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Abstract 

We examined the variation with ionic strength (I, adjusted with KCl, KNO3, KBr, NaCl 

or NaClO4) of the formal potential (Econst) for glass electrodes exhibiting a Nernstian 

response (i.e. Ecell=Econst−s log [H
+
]). For this purpose, we investigated the different 

factors included in the formal potential, so we obtained reported values for the liquid 

junction potential as a function of ionic strength and determined the logarithm of the 

activity coefficient for the proton in various saline media, using Pitzer equations. 
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1. Theoretical background 

Potentiometry with a commercially available H
+
 ion-sensitive glass electrode, also 

referred to as ‘pH-metry’, is a powerful tool for determining equilibrium constants [1]. 

IUPAC recommends calibrating glass electrodes in terms of the proton concentration at 

a constant ionic strength prior to the determination proper [2]. Glass electrodes exhibit a 

Nernstian response; consequently, the resulting electromotive force at constant ionic 

strength will be given by [3] 

    (1) 

where 

 (2) 

and s denotes the Nernstian slope, the value of which at 25°C is 

   (3) 

In Eq. (2), Eg
0
 is the potential across the glass membrane at unity proton activity; Er is 

the combination of the external and internal reference potentials and will thus be 

independent of the ionic strength of the unknown solution—unlike the liquid junction 

potential (El) and, obviously, the activity coefficient for the proton (log γH
+
). According 

to the Stockholm school [4], El varies with acidity; however, several authors have 

shown that it can be assumed not to vary, within experimental errors, with small acidity 

changes (e.g. over the −log [H
+
] ranges 2.3–2.9 and 10.8–11.3). In addition, fulfillment 

of Eq. (1)has been experimentally confirmed 3 and 5. 

Parameter Eg
0
 encompasses the asymmetry potential, resulting from differences between 

the inner and outer leached layers and potentially arising from composition differences 

introduced during the electrode's manufacturing process, a differential history for both 

leached layers or the adsorption of given substances by either [6]. 

Although formal potentials, Econst, are commonly used to determine equilibrium 

constants, virtually none of the studies involving calibration of glass electrodes in terms 

of the proton concentration 7, 8, 9, 10, 11 and 12has reported on the variation 

of Econst with ionic strength [Econst=f(I)]. One interesting exception is the study of Pezza 

et al. [13], who used various ion-selective electrodes to determine the activity 

coefficients for the ions sensed by each electrode. In this work, we used commercially 

available H
+
 ion-sensitive glass electrodes to compare the variation of the formal 

potential with ionic strength in five different electrolytes that are commonly used to 

adjust the latter parameter (NaCl, KCl, KBr, KNO3 and NaClO4). 

 

 



2. Experimental 

Calibrations were done in an acid medium
1
 as described elsewhere [5]:variable 

volumes v of a strong acid of concentration c were successively added to an initial 

volume V0 of inert electrolyte solution. The proton concentration was thus given by 

  (4) 

where 2.3<−log [H
+
]<2.9 [3]. We used an initial volume V0=40.0 ml to which 0.04 ml 

aliquots of 0.1000 M HCl were successively added. Only those points included in the 

above-mentioned range were used to fitEcell versus log [H
+
] curves. 

We carried out experiments at a variable ionic strength adjusted with NaCl, KBr, KNO3, 

KCl and NaClO4 (all Merck p.a. reagents). The water used to prepare every solution 

was purified by passage through a Millipore Milli-Q system. All experiments were 

performed in a dual-wall cell through which water thermostated at 25.0±0.1°C was 

circulated. Nitrogen of 99.999% purity was bubbled through the cell to remove CO2 and 

stir the solution. A Crison microBU 2030 autoburette furnished with a 2.5 ml syringe 

for dispensing the titrant was used. The burette was controlled via a computer that 

afforded reading the emf of a Crison micropH 2002 pH-meter connected to a 

Radiometer GK2401C electrode. This last was a glass electrode combined with an 

Ag/AgCl reference electrode where the liquid junction was established by a salt bridge 

consisting of a plug of porous ceramics. 

