.801 0.588 306.3 305.9 
1.800 0.664 1.429 0.357 300.6 300.1 
1.500 0.655 0.965 -0.035 290.5 290.2 
1.200 0.650 0.608 _1 .497 278.4 278.6 
1.000 0.650 0.423 -0.862 269.6 269.4 
0.900 0.651 0.343 -1.069 264.2 264.2 
0.700 0.657 0.212 -1.553 252.2 252.0 
0.500 0.670 0.112 -2.187 236.6 236.0 
0.400 0.681 0.074 -2.601 226.1 225.6 
0.300 0.698 0.044 -3.127 21~ '2 212.3 
0.200 0.724 0.021 -3.~J5 193.0 193.7 
0.100 0.771 0.006 -5.125 161.3 162.0 
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'làble A.4: Eledromotive force (E) measurements of Ca-ISE towards Br-ISE in aqu{.·­
ous solutions of CaBr2 at 298.2 K. 

molality "Y± activity( Il) ln(a) E(rnv) E(rnv) 
Expt Regr 

CaBr2 CaBr2 CaBr2 CaBr2 CaBr2 CaBr2 

6.000 46.155 6.37E+07 1 i.970 229.6 -

5.000 18.613 2.42E+06 14.699 221.2 -

4.000 7.240 7.29E+04 11.196 212.5 -

3.000 2.765 1.71E+03 7.446 202.4 -

2.000 1.125 3.42E+0l 3.531 189.9 -

1.800 0.957 1.53E+0l 2.730 185.9 -

1.600 0.821 6.80E+00 1.917 182.3 -
1.400 0.713 2J)8E+00 1.093 177.8 -

1.200 0.627 1.28E+00 0.245 173.0 -
1.000 0.561 5.30&01 -0.635 166.9 -

0.900 0.535 3.35E-Ol -1.094 163.8 -

0.700 0.496 1.26E-01 -2.075 156.8 -

0.500 0.475 4.02&02 -3.214 150.3 -

0.400 0.473 2.03E-02 -3.896 147.7 -

0.100 0.542 4.78E-04 -7.647 117.8 117.2 

0.090 0.550 3.6'IE-04 -7.919 113.4 114.6 

0.070 0.570 1.91E-04 -8.566 108.7 108.3 

0.060 0.583 1.28&04 -8.960 104.9 104.4 

0.050 0.599 8.06E-05 -9.426 99.2 99.8 

0.040 0.618 4.53E-05 -10.002 93.7 94.2 

0.030 0.643 2.l5E-05 -10.746 88.0 87.0 

0.020 0.679 7.5IE-06 -11.799 78.6 76.7 

0.010 0.739 1.21E-06 -13.624 57.2 58.8 
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Table A.5: Electrorn~tive force (E) measurements of Ca-ISE towards N03-ISE in 
aqueous solutions of Ca(N03h at 298.2 K. 

molality "Y± activity(a) ln(a) E(rnv) E(rnv) 
Expt Regr 

Ca(N03h Ca{N03h Ca(N03h Ca(N03 h Ca(N03h Ca(N03 l;-
4.000 0.452 2.36E+01 3.163 004 -
3.500 0.424 1.31E+01 2.571 0.6 -
3.000 0.399 6.86E+00 1.926 0.6 -
2.500 0.375 3.30E+00 1.193 1.0 -
2.000 0.354 1.42E+00 0.350 1.0 -
1.800 0.347 9.75E-01 -0.026 LI -
1.400 0.336 4.16E-Ol -0.876 0.6 -
1.200 0.333 2.55E-Ol -1.366 0.4 -
1.000 0.331 1.45E-Ol -1.931 -1.0 -
0.845 0.333 8.87E-02 -2.422 -1.6 -
0.800 0.333 7.56E-02 -2.582 -1.5 -
0.700 0.336 5.20E-02 -2.956 -0.8 -
0.600 0.341 3.43E-02 -3.374 -0.1 -
0.500 0.348 2. llE-02 -3.860 -1.0 -
0.400 0.359 1.18E-02 -4.436 -1.4 -
0.300 0.376 5.74E-03 -5.160 -3.5 -
0.200 0.407 2.16E-03 -6.139 -7.4 -
0.100 0.470 4.15E-04 -7.787 -16.9 -
0.090 0.481 3.25E-04 -8.033 -18.8 -
0.080 0.493 2.45E-04 -8.313 -20.5 -
0.070 0.507 1. 79E-04 -8.629 -23.2 -
0.050 0.543 8.OlE-05 -9.433 -3004 -29.4 
0.030 0.599 2.32E-05 10.671 -43.0 -43.5 
0.020 0.644 8.55E-06 11.670 -53.8 -54.9 
0.010 0.715 1.46E-06 13.436 -74.7 -75.1 
0.008 0.735 8.13E-07 14.022 -82.9 -81.8 
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Table A.6: Eledromotive force (E) rneasurernents of Ca-ISE towards Cl-ISE in aque­
ous solutions of CaCh at 298.2 K. 

rnolality 'Y± activity(a) ln (a) E(rnv) E{rnv) 
Expt. Regr 

CaCh CaCh CaCh CaCh CaCh CaCh 

6.000 11.426 1.29E+06 14.069 161.3 -
5.000 5.834 9.93E+04 11.506 144.5 -
4.000 2.910 6.31E+03 8.750 133.9 -
3.500 2.052 1.48E+03 7.301 127.2 -
3.000 1.457 3.34E+02 5.811 119.1 -
2.500 1.048 7.19E+01 4.276 109.0 -
2.000 0.773 1.48E+01 2.693 95.6 -
1.800 0.692 7.73E+00 2.045 89.5 -
1.600 0.624 3.98E+00 1.381 83.3 -
1.400 0.568 2.01E+W! 0.699 75.9 -
1.200 0.':;23 9.89E-01 -0.011 68.5 -
1.0eO 0.489 4.68E-01 -0.760 59.9 60.1 

0.800 0.465 2.06E-01 -1.580 49.9 49.8 

0.600 0.453 8.03E-02 -2.522 38.0 38.0 

0.500 0.452 4.62E-02 -3.075 31.1 31.0 

0.300 0.467 1.lOE-02 -4.5]0 13.1 13.0 

0.200 0.489 3.74&03 -5.588 -0.7 -0.6 

0.100 0.539 6.26&04 -7.376 -23.1 -23.1 
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Appendix B 

Experimental Data for the NaCI-NaN03-H20 
and the NaBr-NaN03-H20 Systems 

Electromotive force (emf) measurements for the ternary system NaCI-NaN03-

H20 at total ionic strengths of 1, 3 and 6 and 298.2 K are shown in Tables (RI) 

to (B.3). The data were mea..c;ured using a Na-ISE towaras Cl-ISE as a refcrerh e 

electrode. Figure (B.1) shows the comparison of the results of this work with the 

results reported by Lanier. As the figure shows there is a little deviatioll at high ionie 

strength of NaN03• Similarly Tables (B.4) to (B.12) show the emf data for the NaBr­

NaN03-H2 0 system at total ionic strengths 0.3-6 and 298.2 K. The measurements 

were performed using a Na-ISE towards Br-ISE as a reference electrode. The cxper­

imental data regressed by the linear model explained in Appendix A. The graphical 

representation of the data reported in this appelldix are showll in Chapter 7. 
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Table B.l: Mean ionic activity coefficient of NaCI in aqueous solutions of NaCI and 
NaN03 at total ionic strength 1 and 298.2 K. 

