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Abstract 
The activity coefficients (and therefore the activities) of single ionic species are concepts ten-

tatively introduced by G. N. Lewis, which he could not define thermodynamically because of 
electroneutrality requirements. Guggenheim subsequently gave them formal, pseudo-thermo-
dynamic definitions, while warning that they were imaginary constructs without physical signifi-
cance. Consequently, the hydrogen ionic activity, as a purely conceptual but immeasurable quan-
tity, cannot serve as the basis of the pH, the globally accepted experimental measure of acidity.  

Various aspects of this mismatch are described, based on the original literature sources as well 
as on experimental data used by their proponents. An apparently widespread misconception is 
that the hydrogen ion concentration cannot be determined by thermodynamic means, despite the 
extensive work of Harned, Robinson and coworkers who showed otherwise. The very concept of 
the Debye-Hückel theory, through the ionic strength (which is a weighted sum of ionic concen-
trations) clearly depends on ionic concentrations, as do the mass and charge balance expressions, 
and all subsequent theories of ionic activities. Another misconception is that ionic activity coef-
ficients are necessary for interpreting equilibrium and kinetic observations. 

A pathway is indicated to facilitate a smooth return to the original, thermodynamically sound 
definition of Sørensen in terms of the hydrogen ion concentration.  

We also describe a useful formalism based on the imaginary nature of single ionic activities. 
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A pH centenary 

1. Introduction 
In a reacent article [1] commemorating the centenary of the concept of pH in an official 

IUPAC news magazine, one of the co-authors of the latest IUPAC recommendation [2] for the 

definition of pH wrote that pH is “most likely the most measured chemical parameter and the one 

most people hear or talk about” but lamented that  

“In fact, beyond the simple process of measuring pH, there is poor understanding of the con-
cept, the basis for its derivation, and limitations of its applicability.”  

Is this a problem that physical chemists, analytical chemists, and electrochemists should ad-

dress by better teaching? In this communication, which reflects a tutorial lecture I presented at 

the 2012 ISE meeting in Prague, I will argue that this poor public understanding is not a matter 

of deficient teaching, but of a poorly defined, and therefore unteachable subject and is, in fact, a 

problem of IUPAC’s own making.  

This paper will briefly review the historical development of the concept of pH since 1909, 

when it was introduced as –log[H+], and why it was subsequently redefined as –log aH. It will 

consider different aspects of this development, including direct quotes from the writings of its 

major players, because those who develop and advocate new concepts tend to think about them 

deeply, and usually explain them clearly. In order to keep the notation as simple as possible, we 

will assume that all dimensional parameters are made properly dimensionless where necessary.  

As in any historical overview, the facts and citations must (and will) be accurate and objective, 

but their interpretation is necessarily subjective. In this context, the tenor of this paper is perhaps 

best described by a quote from G. N. Lewis [3] who, upon introducing the concept of activity, 

wrote about the development of the Guldberg-Waage mass action law and its consequences:  

“As approximations to the truth they have been of the greatest service. But now that their 
utility has been demonstrated, the attention of a progressive science cannot rest upon their 
acknowledged triumphs, but must turn to the investigation of their inaccuracies and their 
limitations”.  

Here we will apply a similar standard to pH.   
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1.1. The early history: Friedenthal, Sørensen, and Lewis 

In the late nineteenth century, Guldberg and Waage [4] formulated the final form of their mass 

action law, and Arrhenius [5] introduced the idea of the permanent presence of ions in electrolyte 

solutions. Ostwald [6] combined these to analyze the behavior of weak acids and bases, and his 

extensive work convinced many skeptics at the time to accept these novel concepts.  

Friedenthal [7] introduced the idea that the negative ten-based logarithm of the hydrogen ion 

concentration (here, regardless of the actual speciation of solvated protons, denoted by [H+] in 

general, and cH or mH more specifically) would make a useful acidity scale. Moreover, he treated ac-

ids and bases in the same way rather than by using two different scales, one for [H+] and the other for 

[OH−]. Sørensen [8] adopted Friedenthal’s scale, gave it the name pH, and provided an extensive 

description of its experimental determination, by both spectroscopic and potentiometric means.  

At about the same time, G. N. Lewis [3] noticed that a class of electrolytes (then already 

called “strong”) did not seem to follow Ostwald’s dilution law [6] and, by analogy to his earlier 

introduction of fugacity [9], introduced molecular activity coefficients, in order to allow for the 

non-ideal behavior of such solutions. It was soon realized that, in dilute electrolyte solutions, 

long-distance electrostatic interactions were mainly responsible for such deviations, and Lewis 

therefore also tried to introduce activities and corresponding activity coefficients for single ionic 

species. However, he could not find a satisfactory thermodynamic definition for the activity of 

single ionic species, in contrast to those for the neutral electrolytes that contained them. As he 

commented in his 1923 book with Randall [10]:  

“In developing our equations we have made use of the activity coefficient of the separate 
ions, and we have shown that, for a salt like potassium chloride, the activity coefficient is the 
geometric mean of the activity coefficients, γ+ of potassium ion, and γ− of chloride ion. It 
remains for us to consider whether these separate values can be experimentally considered. 
This is a problem of much difficulty, and indeed we are far from any complete solution at 
the present time.” And a few pages later in that same book, they wrote [11]: “At the present 
time we must conclude that the determination of the absolute activity of the ions is an inter-
esting problem, but one which is yet unsolved”. 

Unfortunately, this issue was somewhat confused at that time, because the ionic concentrations 

of strong electrolytes were not obtained directly from the concentrations of the electrolytes that 

contributed them, but rather were computed from their conductances, on the assumption (then al-

ready disproved by Kohlrausch [12] in his square-root law for the conductivity of strong electro-
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lytes) that the ionic mobilities would remain constant. But there was also a more fundamental 

problem, one that Lewis recognized but could not solve. 