 

3. Results and discussion 

Fig. 1 shows a typical calibration curve, of intercept Econst=378.9±0.1 mV and slope 

59.1±0.1 mV. TheEconst values obtained from similar fitted curves for the different 

electrolytes are shown in Fig. 2 Fig. 4 and Fig. 5. By way of example, Fig. 3 shows the 

slopes of the calibration curves obtained in KNO3; as can be seen, there were no 

significant deviations from 59.2 mV at 25°C—the largest error was 2%—,which 

testifies to the Nernstian behaviour of the electrode. Similar results were obtained 

regarding the slopes of the fitted curves for the other electrolytes. On the other hand, 

careful examination of Fig. 2 reveals increased dispersion of formal potentials in graph 

D. The difference arose from the fact that, except in series 1D, the glass electrode was 

stored in a slightly acidic solution (about 0.05 M) while not in use in order to improve 

its response relative to storage in water or a neutral buffer [14]. During the calibrations 

of Fig. 2D, the electrode was kept in distilled water while not in use—an identical 

behaviour was observed if it was stored in a neutral buffer. 

 



 

Fig. 1.  

Calibration curve of equation E=378.9 (± 

0.1)−59.1 (± 0.1) p[H
+
] in 0.6 M KBr. 

 

 

 

 
Fig. 2. Variation of Econst with I in KNO3. Data obtained with the same Radiometer GK2401C 

electrode on the following time frames: (A) May–June, 1992, (B) April, 1993, (C) January–

April, 1994, (D) October, 1994, (E) December, 1994, and (F) February–March, 1995. The solid 

line represents the variation of s log γH
+
 with I according to the Pitzer equations. 

 

http://www.sciencedirect.com/science/article/pii/S0039914098000228#gr1
http://www.sciencedirect.com/science/article/pii/S0039914098000228#gr2


 

 

Fig. 3.  

Mean of the slopes of the calibration 

curves in Fig. 2. 

 

 

As can also be seen from Fig. 2, experimental points in the Econst versus I graphs 

followed the same pattern, albeit shifted to lower or higher potentials—note that the 

same scale was used in all graphs. 

In order to account for the behaviour of these Econst versus I curves in Fig. 2 and Fig. 

4 Fig. 5 one must break down Econst into the factors included in Eq. (2). As noted earlier, 

both the liquid junction potential, El, and the activity coefficient for the proton, vary 

with ionic strength. 

 

Fig. 4.  

Variation of Econst with I in the following 

electrolytes: (A) KCl and (B) NaClO4. The 

solid line represents the variation 

of s log γH
+
 withI according to the Pitzer 

equations. 

 

http://www.sciencedirect.com/science/article/pii/S0039914098000228#gr3
http://www.sciencedirect.com/science/article/pii/S0039914098000228#gr4


 

 

 
Fig. 5.  

Variation of (A) Econst with I in KBr, (B) Econst−El with I in KBr, (C) Econst with I in NaCl, and 

(D) Econst–El with I in NaCl. The solid line represents the variation of s log γH
+
 with I according 

to the Pitzer equations. 

 

 

There are few reported liquid junction potentials. By exception, Bagg [15] has reported 

the potentials for the junction or free diffusion between a 4 M KCl solution and NaCl or 

KBr solutions at a variable ionic strength (Fig. 6). The results of Bagg [15] for the 

liquid junction residual potential in dual-junction cells are comparable, within 

experimental error for this type of measurement, with those experimentally—derived in 

almost every system studied so far. As noted by Bagg himself, ‘this agreement is 

particularly satisfactory in view of (a) the probable differences of the junctions, sleeve-

type and frit, used in the cells from the idealized model of junction used in the 

calculation, and (b) the extrapolation of some transference numbers beyond the range of 

concentration in which they are determined.’ 