Ionic Strength E(rnv) activity(a) "t± log( "t±) log( "t±) 

(Expt) (Expt) (Expt) (Expt) (Regr) 

NaCI NaN03 NaCI NaCI NaCI NaCI NaCI 

1.000 0.000 274.5 0.432 0.657 -0.182 -0.182 

0.976 0.024 273.8 0.420 0.656 -0.183 -0.183 

0.931 0.069 272.4 0.398 0.654 -0.185 -0.184 

0.871 0.129 270.5 0.369 0.651 -0.186 -0.186 

0.818 0.182 268.6 0.343 0.648 -0.189 -0.188 

0.756 0.244 266.4 0.315 0.645 -0.190 -0.190 

0.704 0.296 264.3 0.290 0.642 -0.192 -0.192 

0.637 0.363 261.5 0.260 0.639 -0.194 -0.195 

0 .. 582+ 0.418 259.0 0.236 0.637 -0.196 
1 

-0.196 

0.529+ 0.471 256.3 0.213 0.634 -0.198 -0.198 

0.484+ 0.516 253.8 0.193 0.631 -0.20',1 1 -0,200 

0.447 0.553 251.6 0.177 0.629 -n 201 1 -0.201 

0.406 0.594 249.1 0.161 0.629 -0.202 -0.203 

0.373+ 0.628 246.6 0.146 0.625 J.204 -0.204 

0.346 0.654 244.6 0.135 0.624 -0 ?/)5 -0.205 

0.300 0.700 240.8 0.116 0.622 -0.206 -0.206 

0.247+ 0.753 235.6 0.095 0.620 -0.208 -0.208 

0.185t 0.815 227.9 0.070 0.617 -0.210 -0.210 

0.132+ 0.869 218.9 0.050 0.614 -0.212 -0.212 

0.070t 0.930 202.6 0.026 0.611 -0.214 -0.214 

0.025+ 0.975 175.2 0.009 0.606 -0.217 -0.216 

t Data obtamed usmg NaCI as a tItrant 
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Table B.2: Mean ionic activity coefficient of NaCl in aqueous solutions of NaCl and 
NaN03 at total ionic strength 3 and 298.2 K. 

Ionie Strength E(rnv) activity( a) "Y± logh±) , logh±) 
(Expt) (Expt) (Expt) (Expt) (Regr) 

NaCl NaN03 NaCl NaCl NaCl NaCI ~aCI 

3.000 0.000 332.4 4.588 0.714 -0.146 -0.145 
2.929 0.071 331.4 4.410 0.708 -0.150 -0.148 
2.861 0.139 330.6 4.272 0.705 -0.152 -0.151 
2.735 0.265 329.0 4.009 0.699 -0.155 -0.155 
2.619 0.381 327.5 3.777 0.693 -0.159 -0.160 
2.462 0.538 325.2 3.448 0.683 -0.165 -0.166 
2.239 0.761 322.0 3.037 0.672 -0.172 -0.174 
1.867 1.133 315.6 2.356 0.648 -0.188 -0.188 
1. 7181: 1.282 312.9 2.116 0.641 -0.193 -0.194 
1.594 1.406 310.2 1.901 0.631 -0.200 -0.199 
1.4431: 1.557 30ï.2 1.688 0.624 -0.205 -0.205 
1.2571: 1.743 303.0 1.429 0.616 -0.211 -0.212 
1.0201: 1.980 296.8 1.117 0.604 -0.219 -0.221 
0.8761: 2.124 292.3 0.935 0.596 -0.224 -0.226 
0.7081: 2.292 286.2 0.734 0.588 -0.231 -0.233 
0.5651: 2.435 279.8 0.569 0.580 -0.237 -0.238 
0.2801: 2.720 260.3 0.263 0.559 -0.253 -0.249 
0.0751: 2.925 226.4 0.068 0.550 -0.260 -0.257 

+ Data obtained usmg NaCI as a tItrant 
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Table B.3: Mean ionie aetivity coefficient of NaCI in aqueous solutions of NaCI and 
NaN03 at total ionie strength 6 and 298.2 K. 

Ionie Strength E(rnv) activity(a) "Y± log( "Y±) log(-y±) i 

(Expt) (Expt) (Expt) (Expt.) (Regr) 

NaCI NaN03 NaCI KaCI NaCI NaCI NaCI 

6.000 0.000 384.2 34.999 0.986 -0.006 -0.008 

5.862 0.138 382.8 33.108 0.970 -0.013 -0.012 

5.605 0.396 380.7 30.462 0.952 -0.021 -0.020 

5.258 0.742 377.8 27. 1.51 0.928 -0.033 -0.031 

4.952 1.048 375.2 24.490 0.908 -0.042 -0.041 

4.595 1.405 372.3 21.82g 0.890 -0.051 -0.052 

4.286 1.714 369.2 19.303 0.866 -0.062 -0.062 

3.954t 2.046 366.3 17.205 0.852 -0.070 -0.072 

3.617 2.383 362.6 14.856 0.827 -0.082 -0.082 

3.334t 2.666 359.8 13.294 0.815 -0.089 -0.091 

3.091 2.909 356.7 11. 756 0.796 -0.099 -0.099 

2.882t 3.118 354.3 10.688 0.786 -0.104 -0105 

2.643 3.357 351.1 9.414 0.770 -0.113 -0.113 

2.441 3.559 348.3 8.424 0.758 -0.120 -0.119 

2.336t 3.664 347.0 8.001 0.755 -0.122 -0.123 

2.227t 3.773 345.3 7.479 0.748 -0.126 -0.126 

2.082t 3.918 343.0 6.827 0.739 -0.131 -0.131 

1.790t 4.210 338.1 5.621 0.723 -0.141 -0.140 

1.460t 4.540 ~11.8 4.378 0.707 -0.151 -0.150 

1.052t 4.948 322.0 2.968 0.686 -0.164 -0.163 

0.70'lf 5.296 310.8 1.903 0.671 -0.173 -0.174 

0,443t .5557 298.1 1.150 0.658 -0.182 -0.182 
-t Data obtamed usmg NaCI as a tItrant 
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Figure (8.1): Comparison of mean activity coefficient of NaCI in aqueous 

solution of NaCI and NaN03 with the results reported by Lanier at various 

ionic strengths and 298.2 K . 
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Table B.4: Mean ionic activity coefficient of NaBr in aqueous solutions of NaBr and 
NaN03 at total ionic strength 0.3 and 298.2 K. 

Ionic Strength E(rnv) activity(a) ;± ln(;±) In(;±) il 

(Expt) (Expt) (Expt) (Expt) (Regr) 