The concentration of a solute is its mass per volume of solution and is then called molarity (with 

the symbol c), or its mass per mass of solvent and then called molality (with the symbol m). These 

fundamental chemical parameters are linked directly to weighing, molecular mass, and the con-

servation of mass. Lewis defined activity as concentration times a correction factor, the activity 

coefficient. The latter is a strictly thermodynamic construction, which therefore exists only 

within a thermodynamic framework. If it cannot be defined within that context, it simply does 

not exist or, if one prefers the euphemism, it is a concept without physical significance, i.e., an 

illusory, imaginary quantity. As we will see below, that is the case with the activity coefficient of a 

single ionic species, and is the root cause of the difficulty mentioned by Camões [1], because 

IUPAC [2] now defines the pH, an experimental measure, in terms of the hydrogen ion activity. 

In their 1924 review, Sørensen & Linderstrøm-Lang [13] cited the above Lewis comments, and 

concluded that:  

“... it would seem premature at present to introduce the activity principle in place of the con-
centration principle for measurements of hydrogen ions in biochemical investigations gener-
ally; …”  

and, a little further-on:  

“We therefore suggest, that in accordance with the practice of Bjerrum and his collaborators, 
the terms cH, pH and π0 should be allowed to retain their original significance, aH, paH and aπ0 
being used to denote respectively hydrogen ion activity, exponent of hydrogen ion activity 
(paH = –log aH) and the π0 used in calculating the activity of hydrogen ions, …”  

which they then repeated in their “Proposals for Standardisation” as: 

    “1) In electrometric measurements of hydrogen ions, a sharp distinction should be made 
between concentration and activity of the hydrogen ions. 
    2) In statements of concentrations of hydrogen ions, the terms cH, pH and π0 should be 
used, retaining the same significance as hitherto. 
    3) In stating the activity of hydrogen ions, the terms aH, paH and aπ0 should be used, indi-
cating respectively activity, exponent of activity, and the π0 used in calculating the activity 
of hydrogen ions.” 

These quotes are difficult to reconcile with IUPAC’s 2002 use [2] of reference [13] as its sole 

justification for using the hydrogen activity rather than concentration to define pH !  
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1.2. The Debye-Hückel model 

In the meantime, Debye & Hückel [14] solved the theoretical problem of ionic interactions in 

sufficiently dilute electrolyte solutions by deriving their equation 
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where fi is the activity coefficient of ions i with valency zi, the ionic strength I is defined [15] 

as ½ Σ zi
2

 ci,  a is the distance of closest approach of the selected, ‘central’ ion i to its (predomi-

nantly counter-) ions, and A and B are known macroscopic constants reflecting the solvent tem-

perature, dielectric constant, etc. Note that the definition of ionic strength I is in terms of ionic con-

centrations ci, each multiplied by the square of its valency Likewise, the ionic activity coefficient 

predicted by the Debye & Hückel model requires the ionic concentration to define the ionic ac-

tivity ai = fi ci. Some relevant details of the derivation are given in section 1.3. 

At sufficiently low ionic strengths, so that the term B  a I << 1, (1.2.1) reduces to the Debye-

Hückel limiting law, without any adjustable parameters:  
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A somewhat less restrictive approximation, again for B  ai I << 1, approximates (1.2.1) to  
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Shortly after Debye & Hückel published their theory, Hückel [16] added an empirical term to 

represent salting-in and salting-out effects, thereby modifying the expression for log fi to  
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With its additional term, this extended Debye-Hückel expression can represent many mean 

electrolyte activities over a rather wide range of concentrations and ionic strengths.  

The Debye-Hückel model does not define the activity coefficient of a single ionic species, 
because the parameter a specifies a distance of closest approach to its nearest ions, not an 
ionic radius or diameter. Debye & Hückel were quite emphatic regarding this latter aspect, 
and wrote [14] “Die Gröβe a miβt dann offenbar nicht den Ionenradius, sondern steht für 
eine Länge, welche einen Mittelwert bildet für den Abstand bis auf welchen die umgeben-
den, sowohl positiven, wie negativen Ionen an das ervorgehobene Ion herankommen kön-
nen”.  

This can be translated as  
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“Obviously, then, the quantity a does not measure the ionic radius. Instead it represents a length equal 
to the average distance to which the (positive as well as negative) surrounding ions can approach the 
central ion.” 

Each of the expressions (1.2.1) through (1.2.4) suffices to define a mean activity coefficient 

−+± = fff  or −+± = γγγ  for the aqueous solution of a single strong 1,1-electrolyte, as was 

the main focus of Debye & Hückel, because in that case the distance ai of closest approach must 

be the same for both anion and cation, and is then indeed the only relevant distance parameter. 

Meanwhile it is useful to keep in mind that the Debye-Hückel expression has been (and can be) 

tested only in solutions of electroneutral electrolytes, i.e., for macroscopically manipulable species 

that can (partially or fully) dissociate into electroneutral combinations of anions and cations.  

The strongest experimental evidence for the validity of the Debye-Hückel approach comes 

from its limiting form (1.2.2). Here is how H.S. Frank, an outspoken critic of the full Debye-

Hückel equation, started a 1959 chapter on this topic coauthored with Thompson [17]:  

“There can be little doubt that the theory of Debye and Hückel gives a complete and correct 
account of activity coefficients and heats of dilution in ionic solutions which are sufficiently 
dilute. The finality with which it answers questions dealing with these properties is, so to 
speak, guaranteed by the fact that it not only gives limiting laws for log f± and 2L which 
make these quantities linear functions of c½, with slopes which, in a sufficient number of in-
stances, are experimentally confirmed to the highest accuracy with which experiments can 
be carried out, but also specifies these limiting slopes as functions of temperature, dielectric 
properties of the solvent, and valence type of the solute, without recourse to any empirical or 
adjustable parameters.” 

( L is the relative partial molar heat content of a solute in the notation of [18].) 