 

http://www.sciencedirect.com/science/article/pii/S0039914098000228#gr5


 

Fig. 6.  

Variation of El with I in NaCl and 

KBr. Triangles represent data from 

an earlier reference [15] and ticks 

the points where El was 

extrapolated. 

 

The sole constraint to the use of the previous data [15] is that the ionic strength values 

used do not coincide with those of our experiments, so El must be interpolated to the 

desired I values. For this purpose, we used a polynomial ratio proposed 

elsewhere [16] as the interpolation function. We used this type of function because it 

fits the experimental behaviour more closely than does a simple polynomial or a cubic 

spline interpolation function [16]. 

Provided the liquid junction potential is known, Eq. (2) can be rewritten as 

   (5) 

If the only term that depends on ionic strength on the right-hand side of this equation is 

the activity coefficient for the proton, then, the plots of (Econst−E1) versus I and 

(s log [H
+
]) versus I should exhibit the same trend except for the shift due to 

the term. In order to confirm this assumption, we superimposed the 

(s log γH
+
) versus I curve and shifted it to overlap the previous one, obviously, at the 

same scale amplitude (20 mV) in both cases ( Fig. 5B,D). 

The activity coefficient for the proton was calculated in the light of Pitzer's formalism. 

The pertinent equations are given in Appendix Aand the curves obtained in the different 

electrolytes studied are shown inFig. 7. As can be seen, every curve exhibits a minimum 

at a different ionic strength for each electrode, beyond which the curve is virtually 

linear. The similar behaviour of the (s log γH
+
) versus I curves and the (Econst−El) 

versus I curves is apparent in Fig. 5B,D for KBr and NaCl, respectively. One 

quantitative way of comparing the experimental results with the curve derived from the 

Pitzer equations is by fitting experimentalEconst versus I data points and those in the 

(s log γH
+
) versus I curve obtained from the Pitzer equations—obviously in the virtually 

linear zone ( Fig. 7)—to a straight line. Table 1 gives the results obtained and the ionic 

strength range used in each fitting. As can be seen, consistency between data is quite 

good for KBr (Fig. 5B) but not quite for NaCl ( Fig. 5D) as the likely result of Na
+
 ion 

influencing the behaviour of the glass electrode. Unfortunately, there seems to be no 

http://www.sciencedirect.com/science/article/pii/S0039914098000228#gr6


reported liquid junction potentials for the other systems studied, so we chose to 

plot Econst versus I and (s log γH
+
) versus I in the same graphs. 

 

 

 

Fig. 7.  

Variation of log γH
+
 with I (on the 

molar scale) in NaClO4, KNO3, KCl, 

NaCl and KBr. 

 

 

 

Table 1.: Slopes of the linear fits of Econst versus I, (Econst−El) versus I and slog γH
+
versus I plots 

in each of the electrolytes studied 

Electrolyte 59.16×log y 
a
 (Pitzer eq.) Slope of Econst vs. I Slope of Econst−El vs. I I range Fig. 

KNO3 4.0±0.1 4.8±0.7  0.5–1.5 2a 

 4.0±0.1 5.1±0.6  0.5–1.5 2b 

 4.0±0.1 3.7±0.6  0.5–1.5 2c 

 4.0±0.1 5.7±0.8  0.5–1.5 2e 

 4.0±0.1 5.0±0.3  0.5–1.5 2f 

KCl 6.2±0.1 6.7±0.6  0.5–1.5 4a 

NaClO4 6.5±0.1 9.9±1.4  0.5–1.0 4b 

KBr 6.3±0.1 6.6±1.5 6.8±1.4 0.5–1.0 5a,b 

NaCl 6.0±0.1 11.4±0.5 9.0±0.5 0.4–1.1 5c,d 

a Obtained from those points in Fig. 7 that lay within the stated ionic strength range for each 

electrolyte. 