NaBr NaN03 NaBr NaBr NaBr NaBr NaBr 

0.300 0.000 368.8 4.68E-02 0.721 -0.327 -0.326 

0.286 0.014 367.5 4.45E-02 0.721 -0.328 -0.329 

0.273 0.027 366.2 4.23E-02 0.719 . -0.330 -0.331 

0.261 0.039 364.9 4.02E-02 0.717 -0.333 -0.333 

0.245 0.055 363.2 3.76E-02 0.715 -0.335 -0.335 

0.231 0.069 361.5 3.52E-02 0.713 -0.339 -0.338 

0.214 0.086 359.5 3.25E-02 0.711 -0.341 -0.341 

0.200 0.100 357.6 3.02E-02 0.709 -0.344 -0.343 

0.182 0.118 355.1 2.74E-02 0.708 -0.346 -0.346 

0.167t 0.133 352.8 2.50E-02 0.707 -0.347 -0.348 

0.159 0.141 351.4 2.37E-02 0.704 -0.351 -0.350 

0.154t 0.146 350.6 2.29E-02 0.704 -0.351 -0.351 

0.140t 0.160 348.1 2.08E-02 0.703 -0.352 -0.353 

0.131 0.169 346.2 1.93E-02 0.702 -0.354 -0.354 

0.126 0.174 345.3 1.86E-02 0.701 -0.355 -0.355 

0.120 0.180 344.0 1.7ïE-02 0.700 -0.356 -0.356 

O.111t 0.189 342.0 1.64E-02 0.700 -0.357 -0.358 

0.110 0.190 341.6 1.61E-02 0.699 -0.357 -0.358 

0.102 0.198 339.6 1.49E-02 0.698 -0.360 -0.359 

0.097t 0.203 338.3 1.41E-02 0.698 -0.360 -0.360 

0.082 0.218 333.9 1.19E-02 0.696 -0.363 -0.363 

0.069t 0.231 329.6 1.00E-02 0.695 -0.364 -0.365 

0.055 0.245 323.6 7.94E-03 0.692 -0.368 -0.367 

0.039t 0.261 314.8 5.62E-03 0.691 -0.369 -0.370 

0.027t 0.273 305.5 3.90E-03 0.690 -0.372 -0.372 

0.014t 0.286 288.9 2.03E-03 0.688 -0.374 -0.374 
. t Data obtamed usmg N aBr as a tItrant 
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Table B.5: Mean ionic activity eoefficie,lt of NaBr in aqueous solutions of NaBr and 
NaN03 at total ionic strength 0.5 and 298.2 K. 

Ionie Strength E(rnv) activity(a) Î± ln( Î±) In(Î±) 
(Expt) (Expt) (Expt) (Expt) (Regr) 

Na Br NaN03 NaBr NaBr NaBr NaBr NaBr 

0.500 0.000 394.0 0.121 0.697 -j.361 -0.356 
0.476 0.024 392.4 0.114 0.692 -0.368 -0.360 
0.455 0.045 391.1 0.108 0.690 -0.370 -0.363 
0.426 0.074 389.3 0.101 0.689 -0.373 -0.368 
0.400 0.100 387.4 0.094 0.684 -0.379 -0.372 
0.371 0.129 385.3 0.086 0.682 -0.382 -0.376 
0.345 0.155 383.3 0.080 0.680 -0.386 -0.381 
0.313 0.187 380.5 0.071 0.676 -0.391 -0.386 
0.286+ 0.214 378.0 0.065 0.673 -0.396 -0.390 
0.263 0.237 375.6 0.059 0.669 -0.402 -0.393 
0.244 0.2.56 373.5 0.054 0.667 -0.40.5 -0.396 
0.228:j: 0.272 371.7 0.051 0.667 -0.405 -0.399 
0.209+ 0.291 369.3 0.046 0.664 -0.409 -0.402 
0.193 0.307 367.0 0.042 0.661 -0.414 -0.405 
0.179:j: 0.321 365.2 0.039 0.662 -0.412 -0.407 

0.172+ 0.328 364.1 0.038 0.660 -0.·U5 -0.408 
0.149+ 0.351 360.3 0.032 0.658 -0.419 -0.411 
0.123+ 0.377 355.1 0.026 0.655 -0.423 -0.416 
0.100:j: 0.400 349.6 0.021 (j.651 -0.429 -0.419 

0.075+ 0.425 342.0 0.016 0.650 -0.431 -0423 
0.046+ 0.454 329.2 0.010 0.647 -0.435 -0.428 

0.024+ 0.476 312.4 0.005 0.643 -0.442 -0.431 

t Data obtained using NaBr as a titrant 
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Table 8.6: Mean ionic activity coefficient of NaBr in aqueous solutions of NaBr and 
NaN03 at total ionic strength 1 and 298.2 K. 

Ionie Strength E(rnv) activity( a) "Y± In{"'t:t;} In( "Y:t:) 
(Expt) (Expt) (Expt) (Expt) (Regr) 

NaBr NaN03 NaBr NaBr NaBr NaBr NaBr 

1.000 0.000 428.9 0.472 0.687 -0.375 -0.377 
0.953 0.047 427.3 0.443 0.682 -0.383 -0.381 
0.909 0.091 426.0 0.421 0.681 -0.385 -0.385 
0.852 0.14R 424.0 0.389 0.676 -0.391 -0.390 
0.801 0.199 422.2 0.363 0.673 -0.396 -0.395 
0.742 0.258 420.0 0.333 0.670 -0.401 -0.400 
0.691 0.309 417.9 0.306 0.666 -0.406 -0.405 
0.646 0.354 416.1 0.286 0.665 -0.408 -0.409 
0.589 0.411 413.4 0.257 0.660 -0.415 -0.414 
0.542 0.458 411.1 0.235 0.658 -0.418 -0.418 
0.501 0.499 409.0 0.216 0.657 -0.421 -0.422 
0.466 0.534 407.0 0.200 0.654 -0.424 -0.425 
0.427t 0.573 404.6 0.182 0.653 -t' 427 -0.429 
0.393 0.607 402.3 0.166 0.650 -0.431 -0.432 
0.356 0.644 399.6 0.149 0.648 -0.434 -0.435 
0.329t 0.671 397.6 0.138 0.648 -0.434 -0.437 
0.311+ 0.689 396.0 0.130 0.645 -0.438 -0.439 
0.260t 0.740 391.1 0.107 0.641 -0.444 -0.443 
0.20lt 0.799 384.3 0.082 0.639 -0.448 -0.449 
0.150t 0.850 376.5 0.060 0.635 -0.454 -0.453 
0.091t 0.909 363.6 0.036 0.631 -0.461 -0.459 
0.048t 0.952 347.0 0.019 0.629 -0.464 -0.463 

t Data obtained using NaBr as a titrant 
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Table B.7: Mean ionic activity coefficient of NaBr in aqueous solutions of NaBr and 
NaNOa at total ionic strength 2 and 298.2 K. 

Ionic Strength E(rnv) activity(a) "Y± lnb±) lnb±.) 
(Expt) (Exptl (Expt) (Expt) (Regr) 

NaBr NaN03 NaBr NaBr NaBr NaBr NaBr 

2.000 0.000 469.3 2.132 0.730 -0.315 -0.317 
1.906 0.094 467.6 1.994 0.723 -0.324 -0.328 
1.820 0.180 465.8 1.858 0.714 -0.336 -0.338 
1.741 0.259 464.2 1.745 0.708 -0.346 -0.347 
1.636 0.364 461.8 1.588 0.697 -0.361 -0.360 
1.513 0.487 459.1 1.428 0.687 -0.375 -0.374 
1.408 0.592 456.6 1.295 0.678 -0.388 -0.387 
1.316 0.684 454.3 1.183 0.670 -00400 -0.397 
1.303 0.697 454.0 1.169 0.670 -0.401 -0.399 
1.235 0.765 452.3 1.093 0.665 -0.408 -0.407 
1.199 0.801 451.3 1.051 0.662 -0.412 -0.411 
1.171 0.829 450.5 1.019 0.659 -0.416 -0.414 
1.101 0.899 448.5 0.942 0.654 -0.425 -00423 
1.096t 0.904 448.3 0.934 0.653 -0.426 -0.423 
1.017 0.983 446.0 0.854 0.648 -0.434 -0.433 
0.993t 1.007 445.3 0.831 0.647 -0.436 -0.436 
0.938t 1.062 443.6 0.717 0.643 -0.441 -0.442 
0.884 1.116 441.5 0.715 0.636 -0.452 -00448 
0.845t 1.155 440.4 0.685 0.637 -0.452 -0.453 
0.797 1.203 438.3 0.631 0.629 -0.463 -0.459 
0.735t 1.265 436.2 0.581 0.629 -0.464 -0.466 
0.648t 1.352 432.7 0.506 0.625 -0.470 -0.476 
0.549t 1.451 427.7 0.416 0.615 -0.485 -0.488 
0.465t 1.b35 423.1 0.347 0.611 -0.492 -0.498 
0.370t 1.630 416.6 0.269 0.603 -0.506 -0.509 
0.263t 1.737 407.2 0.186 0.595 -0.520 -0.522 
0.183t 1.817 397.4 0.127 0.587 -0.532 -0.531 
0.096t 1.904 380.2 0.064 0.579 -0.547 -0.541 

t Data obtamed using NaBr as a titrant 
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Tahle B.8: Mean ionic activity coefficient of NaBr in aqueous solutions of NaBr and 
NaN03 at total ionic strength 3 and 298.2 K. 