1.3 The Debye-Hückel math 

We will here sketch how Debye-Hückel derived their result, because we will subsequently 

need it in section 2.5. In principle, the ionic interaction is a many-body problem involving mil-

lions of ions (because Avogadro’s number, about 6×1023 molecules per mole, is so huge), for 

which a closed-form solution is well-nigh impossible [19,20]. Fortunately, we are not interested 

here in the behavior of individual ions, but only in their average, statistical behavior. Debye and 

Hückel found an elegant simplification that allowed them to reach an approximate solution for 

the latter, by dividing the solution artificially into a single, arbitrarily chosen “central” ion and its 

resulting “ionic atmosphere”, the statistical average of the effects of millions of other ions. There 
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is nothing special about the central ion, and the final result must be (and is) applicable to anions 

and cations alike, but the above simplification reduced the number of “particles” to be consid-

ered statistically from trillions to two, the central ion and its ionic atmosphere, thereby making it 

mathematically tractable. This approach appeared to be an extension of Gouy’s earlier model for 

a planar diffuse double layer [21,22] to a spherical geometry, but Debye & Hückel [14] subse-

quently deleted the effect of sphericity, see (1.3.5), making the two treatments formally equivalent.  

 In a homogeneous electrolyte solution, the concentration profile of a smeared-out charge 

density around a central ion i is given by the Boltzmann distribution 

 






 −
= ⊗

RT
Fz

cc ij
jj

ψ
exp  (1.3.1) 

where cj
⊗ is the “bulk” concentration of ions j in the solution, i.e., sufficiently far apart from the 

central ions i, and ψ i is the distance-dependent potential around a central ion. (The original paper 

uses ε /k instead of F/R, where ε is the electronic charge and k is Planck’s constant. Here we have 

multiplied both ε and k by Avogadro’s number N in order to avoid possible confusion with the 

dielectric permittivity ε and the chemical rate constant k.) 

The charge density ρ in the ionic atmosphere is then  
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and electroneutrality of the central ion plus its surrounding ionic atmosphere requires that  
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where a denotes the (statistically averaged) distance of closest approach of ions i and j (otherwise 

considered as point charges), and F/N is the electronic charge. Assuming a constant dielectric 

permittivity ε, the Poisson-Boltzmann equation for spherical symmetry now yields  
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Debye & Hückel expanded the exponential and then truncated the resulting series after its 

second term, thereby (as indicated above) reducing it to a planar problem, 
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when zj Fψi / R T << 1, where the first term of the series expansion, ∑ , is zero because of 

macroscopic electroneutrality, and where we have used the abbreviations  
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With the further abbreviation u = rψi we can rewrite (1.3.5) as du2/dr2 = κ2u, which finally 

yields the solution  
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where the necessary integration is from a to infinity, a being the distance of closest approach of 

the centers of the ions j in the ionic atmosphere to the center of the central ion i. This result 

should be compared with the potential around an isolated charge zi F / N in an infinitely large di-

electric medium of permittivity ε without any other ions, 
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must therefore be the resulting lowering of the electrical energy of the central ion i,  
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due to its interaction with its surrounding ionic atmosphere in which, on average, a counterion 

will be its closest neighbor, hence the net attraction. Identification with the ionic activity term 

(RT/N) ln fj then yields 
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where all constants have been incorporated in A and B. Equation (1.3.11) is the Debye-Hückel 

result (1.2.1). Numerical values for A and B for aqueous solutions are listed by, e.g., Bates [23] 

for concentrations expressed as either molarity c or molality m.  
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1.4  Taylor’s analysis of liquid junction potentials    

The early electrochemists had introduced a salt bridge to separate the two electrodes of an 

electrochemical cell in the hope that, by so doing, any change in the solution composition around 

one (‘indicator’) electrode would not be sensed by the second (‘reference’) electrode, and that 

any resulting liquid junction potential could either be made constant or negligibly small. While 

both Lewis and Sørensen had accepted that approach, it soon became clear that there was a problem 

with the liquid junction, a term we use here to denote an ion-permeable connection that is not 

fully selective to just one of the various ionic species present. However, efforts to describe the 

liquid potential in thermodynamic terms have proved elusive. As Harned [24] wrote:   

“We are thus confronted with the interesting complexity that it is not possible to compute 
liquid junction potentials without a knowledge of individual ionic activities, and it is not 
possible to determine individual ion activities without an exact knowledge of liquid junction 
potentials. For the solution of this difficult problem, it is necessary to go outside the domain 
of exact thermodynamics.”  

Taylor [25] examined the thermodynamic basis of the liquid junction more closely, prompted 

by a then recent paper by Harned [26], and possibly also by the earlier statement of Lewis & Ran-

dall [27] that  

“It is to be hoped that in the future we may be spared the uncomfortable necessity of guess-
ing at the values of liquid potentials, since it seems to be possible in nearly all if not all cases 
to obtain the data that are of thermodynamic value, solely by means of cells which contain 
no liquid junctions.”  

Taylor’s paper [25] started as follows:  

“A recent paper by Harned on the thermodynamic behavior of individual ions is representa-
tive of the persistent attempts which have been made to establish a basis for the determina-
tion of the free energies of ions by means of cells with transference, i.e., a cell containing a 
junction of two (different) electrolytes. The present analytical study leads to the conclusion 
that the EMF of the cell with transference is a function of free energies which are molecular 
only, that it can not possibly be manipulated to yield ionic free energies, and that the ionic 
free energy has not been thermodynamically defined. It is to be thought of rather as a purely 
mathematical device, which may indeed be employed safely with considerable freedom.”   

Taylor expressed the liquid junction potential “entirely in terms of transference numbers and 

EMF’s of cells without transference,” so that it can be described completely in terms of dynamic 

(mass transport) and static (equilibrium) equations for all species involved, “the solution of 
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which together with the arbitrary boundary conditions in time and space completely determine 

the state of the system”. However, the practical problem of finding the pH of an unknown solu-

tion remains, and is well-nigh insoluble. As Taylor wrote:  

“In particular the determination of pH numbers by such a cell is not the simple thing it is 
sometimes assumed, for the cell EMF depends not only on the acid activity but also on the 
activity of every molecular species in the cell and mobility of every ion. If these are suffi-
ciently well known to be allowed for, the acid activity is likely to be sufficiently well known 
not to need measurement.”  