http://www.sciencedirect.com/science/article/pii/S0039914098000228#gr7


As can be seen from both Table 1 and Fig. 5A, the results in KBr were still similar, 

which was to be expected since El remained virtually constant throughout the ionic 

strength range studied. Similar consistency was observed in KCl and KNO3 ( Table 

1, Fig. 2 and Fig. 4A), which suggests that El remains virtually constant over the ionic 

strength range where the formal potential was determined. Fig. 2 also shows six data 

series for the formal potential; while all exhibit a similar trend, the potential is displaced 

to a greater or lesser extent between one another. Based on Eq. (5), this can be ascribed 

to change in the  term because, if the electrodes were theoretically immersed 

in the same solutions, Er should have remained constant and the change be due to a 

variation in the asymmetry potential with time typical of changes at the electrode 

surface layer. 

The Econst versus I plot in sodium perchlorate exhibited a much greater slope than that 

obtained from the Pitzer fitting as the likely result of (a) the influence of sodium ion on 

glass membranes and/or (b) a major change in the liquid junction potential relative to 

potassium salts over the ionic strength range studied. 

 

Appendix A.  

The relationship of log γH
+
 to I was studied in the light of the Pitzer equations [17], 

which have frequently been used to describe the influence of ionic strength on the 

activity coefficients for strong electrolytes at moderate to high concentrations and a high 

electrolyte concentration. Our group has used them to interpret the variation with ionic 

strength of the acidity constants for some organic 

molecules 18, 19, 20, 21, 22, 23,24, 25 and 26. 

Based on Pitzer's formalism, the activity coefficient for H
+
 ion in the presence of excess 

electrolyte is given by 

    (A.1) 

where the ionic strength is determined from the salt concentration since the salt is in a 

large excess relative to the proton. f
γ
, B and B′ depend on I, as can be seen in the 

following equations: 

     (A.2) 

 

     (A.3) 

 



      (A.4) 

 

Substituting B and B′ in the expression for the logarithm of the activity coefficient of 

H
+
 ion yields 

      (A.5) 

where 

 

 

 

         (A.6) 

P, Q, R and T are thus constants that depend on the particular inert electrolyte 

(see Table 2). The Pitzer parameters used to calculate them were taken from an earlier 

reference [17]. 

 

Table 2. Pitzer Parameters used in Eq. (A.5)for each of the electrolytes studied 

Electrolyte P Q R T 

KNO3 0.2338 0.0043 0.0494 0.2959 

KCl 0.3650 −0.0062 0.2122 0.1884 

KBr 0.4020 −0.01363 0.2212 0.2458 

NaCl 0.4270 −0.0026 0.2664 0.1613 

NaClO4 0.4214 −0.00899 0.2755 0.15535 

 

 

 



The activity coefficients in Eq. (A.5)are expressed on the molal scale, so they must be 

converted into molar units since Econst was determined from molar [H
+
] values. We used 

the following equation for this purpose[27]: 

         (A.7) 

where y and γ denote the activity coefficients on the molar and molal scale, 

respectively; ρ is the solution density; ρw is water density at the working 

temperature; i denotes any ion in solution; and Mi is the molar mass of ion i, mi is 

molality and ci its molarity. 

By way of example, substituting water density at 25°C and the molecular mass of NaCl 

into Eq. (A.7) yields 

        (A.8) 

Also, molality can be converted into molarity by using the following expression: 

         (A.9) 

which, for NaCl, becomes 

         (A.10) 

The dependence of density on the ionic strength can be determined by 

fitting ρ versus m data pairs to a polynomial expression of m based on reported 

values 28 and 29. 
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If calibration was performed by adding a base to an acid solution, then the combination 

of relatively small errors in the concentration of both resulted in the slope of the fitted 

curve deviating from the Nernstian value, as previously noted elsewhere 3 and 5. 

 