Ionie Strength E(rnv) activity(a) ln(-y±) ln(-y±) 
il 

;± 
(Expt) (Expt) (Expt) (Expt) (Regr) 

NaBr NaN03 NaBr NaBr NaBr Na.Br NaBr 

3.000 0.000 494.8 5.993 0.816 -0.203 -0.199 

2.859 0.141 493.1 5.606 0.808 -0.213 -0.216 

2.731 0.269 491.0 5.162 0.794 -0.231 -0.233 

2.559 0.441 488.1 4.606 0.775 -0.255 -0.254 

2.407 0.593 485.5 4.159 0.759 -0.276 -0.274 

2.231 0.769 482.4 3.683 0.742 -0.299 -0.296 

2.078 0.922 480.0 3.351 0.733 -0.310 -0.315 

1.945 1.055 477.3 3.014 0.719 -0.330 -0.332 

1.775 1.225 473.8 2.627 0.702 -0.353 -0.354 

1.734 1.266 472.7 2.516 0.695 -0.363 -0.359 

1.632 1.368 470.8 2.335 0.691 -0.370 -0.372 

1.615t 1.385 470.1 2.272 0.685 -0.379 -0.374 

1.511 1.489 468.2 2.108 0.682 -0.383 -0.387 

1.406t 1.594 465.6 1.904 0.672 -0.398 
1-

00400 

1.389t 1.611 46.5.2 1.874 0.671 -00400 -0.402 

1.315 1.685 463.2 1.733 0.663 -0.411 -0.412 

1.26It 1.739 461.9 1.646 0.66(l -0.416 -0.419 

1.246 1.754 461.3 1.608 0.656 -0.422 -0.421 

1.075t 1.925 456.5 1.332 0.643 -0.442 -0.442 

O.940t 2.060 452.0 1.116 0.629 -0.464 -0.45~ 

0.786+ 2.214 446.5 0.899 0.617 -0.482 -0.479 1 

0.607+ 2.393 439.0 0.670 0.607 -0.500 -0.501 

0.452+ 2.548 430.5 0.480 0.595 -0.520 -0.521 

0.276+ 2.724 416.8 0.280 0.581 -0.543 -0.543 

0.145+ 2.855 399.4 0.141 0.571 -0.561 -0.560 

:t: Data obtamed usmg NaBr as a tItrant 
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Table B.9: Mean ionic activity coefficient of NaBr in aqueous solutiom: of NaBr and 
NaN03 at total ionic strength 4 and 298.2 K. 

Ionie Strength E(rnv) activity{a) "Y± In("Y±) In(f±) 
(Expt) (Expt) (Expt) (Expt) (Regr) 

NaBr NaN03 NaBr NaBr NaBr NaBr NaBr 

4.000 0.000 517.5 13.958 0.934 -0.068 -0.071 
3.813 0.187 515.2 12.752 0.914 -0.089 -0.095 
3.643 0.357 512.7 11.560 0.891 -0.116 -0.117 
3.487 0.513 5lO.6 lO.645 0.874 -0.135 -0.136 
3.277 0.723 507.6 9.462 0.850 -0.163 -0.lG3 
3.091 0.909 505.0 8.543 0.831 -0.185 -0.187 
2.873 1.127 501.6 7.476 0.807 -0.215 -0.214 
2.684 1.316 498.7 6.671 0.788 -0.238 -0.238 
2.443 1.557 494.4 5.634 0.759 -0.275 -0.269 
2.241 1.759 491.1 4.950 0.743 -0.297 -0.294 
2.071 1.929 488.1 4.400 0.729 -0.316 -0.316 
2.019:1: 1.981 486.8 4.181 0.719 -0.329 -0.322 
1.924 2.076 485.2 3.926 0.714 -0.337 -0.334 
1.797t 2.203 482.6 3.545 0.702 -0.353 -0.351 
1.758:1: 2.242 481.8 3.435 0.699 -0.358 -0.353 
1.594 2.406 478.3 2.994 0.685 -0378 -0.376 
1.587:1: 2.413 478.4 3.006 0.688 -U.374 -0.377 
1.350+ 2.650 472.5 2.384 0.664 -0.409 -0.407 
1.159:1: 2.841 467.6 1.967 0.651 -0.429 -0.431 

0.937+ 3.063 460.6 1.494 0.631 ·0.460 -0.460 
0.746+ 3.254 453.6 1.135 0.617 -0.483 -0.484 
0.531+ 3.469 443.6 0.766 0.601 -0.509 -0.511 
0.370:1: 3.630 433.5 0.516 0.590 -0.527 -0.531 
0.194:1: 3.806 415.9 0.258 0.577 -0.550 -0.554 

t Da.ta obtamed using N aBr as a titrant 
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Table B.1O: Mean ionic activity coefficient of NaBr in aqueous solutions of NaBr and 
NaN03 at total ionic strength 5 and 298.2 K. 

Ionic Strength 1 E(rnv) actlvity(a) 1:1: In(1:1:) In("')':I:) il 

Œxpt) (Expt) (Expt) (Expt) (Regr) 

NaBr NaN03 NaBr NaBr NaBr NaBr NaBr 

5.000 0.000 535.5 29.322 1.083 0.080 0.080 

4.767 0.233 532.5 25.938 1.043 0.042 0.052 

4.555 0.445 530.2 23.611 1.018 0.018 0.026 

4.361 0.639 528.1 21.669 0.997 -0.003 0.002 

4.100 0.900 525.1 19.168 0.967 -0.034 -0.029 

3.796 1.204 521.5 16.545 0.934 -0.069 -0.066 

3.534 1.466 518.3 14.517 0.906 -0.098 -0.098 

3.253 1.747 514.7 12.530 0.878 -0.131 -0.133 

2.970 2.030 510.8 10.684 0.848 -0.165 -0.167 

2.733 2.267 507.4 9.298 0.825 -0.192 -0.196 
2.530 2.470 504.4 8.225 0.806 -0.215 -0.221 

2.329+ 2.671 501.2 7.216 0.787 -0.239 -0.245 

2.157 2.843 498.3 6.410 0.771 -0.260 -0.266 

2.088t 2.912 497.1 6.103 0.765 -0.269 -0.274 

2.029 2.971 496.1 5.858 0.760 -0.275 -0.282 

1.903t 3.097 493.8 5.333 0.749 -0.290 -0.297 

1.694t 3.306 489.7 4.510 0.730 -0.315 -0.323 
1.517t 3.483 485.9 3.861 0.714 -0.338 -0.344 

1.320t 3.680 481.3 3.199 0.696 -0.362 -0.368 

1.099t 3.901 475.5 2.524 0.678 -0.389 -0.395 
0.850t 4.150 467.6 1.828 0.656 -0.422 -0.425 

0.666t 4.334 460.4 1.362 0.639 -0.447 -0.448 
0.465t 4.535 450.1 0.894 0.620 -0.478 -0.4 72 
0.244t 4.756 432.8 0.441 0.601 -0.508 -0.499 
0.125t 4.875 416.0 0.222 0.596 -0.518 -0.514 

+ Data obtamed usmg NaBr as a titrant 
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Table B.11: Mean ionie activity coefficient of NaBr in aqueo\'s solutions of NaBr and 
NaN03 at total ionic strength 6 and 298.2 K. 