The most common approach is to make the liquid junction potential as small as possible 
through the use of dominating concentrations of near-equitransferent salts, such as KCl or 
NH4NO3 or, better yet, RbCl [28] or CsCl [29], so that any effects due to unknown sample con-
stituents are effectively ‘swamped’. While this is admittedly a crude approach, it seems to be the 

best currently available method for potentiometric measurements. The present communication 
will not address this problem.     

Taylor’s paper was quite influential, because it led directly to two important developments: 
(1) Guggenheim’s work [30,31] defining the ionic free energy in terms of a pseudo-thermodynamic 
formalism (which led to the development of “irreversible” thermodynamics), and (2) studies by 
Harned and coworkers [32,33] on the experimental determination of the hydrogen ion concentra-
tions from emf measurements on cells without liquid junctions. 

It is not necessary here to go into the details of Taylor’s paper, which to my knowledge has 
never been contested; instead, it has recently been expanded by Malatesta [34]. It will suffice to 
quote Taylor [25] once more, because he is quite explicit:  

“The EMF of the cell with transference is thus a function of molecular free energies solely 
and is not a function of ionic free energies. It therefore can yield no information whatsoever 
concerning ionic free energies. In fact no thermodynamic information can be gained from a 
cell with transference which could not better be gained from a cell without transference. 
Conversely, within our present purview a knowledge of the ionic energies is never necessary 
for an account of the thermodynamics of electrolytes. Indeed, with the possible exceptions of 
single electrode potentials and rates of reaction there appears to be no occasion for the use of 
ionic free energies as experimental quantities but only as a mathematical device.”  

(The italics in the above quote are those of Taylor.) Note that, at the time Taylor wrote this, the ex-
istence of “possible exceptions” of single electrode potentials had already been disavowed by Gibbs 

[35,36], and for reaction rates by the work of Brønsted [37] and Christiansen [38], to which we will 
return in sections 2.3 through 2.5.  
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1.5  Why is paH extra-thermodynamic, and therefore immeasurable?  
The hydrogen ionic activity cannot be defined thermodynamically because of macroscopic 

electroneutrality. The thermodynamic definition of the chemical potential µi of species i at con-

stant temperature T and pressure P, i.e., its partial molar Gibbs free energy G, is    

 (1.5.1) 

where ni is the number of moles of species i. However, we cannot add, say, either Na+ or Cl– ions in 

substantial (e.g., macroscopically weighable) quantities without charge-compensating counterions, 

because of the coulombic, strongly repulsive forces resulting from their net charge density. This 

definition is therefore not applicable to individual ionic species, even though it works fine for 

neutral electrolytes such as acids, bases, and salts that contain (or may even be composed en-

tirely of) such ions. And because activity is a purely thermodynamic construction, when a sup-

posedly thermodynamic quantity cannot be defined thermodynamically, it doesn’t exist, and 

hence cannot be measured.  
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Lewis was well aware of this problem, and wrote [39]:  

“An interesting type of solution is furnished by electrolytes dissolved in water or other dis-
sociating solvent. In this case it is customary to assume the existence of molecular species, 
namely the ions, which cannot be added independently to the solution; for example, we have 
no practical means of adding a mol of sodium ions or a mol of chloride ions alone to a solution 
of sodium chloride in water. We have therefore no means of determining the partial molar 
volumes, or other partial molar quantities for such substances as sodium ion and chloride ion.”   

As Harned & Owen [40] later explained:  

“In solutions of an electrolyte, electro-neutrality imposes the condition that the number of 
mols of the individual ionic species cannot be varied independently. We must be careful, 
therefore, to refer to ionic species as constituents of the solution rather than as components, 
so that the latter term may retain the precise meaning assigned to it by Gibbs. A component 
is an independently variable constituent of a solution. Thus, in the system NaCl and H2O 
there are two components whose chemical potential can be measured by the application of 
thermodynamics alone. They are, of course, NaCl and H2O. Although the ionic constituents 
Na+ and Cl− are of fundamental importance in determining the behavior and properties of the 
system, their concentrations are not independent variables. Thermodynamics does not permit 
the evaluation of the chemical potentials, free energies, activities, etc., of the individual ionic 
species. In spite of this limitation it is advantageous to express a number of thermodynamic 
developments in terms of “hypothetical” ionic activities, with the strict understanding that 
only certain ionic activity products, or ratios, have any real physical significance.”  
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1.6  Guggenheim’s formalism 
Guggenheim [30,31] developed a pseudo-thermodynamic formalism for the single ionic activ-

ity and its activity coefficient, but explicitly warned that it was  

“a conception which has no physical significance”, echoing Taylor’s warning [25] that the 
ionic free energy is “a purely mathematical device”.  

As Guggenheim [30] explained,  

“… it is clear that the interionic energy is stored in the whole assembly and any partition of 
it amongst the separate types of ions would be arbitrary. In the theory of Debye and Hückel, 
… which treats the ions as rigid spheres, this shows itself by the fact that the specific quanti-
ties, which distinguish solutions of the same electric type, are not the diameters of the indi-
vidual ions, but the distances of closest approach of the various pairs of ions.”  

In section 1.2 we already quoted Debye & Hückel [14] stressing that same point. 

Not all potentials (or potential differences, which it often means) are measurable. Gibbs, in an 

1899 letter to Bancroft [35,36] already wrote about single electrode potentials that  
“…the consideration of the difference of potential in electrolyte and electrode, involve 
the consideration of quantities of which we have no apparent means of physical meas-
urement, while the difference of potential in pieces of metal of the same kind attached to 
the electrodes is exactly one of the things which we can and do measure.”  

Or, as Guggenheim [30] put it:  
“The general principle referred to may be expressed as follows. ‘The electric potential dif-
ference between two points in different media can never be measured and has not yet been 
defined in terms of physical realities; it is therefore a conception which has no physical sig-
nificance.’ The electrostatic potential difference between two points is admittedly defined in 
electrostatics, but this is the mathematical theory of an imaginary fluid ‘electricity,’ whose 
equilibrium and motion is determined entirely by the electric field. ‘Electricity’ of this kind 
does not exist, only electrons and ions have physical existence, and these differ fundamen-
tally from the hypothetical fluid electricity in that the particles are at all times in movement 
relative to one another; their equilibrium is thermodynamic, not static.”  

and [31]:  
“… we therefore have no knowledge of the value of the electric potential between any pair 
of phases, nor therefore of the chemical potential, the activity or the activity coefficient of 
any individual ion.”  

Guggenheim [30] defined the ionic activity ai as a function of an electrochemical (rather than 

chemical) potential, ,~
iµ an entity that cannot be thermodynamically defined either, by introduc-

ing the purely formal expressions 
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where the tilde ~ identifies the electrochemical (rather than chemical) potential and its standard 

state, the latter denoted by the superscript o, and where c and m are the concentrations on a solution 

volume (mol L−1) or solvent weight (mol kg−1) scale respectively. However, not only the electro-

chemical potentials iµ~ and but also the ionic activity a,~ o
iµ i, the ionic activity coefficient γi or fi, 

and the solution potential ψ are in general immeasurable quantities. Unfortunately, Guggenheim 

did not label the latter as such, but we will do so here by also placing tildes on ai, fi, γi, and ψ  in order 

to identify them as immeasurable, as Guggenheim had clearly stated they are. Here we will there-

fore write 

 

            (1.6.2)  ψ~lnln~ FzfRTcRT iii +++=

ψγµ

µ

ψµµ

~~lnln~

~
~~ln~~

FzRTmRT

FzaRT

iiii

i

iiii

+++=

++=

o

o

o

in order to emphasize their pseudo-thermodynamic status. Note that the chemical potential µ has 

no term in (nor need for) ψ because all terms in i cancel for neutral electrolytes. ψ~Fz

As Waser wrote [41]:  

“Thermodynamics is a phenomenological theory, concerning macroscopic quantities such as 
pressure, temperature, and volume. It is both its strength and weakness that the relationships 
based upon it are completely independent of any microscopic explanation of physical phe-
nomena, …”  

or, in the words of Smith [42], thermodynamics  

“… is essentially a practical subject that interrelates quantities that can be measured in the 
laboratory …”.  

Unfortunately, in terms of measurability, electroneutrality prevents us from determining ionic 

activity coefficients independently (i.e., individually) without making additional, arbitrary model 

assumptions. Only those combinations that do not violate electroneutrality can be measured. In 

sections 2.6 through 2.8 we will introduce a formalism that shows clearly which combinations of 

these immeasurable ionic activities and ionic activity coefficients can be expressed in terms of 

measurable, thermodynamic quantities. The electroneutrality (or charge balance) condition links 

the anionic and cationic activity coefficients, as in  for a single 1,1-electrolyte, where 

γ

2~~
±−+ = γγγ

± is an example of such a directly measurable combination.  
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Lewis & Randall [43] had hoped that single ionic activity coefficients might be obtainable 

from electrochemical cells with liquid junctions, if only one could compute the liquid junction 

potential, and thereby separate the anionic and cathodic responses of the two electrodes. But be-

cause cells with or without liquid junctions do not require single ionic activities for their thermo-

dynamic description, such quantities cannot be extracted from them either, which is why Taylor 

[25] considered the single ionic activity a “purely mathematical device”.  

Incidentally, Malatesta [44-46] also showed what hidden assumptions or outright mistakes 

underlie some recently published claims of having measured unbiased single ionic activity coef-

ficients, and Zarubin [47] derived the uselessness of a common test purportedly validating such 

claims. Moreover, the literature is full of earlier, since abandoned attempts to specify how single 

ionic activities could be measured. But hope springs eternal. 
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2. Why measure paH?  
If the hydrogen ionic activity is indeed a concept without physical significance, we must ask 

ourselves whether the hydrogen ionic activity is a useful parameter to define acidity in practical, 

experimental terms. (Debye & Hückel firmly established its usefulness for theoretical calculations.) 

To answer this question, we will first pose the related question: What would we learn if we could 

somehow measure the ionic activity of hydrogen? In other words: Why measure pH? 

The Nernst equation defines a thermodynamic equilibrium, and therefore should be written in 

terms of activities, as do the mass action expressions for chemical equilibria. Moreover, electro-

chemical reactions by definition involve charge transfer, and the Nernst equation therefore al-

ways contains one or more ionic activities, thereby offering a seductive hope of yielding the elu-

sive hydrogen ionic activity. But what useful purpose would that serve? Below we will therefore 

consider two areas of major use of pH: in chemical equilibria, and in chemical kinetics. 

2.1. Why measure paH for chemical equilibria?  

A major area in which pH is used concerns equilibrium relations, such as in analytical 

chemistry, where the pH serves as an important tool in acid-base, complexation, redox, and 

precipitation titrations; in physical, inorganic, organic and bio-chemistry, where it is used to 

determine equilibrium constants of weak acids and bases; in agriculture, where it finds applications 

in the acidity of rain and soil; in medicine, where it is used as an indicator of blood quality, etc.  

We can indeed write equilibrium expressions in terms of ionic activities but, alternatively, we 

can always write them instead in terms of thermodynamically well-defined mean activities. In 

fact, in the preface to his 1933 book on Modern thermodynamics by the methods of Willard 

Gibbs, Guggenheim [48] wrote:  

“In the treatment of electrochemical systems I have shown how to avoid the use of functions 
which are not thermodynamically defined. Amongst these are … the individual ionic activity 
coefficients and the partition coefficient between two solvents of individual ionic species.”  

He then proceeded to do as promised.  