Ionie Strength E(rnv) activity( a) 1% !ln(1±) In(1±) 
(Expt) (Expt) (Expt) J (Expt) (Regr) 

NaBr NaN03 NaBr NaBr NaBr NaBr NaBr 

6.000 0.000 553.l 57.244 1.261 0.232 0.228 
5.722 0.278 550.4 51.486 1.225 0.203 0.194 
5.469 0.531 547.5 45.944 1.183 0.16S 0.163 
5.237 0.763 544.9 41.484 1.149 0.139 0.134 
4.924 1.076 541.2 35.874 1.102 0.097 0.095 
4.646 1.354 537.9 31.514 1.063 0.061 0.061 
4.321 1.679 533.9 26.933 1.019 0.019 0.021 
4.019 1.961 530.2 23.2(H 0.980 -0020 -0.014 
3.791 2.209 526.9 20.460 0.948 -0.053 -0.045 
3.471 2.529 522.6 17.281 0.911 -0.093 -0.084 
3.201 2.799 5HJ.0 15.003 0.884 -0.124 -0.117 
2.970+ 3.030 515.7 13.179 0.860 -0.151 -0.146 
2.740 3.260 512.2 11.487 0.836 -0.179 -0.175 
2.542+ 3..158 509.4 10.291 0821 -0.197 -0.199 
2.513 3.487 508.7 10.012 0.815 -0.205 -0.203 
2.395t 3.60.5 506.7 9.2.56 0.803 -0.220 -0.217 
2.169+ 3.831 502.9 7.972 0.783 -0.245 -0.245 
1.900+ 4.100 497.9 6.551 0.758 -0.277 -0.278 
1.5891 4.411 491.6 5.115 0.732 -0.311 -0.317 
1.228+ 4.772 482.2 3.536 0.693 -0.367 -0.361 
0.916+ 5.084 473.1 2.474 0.671 -0.399 -00400 
0.560+ 5.440 458.5 1.394 0.644 -0.440 -0.444 
0.294+ 5.706 440.5 0.688 0.625 -0.471 -0.477 
0.151:1: 5.849 422.6 0340 0.614 -0.488 -0.494 

t Data obtamed usmg NaBr as a tItrant 
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Appendix C 

Experimental Data for the 

NaBr-Ca(N03)2-H20 System 

Experimental data for the N aBr-Ca(N03 h-H20 system are shown in Tables (C.1) 

to (C.3). As explained in Chapter 7, the electrornotive force of the Na-ISE towards 

Br-ISE as a reference electrode were measured. The values were linearIy regressed 

as explained in Appendix A. To show the consistency and precision of the data, the 

potential of the Na-ISE towards a single junction and a double junction electrode 

was also rneasured. Tables (CA) to (C.6) show the potential of the Na-ISE and the 

Br-ISE with reference to the two junction electrodes. As explained in Chapter 7, 

E(NaBr) is the difference in the potentials of the Na-ISE and the reference electrode. 

It can he seen that the three values of E(NaBr) are very close. However in the cal­

culation of the mean activity coefficient of NaBr we always us(> the data obtained by 

Br-ISE as a reference electrode because it eliminates liquid junction potentials. 
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Table C.1: Mean ionie activity coefficient of NaBr in aqueous solutions of NaRr and 
Ca(N03h at total ionic strength 3 and 298.2 K. 

Ionie Strength E(rnv) activity(a) I± ln(f±) lnb±) 
(Expt) (Expt) (Expt) (Expt) (Regr) 

NaBr Ca(N03h NaBr NaBr NaBr NaBr NaBr 

3.000 0.000 493.9 5.993 0.816 -0.203 -0.199 
2.853 0.147 490.6 5.264 0.804 -0.218 -0.213 
2.720 0.280 487.7 4.698 0.797 -0.227 -0.225 
2.598 0.402 484.8 4.192 0.788 -0.238 -0.236 
2.435 0.565 480.8 3.583 0.777 -0.252 -0.250 
2.291 0.709 477.1 3.098 0.768 -0.264 -0.263 
2.124 0.876 472.5 2.586 0.757 -0.278 -0.279 
1.980 1.020 468.3 2.193 0.748 -0.290 -0.292 
1.854 1.146 464.4 1.882 0.740 -0.301 -0.303 
1.692 1.308 45!d 1.528 0.731 -0.314 -0.318 
1.556+ 1.444 454.3 1.265 0.723 -0.325 -0.330 
1.441:\: 1.559 449.8 1.061 0.715 -0.336 -0.340 
1.311 1.689 444.5 0.861 0.708 -0.34.5 -0.352 
1.203 1.797 439.6 0.710 0.701 -0.355 -0.362 
1.044:\: 1.956 431.3 0.513 0.686 -0.377 -0.376 
0.912+ 2.088 423.9 0.384 0.679 -0.387 -0.388 
0.760:\: 2.240 413.9 0.259 0.669 -0.402 -0.402 
0.632:\: 2.368 403.9 0.175 0.662 -00413 -00413 
0.487t 2.513 390.0 0.101 O.6.~3 -0.426 -0.42G 
0.381+ 2.619 377.0 0.061 0.647 -0.43.5 -0.436 
0.265:\: 2.735 357.8 0.029 0.638 -0.450 -0.447 
0.139:\: 2.861 323.7 0.007 0.624 -0.472 -0.458 

:j: Data obtamed usmg NaBr as a tltrant 
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Table C.2: Mean ionic activity coefficient of NaBr in aqueous solutions of NaBr and 
Ca(N03 h at total ionic strength 4.5 and 298.2 K. 

Ionie Strength E(rnv) activity(a) ')'± Inh'±) ln( ')'±) 
(Expt) (Expt) (Expt) (Expt) (Regr) 

NaBr Ca(N03 h NaBr NaBr NaBr NaBr NaBr 

4.500 0.000 525.7 20.453 1.005 0.005 0.010 
4.386 0.114 523.9 19.057 0.995 -0.005 -0.001 
4.174 0.326 520.6 16.741 0.980 -0.020 -0.021 
3.891 0.609 515.5 13.703 0.951 -0.050 -0.048 
3.645 0.855 511.2 11.574 0.933 -0.069 -0.071 
3.361 1.139 505.6 9.289 0.907 -0.098 -0.098 
3.118 1.382 500.8 7.693 0.889 -0.117 -0.121 
2.860 1.640 495.0 6.126 0.865 -0.145 -0.146 
2.641 1.859 489.9 5.014 0.848 -0.165 -0.167 
2.419 2.081 484.5 4.056 0.833 -0.183 -0.188 
2.232+ 2.268 479.5 3.333 0.818 -0.201 -0.206 
2.071+ 2.429 474.9 2.782 0.805 -0.216 -0.221 
1.911 2.589 469.7 2.268 0.788 -0.238 -0.236 
1.755 2.745 464.6 1.857 0.776 -0.253 -0.251 
1.623 2.877 459.9 1.544 0.765 -0.267 -0.263 
1.510+ 2.990 456.0 1.325 0.762 -0.271 -0.274 
1.408 3.092 451.8 1.123 0.752 -0.284 -0.284 
1.190+ 3.310 442.1 0.767 0.736 -0.307 -0.305 
1.006+ 3.494 432.7 0.530 0.724 -0.322 -0.322 
0.799j 3.701 420.0 0.322 0.711 -0.342 -0.342 

0.566+ 1 3.934 401.4 0.155 0.696 -0.362 -0.364 
0.394t 4.106 382.0 0.072 0.683 -0.381 -0.380 
0.206+ 1 4.294 348.0 0.019 0.670 -0.400 -0.398 
0.105+ i 4.395 313.3 0.005 0.663 -0.411 -00408 . . 