Guggenheim [30,31] had already illustrated this for several chemical equilibria. In our modi-
fied notation of (1.6.2) we can write for acetic acid, HAc, in equilibrium with its ions, H+ and Ac–, 
either   
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            (2.1.1) AcHo −−

===
mmfcaa

K
HAcHAc

AcH

HAc

AcH

HAc

AcH

HAc

AcH
~~~~~~

γ
γγ +−++−+−+

mf
f

c
c

aa

or  

            (2.1.2) o

γ
±++

===
mfca

K
HAc

2

HAc

AcH

HAc

2

HAc

AcH

HAc

AcH
~~ γ± −+−− mmfccaa

a

where the mean activity coefficients f±,HAc and γ±,HAc (i.e., the geometric mean of the activity co-

efficients of the ions H+ and Ac− of the weak acid), and also the activity coefficients fHAc and γ HAc of 

the neutral species HAc, are thermodynamically well-defined. Numerical values for f± or γ± as a 

function of I can often be found in the literature for strong acids, bases, and their salts, and have 

been widely tabulated; the corresponding data for weak acids, bases and their salts are more diffi-

cult to find. At sufficiently low I, we can often assume that fHAc ≈ 1 and γHAc ≈ 1.  

Likewise, for the equilibrium between NH4
+ and H+ + NH3 we have 

            (2.1.3) 3
NH

Ho
~~ γ

++

===
mm

f
fccaa

K
3

44

3

3

444

3

NHNH

NHH
NH

NH

H

NH

NHH

NH

NHH
~~

~

~

γ
γ

+

+

+

+

+++

+

mfcaa 

where the ratios ++
4NHH

~~ ff  and  ++
4NHH

~~ γγ  are properly thermodynamically defined, because 

they correspond to the replacement of, say, H+ ions by an equivalent charge of NH4
+ ions, while 

keeping the anion concentrations unchanged, so that the electroneutrality condition is not vio-

lated. Moreover, these ratios approach 1 as the ionic strength I approaches the region of applica-

bility of the Debye-Hückel limiting law.  

Similar results are obtained spectroscopically for concentration ratios. For HAc in equilibrium 

with H+ + Ac– we find  

            (2.1.4) Ac fcfcc +

==
HAc

2
HAc,

o
H

HAc

H
o

H

B

A -
~~

fKf
f

Kc aa

±++

 

which, in practice, can often be simplified to  

            (2.1.5) 2
o ±≈ f

c
c

HAc,
H

B

A +

K

c

a

    For the equilibrium between NH4
+ and H+ + NH3 we likewise obtain 

3

4

NH
NH

H
o

H

B

A
~

~
f

f

f

K

c
c
c

a +

++

=      (2.1.6) 

which in sufficiently dilute solutions approaches 

            (2.1.7) o

c
≈ H

B

A

aK
c

c
+

and the equivalent relations in terms of molalities.  
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Colorimetric pH indicators indeed monitor the ratio cA/cB, and its modern application in pH ti-

trations has been described extensively by, e.g., Polster & Lachmann [49].  

To the best of my knowledge, IUPAC has not sponsored any general tables of ionic activities 

or ionic activity coefficients. (And please don’t get me wrong: I am not suggesting that it should do 

so!) But in one respect it has: in its pH values for standard pH buffers. 

We conclude that, for thermodynamic equilibria, ionic activities may be convenient but are not 

required; and ionic concentrations plus mean activity coefficients or other measurable products 

and ratios of ionic cation or anion activity coefficients (or concentration-based Ka-values) suf-

fice. The statement by Bates [50] that  

“The psH has virtually no meaning. The paH value has in itself no significance in terms of 
physical reality, yet its rôle in chemical equilibria is simply and unequivocally defined. For 
these reasons, the general adoption of the activity scale seems warranted.”  

is therefore truly baffling, because that rôle (for a quantity that has “no significance in terms of 

physical reality”) is entirely superfluous.  

2.2. Why measure paH for chemical kinetics?  

In the 1907 paper [3] in which Lewis introduced activities, he carefully addressed the question 

of reaction kinetics, explicitly restricting it to molecular species:  

“We will now consider those processes in which the molecular species react with each other 
to form new species, and it will be shown that the activity of a given species is not only a 
measure of the tendency of the species to escape into some other phase, but is also a perfect 
measure of the tendency of the species to take part of any chemical reaction. In other words, 
the activity is an exact measure of that which has been rather vaguely called the “active 
mass” of a substance.”  

and, in the summary of that same paper:  

“It has been shown that a quantity named the activity, and closely related to the fugacity of 
the preceding paper, may be so defined that it serves as an ideal measure of the tendency of a 
given molecular species to escape from the condition in which it is.”   

In other words: Lewis emphasized molecular species, and did not mention ionic activities. In this 

respect, Lewis’ analogy with the fugacity was apt: neutral species can have measurable vapor 

pressures but, absent balancing counter-ionic charges, individual ionic species cannot, because if 

one type of ions were to escape while its counterions could not, a boundary potential would 
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quickly build up that would restrict the excess charges on both sides to macroscopically minus-

cule amounts.  

Unfortunately, Lewis subsequently was not always as careful with his occasional, off-hand 

suggestions that the rates of chemical reactions involving ions should also be written in terms of 

activities rather than concentrations. In a footnote in his 1923 book with Randall [51], e.g., he 

wrote:  
“We do not mention the method which depends upon the rate of catalysis of a reaction as de-
termined by the amount of some ion present. Even if this method could be brought to greater 
refinement, it would give activities rather than concentrations. At least this is the case in the 
neighborhood of an equilibrium where the reaction rates are definitely related to the equilib-
rium constant.”  

This was an easy trap to fall into. A chemical equilibrium such as between A plus B and C 

plus D can be understood dynamically as the equality of the two reaction rates A + B → C + D and 

A + B ← C + D, and if the first rate would be proportional to BAaak
r

, and the second to DCaak
s

, 

where the k’s are the corresponding forward and reverse rate constants, then their equality at equi-

librium would indeed lead to Ko = kk
rs

/ = aC aD / aA aB.  

In any correct formulation of a chemical equilibrium, the sum of the charges on each side of 

the equilibrium expression must be the same, so that net electroneutrality is maintained. However, 

to use equilibrium expressions to draw conclusions about the mathematical form of the individual 

rate expressions, especially when ions are involved, was one bridge too far, and often turned out 

not to agree with experimental observations.  

In fact, it was known much earlier that chemical reaction rates not necessarily reflect equilibrium 

expressions, and often don’t. In 1850 Wilhelmy [52] already reported that the rate of sucrose in-

version was first order in strong acid, even though neither the acid nor hydrogen ions enter the 

equilibrium expression, as is common with catalysts. And Harcourt [53] wrote in 1867 that the 

rate of oxidation of iodide by hydrogen peroxide is first order with respect to both H2O2 and I−, 

whereas the equilibrium expression H2O2 + 2 HI  2 H2O + I2 would have suggested a second 

order in iodide.  

In general,  

(1) reaction kinetics tend to reflect the slowest (so-called rate-determining) process(es) in  a 

possibly quite complicated chain of events, whereas equilibrium represents the ratio of the over-

all reactions establishing that equilibrium; and, more generally,  