:j: Data obtamed usmg NaBr as a titrant 
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Table C.3: Mean ionic activity coefficient of NaBr in aqueous solutions of NaBr and 
Ca(N03 h at total ionie strength 6 and 298.2 K. 

Ionie Strength E(rnv) activity( a) lx In(rx) In(r±) 
(Expt) (Expt) (Expt) (Expt) (Regr) 

NaBr Ca(N03h NaBr NaBr NaBr NaBr NaBr 

6.000 0.000 554.0 57.244 1.261 0.232 0.233 
5.846 0.154 552.0 52.920 1.244 0.219 0.216 
5.560 0.440 547.7 44.698 1.203 0.1~4 0.186 
5.300 0.700 543.8 38.351 1.168 0.156 0.158 
4.954 1.046 538.3 30.901 1.122 0.115 0.121 
4.650 1.350 533.4 25.492 1.086 0.082 0.088 
4.298 1.702 527.6 20.300 1.048 0.047 0.0.11 
3.927 2.073 521.1 15.727 1.010 0.010 0.011 
3.615 2.385 515.3 12.523 0.979 ·0.021 -0.023 
3.348 2.652 509.9 10.130 0.951 -0.051 -0.051 
3.076 2.924 504.2 8.099 0.925 -0.078 -0.080 
2.845 3.155 499.2 6.655 0.907 -0.098 -0.10.:, 
2.647+ 3.353 494.4 5.512 0.887 ·0.120 -0.127 
2.421+ 3.579 488.7 4.406 0.867 -0.14:J -0.151 
2.28b+ 3.714 484.7 3.766 0.849 -0.164 -0.165 
2.276 3.724 484.6 3.751 0.851 -0.161 -0.166 
2.107+ 3.893 479.9 3.119 0.838 -0.176 -0.184 
1.993+ 4.007 475.9 2.665 0.819 -0.199 -0.197 
1.722+ 4.278 466.8 1.865 0.793 -0.232 -0.226 
1.412+ 4.588 455.3 1.187 0.772 -0.259 -0.259 
1.149+ 4.851 443.3 0.741 0.749 -0.289 -0.287 
0.853t 5.147 426.5 0.383 0.726 -0.321 -0.319 
0.635+ 5.365 410.6 0.205 0.713 -0.338 -0.J42 
0.398+ 5.602 385.6 0.077 0.697 -0.361 -0.368 
0.139:1: 5.861 329.2 0.008 0.660 -0.41.5 -0.395 

t Data obtained using ~aBr as a titrant 
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Table CA: Experimental electromotive force of Na-ISE towards single junction 
electrode, double junction electrode and Br-ISE in aqueous solution of NaBr and 
Ca(N03 h at total ionic strength 3 and 298.2 K. 

Ionie Strength E(Na+) E(Br-) 
(mv) (mv) 

NaBr Ca(N03h SJE* DJEt SJE 

3.000 0.000 352.8 326.2 -141.0 
2.853 0.147 351.4 324.3 -139.4 
2.720 0.280 349.4 322.4 -137.9 
2.598 0.402 348.2 320.7 -136.4 
2.435 0.565 346.2 318.5 -134.4 
2.291 0.709 344.4 316.4 -132.5 
2.124 0.876 342.1 313.9 -130.2 
1.980 1.020 340.0 311.6 -128.0 
1.854 1.146 338.2 309.6 -126.1 
1.692 1.308 335.7 306.8 -123.2 
1.556 1.444 333.3 304.3 -120.8 
1.441 1.559 331.1 302.1 -118.6 
1.311 1.689 328.5 299.2 -115.7 
1.203 1.797 326.2 296.8 -113.2 
1.044 1.956 322.1 291.2 -109.0 
0.912 2.088 318.4 287.6 -105.2 
0.760 2.240 313.6 282.9 -100.1 
0.632 2.368 308.7 278.2 -95.0 
0.487 2.513 301.9 271.8 -87.8 
0.381 2.619 2S).7 265.9 -81.1 
0.265 2.735 286.2 256.9 -71.3 
0.139 2.861 269.5 240.1 -54.1 

* reference: Smgle JunctlOn Electrode 
t reference: Double Junction Electrode 
t reference: Bromide Ion-Selective Electrode 
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DJE 

-167.6 
-166.3 
-165.1 
-163.9 
-162.1 
-160.5 
-158.4 
-156.4 
-154.6 
-152.1 
-149.8 
-147.4 
-145.1 
-142.6 
-140.0 
-136.1 
-130.8 
-125.4 
-118.0 
-110.8 
-100.7 
-83.2 

E(NaBr) 
(mv) 

SJE DJE Br-ISEt 

493.8 493.8 493.9 
490.8 490.6 490.6 
487.3 487.5 487.7 
484.6 484.6 484.8 
480.6 480.6 480.8 
476.9 476.9 477.1 
472.3 472.3 472.5 
468.0 468.0 468.3 
464.3 464.2 464.4 
458.9 458.9 459.1 
454.1 454.1 454.3 
449.7 449.5 449.8 
444.2 444.3 444.5 
439.4 439.4 439.6 
431.1 431.2 431.3 
423.6 423.7 423.9 
413.7 413.7 413.9 
403.7 403.6 403.9 
389.7 389.8 390.0 
376.8 376.7 377.0 
357.5 357.6 357.8 
323.6 123.3 323.7 



Table C.5: Experimel1tal electrornotive force of Na-ISE towards single junction 
electrode, double junetion electrode and Br-ISE in aqueous solution of Nallr and 
Ca(N03h at total ionie strength 4.5 and 298.2 K. 

Ionie Strength E(Na+) E(Br ) 
(rnv) (rnv) 

NaBr Ca(N03h SJE* DJEt SJE 
4.500 0.000 373.6 343.5 -151.5 
4.386 0.114 372.6 342.4 -151.0 
4.174 0.326 370.7 340.5 -149.6 
3.891 0.609 368.0 337.4 -147.5 
3.645 0.855 365.6 334.8 -145.6 
3.361 1.139 362.6 331.7 -143.0 
3.118 1.382 360.1 328.8 -140.6 
2.860 1.640 357.2 325.8 -137.7 
2.641 1.859 354.5 322.9 -135.4 
2.419 2.081 351.6 319.9 -132.9 
2.232 2.268 349.1 317.6 -130.5 
2.071 2.429 346.8 315.2 -128.4 
1.911 2.589 344.1 305.6 -125.6 
1.755 2.745 341.6 302.6 -122.9 
1.623 2.877 339.4 300.2 -120.8 
1.510 2.990 337.3 298.8 -118.5 
1.408 :1.092 335.5 299.9 -115.9 
1.190 3.310 330.7 294.7 -110.7 
1.006 3.494 326.1 289.7 -106.0 
0.799 3.701 319.9 283.0 -99.5 
0.566 3.934 310.7 273.4 -90.5 
0.394 4.106 301.2 263.4 -80.6 
0.206 4.294 284.1 244.7 -62.6 
0.105 4.395 267.0 22ï.3 -466 

* reference: Smgle Junctlon Electrode 
t reference: Double Junction Electrode 
j reference: Bromide Ion-Selective Eledrode 
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DJE 

-181.7 
-181.2 
-179.8 
-] 78.2 
-176.3 
-173.8 
-171.7 
-169.1 
-167.0 
-164.5 
-161.9 
-159.8 
-164.0 
-161.9 
-159.9 
-156.9 
-151.6 
-147.0 
-142.6 
-136.5 
-1?7.9 
-118.6 
-102.1 
-86.0 

E(NaDr) 
(rnv) 

SJE DJE Br-ISEt 
525.1 525.2 525.7 
523.6 523.6 523.9 
520.3 520.3 520.6 
.515.5 515.6 515.5 
511.2 511.1 511.2 
505.6 505.5 !\05.6 
500.7 500.5 5GG.8 
494.9 494.9 49.).0 
489.9 489.9 489.9 
484.5 484,4 484 .. r; 
479.6 479.5 479.5 
475.2 475.0 4H.9 
469.7 469.6 469.7 
464.5 464.5 464.6 
460.2 460.1 459.9 
455.8 ·1.5!l.7 456.0 
451.4 451.5 451.R 
441.4 441.i 442.1 
432.1 432.3 432.7 
419.4 419.5 420.0 
401.2 401.3 401.4 
381.8 382.0 38:l.0 
34&.7 346.8 348.0 
313.6 313.3 :n:J.3 



Table C.6: Experimental electromotive force of Na-ISE towards single junction 
electrode, double junction electrode and Br-ISE in aqueous solution of NaBr and 
Ca(N03h at total ionic strength 6 and 298.2 K. 

Ionie Strength E(Na+) E(Br ) 
(mv) (rnv) 

NaBr Ca(N0 3h SJE* DJEt SJE 

6.000 0.000 389.2 367.1 -164.8 

5.846 0.154 388.0 366.7 -163.7 
5.560 0.440 385.8 364.1 -161.8 
5.300 0.700 383.7 361.6 -160.0 

4.954 1.046 380.8 358.5 -157.5 

4.650 1.350 378.1 355.4 -155.2 

4.298 1.702 374.9 351.9 -152.5 
3.927 2.073 371.4 348.2 -149.6 
3.615 2.385 368.3 344.6 -146.7 
3.348 2.652 365.4 341.6 -144.3 

3.076 2.924 362.5 338.4 -141.3 
2.845 3.155 359.7 335.8 -139.2 

2.647 3.353 357.3 333.3 -137.0 
2.421 3.579 354.4 3:10.3 -134.1 
2.286 3.714 352.8 327.3 ·132.0 
2.107 3.893 350.1 325.5 -129.6 
1.993 4.007 348.3 322.9 -127.3 
1.722 4.278 344.2 318.4 -122.4 
1.412 4.588 338.4 312.5 -116.6 
1.149 4.851 332.4 306.6 -111.0 
0.853 5.147 324.2 298,4 -101.9 
0.635 3.365 316.2 290.5 -94.1 
0.398 5.602 303.8 278.2 -81.7 
0.139 5.861 275.8 250.3 -53.3 

* rt'rerence: Smgle J unctlOn Electrode 
t reference: Doublt> Junction Electrode 
t reference: Brornide Ion-Selective E!ectrode 
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DJE 

-186.8 
-185.1 
-183.4 
-182.0 
-179.8 
-178.0 
-175.6 
-172.7 
-170.3 
-168.1 
-165.6 
-163.1 
-161.3 
-158.2 
-156.1 
-154.3 
-152.9 
-148.4 
-142.3 
-136.6 
-127.9 
-119.9 
-107.3 
-78.7 

il 

E(Nanr) 
(mv) 

SJE DJE Br-ISEt 

554.0 553.9 554.0 
551.7 551.8 552.0 
547.6 547.5 547.7 
543.7 543.6 543.8 
538.3 538.3 538.3 
533.3 533.4 533.4 
527.4 527.5 527.6 
521.0 520.9 521.1 
515.0 514.9 515.3 
509.7 509.7 509.9 
503.8 504.0 504.2 
498.9 498.9 499.2 
494.3 494.6 494.4 
488.5 488.5 488.7 
484.8 483.4 484.6 
479.7 479.8 479.9 
475.6 475.8 475.9 
466.6 466.8 466.8 
455.0 454.8 455.3 
443.4 443.2 443.3 
426.1 426.3 426.5 
410.3 410.4 410.6 
385.5 385.5 385.6 
329.1 328.7 329.2 



l 

Appendix D 

Selectivity Coefficients of Ion-Selective 
Electrodes 

As explained in Chapter 5 and Chapter 7, the separate solutions technique was 

used to determine the selectivity coefficient of ion-selective electrodes. ft was also 

explained that, using the sepÀ."ate solution technique, two methods can be applied to 

evaluate selectivity coefficients, one is the equal activity method and the other one is 

the equal electromotive force method. In the evaluation of the selectivity cœfficient. 

presented in Chapter 7, the separate solution method (cqual activity method) is u~ed. 

The details of the derivation of the equations related to selectivity coefficients of N 0 3-

ISE, Na-ISE and Ca-ISE were presented in Chapter 7. In this appendix Ilumerical 

values of selectivity coefficients, usine; calibration lines for each ion-selective electrode 

in the two respective binaries, are shown. One of these binaries involves the det.ectcd 

ions and the other con tains the interfering ions. 

Table (D.l) shows the emf values of Na-ISE towards N03-ISE in two sepa­

rate binary solutions of NaBr and NaN03• As shown in Chapter 6, the following 

calibration line was obtained for the response of Na-ISE against N03-ISE: 

E(NaN03 )NaN03 = 322.68 + 24.59 Ina(NaBr) 

Table (D.l) shows the values of K~63-Br at different molalities. An average value of 

0.135 is obtained. 
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Table (D.2) shows the emC values oC Na-ISE towards N03-ISE in two separate 

solutions of NaBr and Ca(N03h. The following calibration line is ohtained for the 

response of Na-ISE towards N03-ISE in aqueous solution of Ca(N03 h. 

E(NaN03)Ca(NOa)2 = 120.99 + 7.82 ln a[Ca(N03hJ 

An average value of 0.707 x 10-3 for Kb~-N(J is obtained at low concentrations of Na 

and Ca ions. 

Finally, Table (D.3) shows the emC values of Ca-ISE towards N03-ISE in two 

separate solutions of NaN03 and Ca(N03h. As presented in Chapter 6, the Collowing 

calibration line was obtained for the response of Ca-ISE towards N03-ISE at low 

concentrations of calcium ions. 

E(Ca(N03hka(NOah = 78.435 + 11.429 ln u(NaNOJ ) 

An average value of 9.303 x 10-3 for Kb~-Na is obtained at low concentrations of Na 

and Ca ions. 
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Table D.1: Selectivity coefficient of N03-ISE towards Br- ions using emf measure~ 
ments of Na-ISE towards N03-ISE in the two aqueous solutions of NaBr and NaN03 

at 298.2 K. 