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(2) knowing a ratio, such as the expression for an equilibrium constant in terms of rate con-

stants, is in general insufficient to specify its numerator and denominator separately, just as know-

ing the mean activity of a salt does not specify the individual activities of its constituent ionic ac-

tivities, but only their product. The need for activities rather than concentrations in chemical rate 

expressions therefore cannot be settled a priori, as Lewis tried to do, but must be established ex-

perimentally.  

We will first consider the logical application of the idea expressed in the above-quoted foot-

note [51] to reaction kinetics. Let the rate of a chemical reaction between molecular (i.e., neutral) 

species A and B be determined by a rate constant times functions of A and B. At infinite dilution, 

such functions are the concentrations of A and B, and the rate expressions [54] are  

 dcA/dt = dcB/dt = – k cA cB (2.2.1) 

or its equivalent in terms of molalities m. In more concentrated solutions (2.2.1) should then be 

replaced by  

 dcA/dt = dcB/dt = – k ãA ãB (2.2.2) 

because a fixed rate constant cannot anticipate effects caused by, e.g., changes in the ionic 

strength of the solution, while the terms dcA/dt and dcB/dt are purely accounting devices safe-

guarding the conservation of mass, and therefore will not be affected by energetics.   

But when A and/or B are ions, the principle that “the activity … is also a perfect measure of 

the tendency of the species to take part of any chemical reaction” cannot be applied in this sim-

ple form, because their single ionic activities cannot be defined thermodynamically, and hence 

have no physical meanings and are immeasurable. Or, to put it differently, single ionic species 

cannot ‘escape’ as such, but only in combination with an equivalent charge of counterions, i.e., as 

electroneutral species. In that case we can only measure the so-called mean ionic activities and 

activity coefficients, already encountered in section 2.1, which in general are defined as  

 −+−+−+−+
−+

+
±−+

+
± == νννννννν fffccc ~~,  (2.2.3) 

or 
 −+−+−+−+

−+
+

±−+
+

± == νννννννν γγγ ~~,mmm  (2.2.4) 

where ν+ and ν–  are the stoichiometric coefficients of the neutral salt of the cation M of 

valency z
+− νν XM

M and the anion X of valency –zX, and where the  electroneutrality condition reads ν+ z+ 

+ ν– z– = 0. For the rate of formation of a 1,1-salt AB from its ions, A+ + B– → AB, we then find 

 dcA/dt = dcB/dt = – k cA cB f±
2
 (2.2.5) 
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or 
 dmA/dt = dmB/dt = – k mA mB γ±

2
 (2.2.6) 

and correspondingly more complicated expressions for salts with different stoichiometries and/or 

valencies. But strict thermodynamics doesn’t apply to single ionic species, i.e., in rate expressions 

for which ν+ z+ + ν– z– ≠ 0, and only experiment can decide what is the correct formalism to use for 

the corresponding reaction rate. As Kortüm wrote, introducing Brønsted’s theory in his influential 
Treatise on Electrochemistry [55]:  

“The rate of a chemical reaction is proportional to the concentration of the reactants, accord-
ing to the familiar laws of kinetics. If the rate-determining process involves ions, departures 
from this law are observed. It has also been found that simple substitution of activities for 
concentrations does not, as might be expected, account for the experimental results.”  

In section 2.3 we will see that such a “simple substitution of activities for concentrations” indeed 
fails experimental tests, and in sections 2.4 and 2.5 why this is so. 

2.3. Brønsted’s observations  
This matter was cleared up by the extensive studies of Brønsted [37] and, following the publi-

cation of the Debye-Hückel theory [14], by the elegant theoretical work of Christiansen [38]. 
Brønsted scanned the literature available at that time for cases in which reaction rates could be 
compared in the absence and presence of external interionic effects. He noticed that strong 
anomalies (called “primary” salt effects) appear even at high dilutions in reaction rates between 
ionic species, but not in those between non-electrolytes or between electrolytes and non-
electrolytes.  

Brønsted found that, in general, reaction rates initially increased with the addition of inert 
electrolyte for reactions between anions and anions, or between cations and cations, i.e., when the 
valencies of the two reagents were of the same sign (even though they would electrostatically re-
pel each other), but decreased for those between reagents with valencies of opposite signs, i.e., 
between (mutually attracting) anions and cations. And the reaction rates were rather indifferent to 
changes in ionic strength when one or both of the reagents was uncharged.  

This is definitely not what one would expect from the Debye-Hückel limiting law (1.2.2) if 
the rate expression were written in terms of ionic activities, because then a reaction rate expres-
sion such as dcA/dt = dcB/dt = − k BA

~~ aa = − k cA cB BA
~~ ff  would always yield an initial decrease 

of ln kapp with√ I as long as at least one of the reagents is an ion. In general, however, such be-
havior is not observed. 
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The reaction rates Brønsted considered were mostly of the type A + B → product(s), but the 

dependencies of their initial logarithmic reaction rates on added inert electrolyte appeared to de-

pend on the product zA zB of the valencies of the reagents A and B, rather than on the sum of 

their squares zA
2 + zB

2, as would be expected from the combination of (2.2.2) with the Debye-

Hückel theory.  

Brønsted interpreted this chemically to imply that the reaction involved the equilibrium for-

mation of a reaction intermediate, an “activated complex” or “transition state”, as in A + B  

AB# → product(s) (where the superscript # indicates its transitory nature), combined with the ad-

ditional, rather counterintuitive assumptions that, in all such cases, the observed decomposition 

rate (an energetically downhill reaction) of that transition state AB# would be the rate-determining 

step and, paradoxically, would be directly proportional to the concentration rather than to the ac-

tivity of the transition state AB#. Note that it was the latter assumption, viz. that the rate of de-

composition of AB# would be directly proportional to its concentration rather than its activity, 

which was as illogical in this framework as it was crucial to Brønsted’s interpretation. 

With the above assumptions, the effect of added inert salt would then derive from the thermo-

dynamic pre-equilibrium between the reagents A and B and the intermediate AB# as  
          

       K#       and     kapp = k K#        =
BBAA

ABAB

BA

AB ~~~~
###

fcfc
fc

aa
a

=
 

so that the assumption of the down-hill yet rate-determining decomposition of AB# would yield  

           K#        (2.3.1) cc −=BABA
AB

BA

#

~~
cckcc

f
ff

app−=
BABA

AB

BA

#

~~
ckc

f
ff

app
 
in which case the Debye-Hückel limiting law (1.2.2), the form of which Milner [19] and Brøn-

sted [56] had already anticipated correctly, yields 

            log kapp = log k K# – (zA
2 + zB

2 – zAB
2) A√ I = log k K# + 2 zA zB A√ I   (2.3.2) 

because zAB = zA + zB or zAB
2 = (zA+ zB)2 = zA

2 + zB
2 + 2 zA zB, so that  

    – (zA
2 + zB

2 – zAB
2) = + 2 zA zB       (2.3.3)  

in quantitative agreement with the literature effects on reaction rates which Brønsted had found.   

On the other hand, starting either from BABABABA
~~~~ ffcckaakdtdcdtdc −=−==  or from 