Molality "1* activity In(a) E(NaNOa) E(NaN03 ) A'Pot 
N03- Br 

(exp) (exp) (exp) (exp) (regr) 

NaBr NaBr NaBr NaBr NaBr* Nal\.Ol 
0.300 0.710 0.045 -3.093 198.5 246.6 0.141 
0.250 0.721 0.032 -3.427 190.3 238.4 0.141 
0.200 0.732 0.021 -3.843 179.9 228.2 0.140 
0.150 0.754 0.013 -4.359 166.4 215.5 0.136 
0.100 0.77r, 0.006 -5.115 148.8 196.9 0.142 
0.090 0.782 0.005 -5.308 144.0 192.1 0.141 
0.080 0.790 0.004 -5.523 138.6 186.8 0.141 
0.070 0.798 0.003 -5.770 132.5 180.8 0.140 
0.060 0.808 0.002 -6.053 125.3 173.8 0.139 
0.050 0.819 0.002 -6.391 116.8 165.5 0.138 
0.040 0.832 0.001 -6.806 106.1 155.3 0.135 
0.030 0.849 0.001 -7.341 92.5 142.2 0.133 
0.020 0.870 0.000 -8.103 73.2 123.4 0.130 
0.015 0.886 0.000 -8.641 59.5 110.2 0.128 
0.010 0.902 0.000 -9.417 40.1 91.1 0.126 
0.008 0.910 0.000 -9.845 29.5 80.5 0.125 
0.006 0.921 0.000 ~1O.397 15.6 67.0 0.124 
0.005 0.927 0.000 -10.748 6.9 58.3 0.124 

* Bmary aqueous solutIOn of NaBr 
t Binary aqueous solution of NaN03 
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Table D.2: Selectivity coefficient of Na-ISE towards Ca++ ions using emf measure­
ments of Na-ISE towards N03-ISE in the two aqueous solutions of NaN03 and 
Ca(N03 h at 298.2 K. 

Molality f± activity In(a) E(NaNOa) E(NaN03 ) K"or 
Na-Ca 

(exp) (exp) (exp) (exp) (regr) 

NaNOa NaNOa NaN03 NaN03 NaNOa* Ca(NOah t 

0.300 0.666 3.99E-02 -3.221 242.9 95.8 5.05E-04 
0.250 0.684 2.92E-02 -3.532 235.5 93.4 5.29E-04 
0.200 0.702 1.97E-02 -3.927 225.8 90.3 5.68E-04 
0.140 0.737 1.06E-02 -4.543 210.2 85.5 6.47E-04 
0.100 0.760 5. 78F.r03 -5.154 196.1 80.7 6.96E-04 
0.090 0.762 4.70E-03 -5.360 191.2 79.1 7.18E-04 
0.080 0.771 3.80E-03 -5.572 185.8 77.4 7.52E-04 
0.070 0.782 3.00E-03 -5.810 180.0 75.6 7.83E-04 
0.060 0.793 2.26E-03 -6.091 173.0 73.4 8.28E-04 
0.050 0.811 1.64E-03 -6.410 164.4 70.9 9.04E-04 
0_040 0.822 1.08E-03 -6.830 155.1 67.6 9.36E-04 
0.030 0.841 6.37E-04 -7.359 141.9 63.4 1.04E-03 
0_020 0.867 3.01E-04 -8.109 122.8 57.6 1.22E-03 
0.015 0.882 1.75E-04 -8.651 109.9 53.3 1.33E-03 
0.010 0.900 8.10E-05 -9.421 90.7 47.3 1.54E-03 
0.008 0.908 5.28E-05 -9.850 80.0 44.0 1.68E-03 
0.006 0.919 3.04E-05 -10.401 66.4 39.7 1.86E-03 
0.005 0.926 2.14E-05 -10.750 57.7 36.9 1.99E-03 

* Bmary aqueous solution of NaNOa 
t Hinary a<.tueous solution of Ca(N03h 

227 



Table D.3: Selectivity coefficient of Ca-ISE towards Na+ ions using emf measure­
ments of Ca-ISE towards NOa-ISE in the two aqueous solutions of NaN03 and 
Ca(N03 h at 298.2 K. 

Molality 1% à."t.ivlty In(a) E[Ca(N03hl E[Ca(N03hl KPot 
Ga-Na 

(exp) (exp) (exp) (exp) (regr) 

NaN03 NaN03 NaND3 NaND3 NaN03* Ca(ND:d:,_t_ 

0.300 0.666 3.99E-02 -3.221 -105.2 - -
0.250 0.684 2.92E-02 -3.532 -107.2 - -
0.200 0.702 1.97E-02 -3.927 -112.8 - -
0.140 0.737 1.06E-02 -4.543 -120.3 - -

0.100 0.760 5.78E-03 -5.154 -127.1 - -
0.090 0.762 4.70E-03 -5.360 -130.3 - -

0.080 0.771 3.80E-03 -5.572 -132.9 - -
0.070 0.782 3.00E-03 -5.810 -137.2 - -
0.060 0.793 2.26E-03 -6.091 -138.3 - -

0.050 0.811 1.64E-03 -6.410 -144.6 5.170 1.2E-0:l 
0.040 0.822 1.08E-03 -6.830 -148.1 0.377 2.1 E-03 
0.030 0.841 6.37E-04 -7.359 -155.1 -.5.676 3.~E-03 

0.020 0.867 3.01E-04 -8.109 -165.2 -14.2·18 6.1E-03 
0.015 0.882 1. 75E-04 -8.651 -HO.4 -20.432 1.1 E-02 
0.010 0.900 8.l0E-05 -9.421 -181.4 -29.238 2.0E-02 
0.008 0.908 5.28E-05 -9.850 -186.7 -34.137 3.0E-02 
0.006 0.919 3.04E-05 -10.401 -1911 .6 -40.437 4.6E-02 
0.005 0.926 2.14&05 -10.750 -200.3 -44.431 5.6E-02 

* Bmary aqueous solutIon of NaNOa 
t Binary aqueous solut.ion of Ca(N03h 
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Appendix E 

Calculation of Molalities of Salts in a Ternary 
System with Constant Total Ionie Strength 

In principle when two binary electrolyte solutions of similar ionic strength , l, 

are mixed, the total ionie strength of the prepared ternary system is the same as 

ionic strength of the individual binaries. Table (E.l) shows the variable properties 

of binary solutions. The molalities of salts in a ternary system composed of binaries 

with given volume and molality can be evaluated as follows, 

• The weight percent of each salt in the respective binaries is calculated as, 

(E.1) 

• Having the weight percent of each salt permits the calculation of the density of 

each binary using the CRe Handbook or a similar other source of density data. 

Then the molarity of each binary can be obtained by having its molality and 

density as [116] 

m,PI 
CI = ----=:...-=---

1 + O.OOlm, M, (E.2) 

• Having the volume and the molarity of the binary solution allows the evaluation 

of the number of moles of the salt in the given binary as 

(E.3) 
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" 
Table E.l: Variable propertie; of binary electrolyte solutions 

Il Legend 1 Binary "1" 1 Binary "2" Il 

molality ml m2 
molarity Cl c2 
density Pl P2 

molecular weight Ml M2 

of electrolyte 
volume VI V2 

weight percent WI W2 

moles of electrolyte nI n2 
weight of solvent W1 W2 

then, the weight of the solvent associated with the each binary solution can he 

ohtained as, 

(E.4) 

• Finally, knowing the number moles of eaeh salt and the weight of the solve'lt 

associated with eaeh binary permits the computation of the molalities of salt~ 

in the ternary system as, 

(E.5) 

(E.6) 

Therefore, the molalities of the individual salts can be obtained in a multicomponcnt 

system whieh is prepared by mixing n hinaries with the same ionie strength using 

the following relation. 

ml = "n V. ",n V. M 
L..) PI 1 - L..l CI l , 

1000 nI (E.7) 
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