kakdtdcdtdc −=−== #ABBA K#
BABA

~~ ffcc would yield a proportionality of the logarithm of the 

apparent rate constant kapp with – (zA
2 + zB

2) A√ I, which initially would always decrease the ob-

served rate with increasing ionic strength I as long as at least one of the reagents is ionic. Such 
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behavior Brønsted clearly did not find, except when zB = –zA so that zAB = zA + zB = 0, in which 

case the two models predict identical (and therefore experimentally indistinguishable) results. 

2.4. Christiansen’s model  
Shortly after the Debye-Hückel theory [14] appeared in print, Christiansen [38] showed that 

invoking an intermediary transition state and making its associated, counter-intuitive assumptions 

is in fact completely unnecessary, by deriving Brønsted’s result directly from the Debye-Hückel 

law, as subsequently confirmed explicitly by Debye [57]. The influence of added inert ions on the 

ionic strength I modifies the distance of closest approach a of ionic reagents, and thereby affects 

their reaction rate, yielding precisely the same result as that reported by Brønsted, as will be de-

rived in section 2.5. In general, this result is different from that obtained by the thoughtless ap-

plication of eq. (2.2.2) or its equivalents to ionic reactants. Equations such as (2.2.2) are no 

longer found in recent treatises on chemical kinetics, but unfortunately still popped up in a recent 

electrochemical textbook [58]. 

 In this context it is useful to consider the narrow region of ionic strengths in which the De-

bye-Hückel limiting law applies, because only in this region does that theory predict specific 

ionic activity coefficients without a need for adjustable parameters, such as a distance of closest 

approach. If we assume that, in this limiting-law region, the Debye-Hückel model applies, then the 

Christiansen interpretation must hold there as well, which would seem to make Brønsted’s expla-

nation not merely superfluous but erroneous, as it would lead to double-counting the effect.   

In the Debye-Hückel limiting law region, the Brønsted – Christiansen model (Brønsted’s for 

collecting the experimental evidence and finding its regularities, Christiansen’s for his insightful 

theoretical interpretation thereof) has indeed been very successful in representing experimental 

data. An extensive review by La Mer [59] gave many more examples, such as the rate-

determining reactions and their approximate experimental slopes d ln kapp / d √  I) upon the addi-

tion of inert salt at ionic strengths below 0.1 mol kg–1, as listed in Table 2.4.1. 
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2 [Co(NH3)5Br]2+ + Hg2+ + 2 H2O → (to [Co(NH3)5H2O]3+ and HgBr2) initial slope +4  
CH2BrCOO–  + S2O3

2–  → (to CH2 S2O3COO2–  and Br– ) initial slope +2 
S2O8

2– + 2 I–  → (to SO4
2– and I2) initial slope +2  

[NO2NCOOC2H5] – + OH– →  (to N2O, CO3
2– and C2H5OH) initial slope +1 

C12H22O11 + OH– → (inversion of sucrose to glucose + fructose) initial slope  0 
H2O2 + H+ + Br– → (to H2O and Br2) initial slope –1 
[Co(NH3)5Br]2+ + OH– → (to [Co(NH3)5OH]2+ and Br–) initial slope –2 

Table 2.4.1: Several reactions quoted by La Mer [59], and 
their slopes in a plot of log k vs. √ I, see Fig. 2 of ref. 59.  

Moreover, the Brønsted-Christiansen model was spectacularly successful in identifying the 

true nature of solvated electrons in water, when Hart [60] generated transient reactive species in 

aqueous solutions by bombarding such solutions with high-energy electrons. Their reaction rates 

with electron scavengers such as H+, N2O, H2O2 and NO2
–

 could then be followed spectrometri-

cally. 

In these latter reactions, there was no primary salt effect with uncharged N2O or H2O2, 

whereas the effects with NO2
– and H+ were equal in magnitude but of opposite signs, in quantita-

tive agreement with the Brønsted-Christiansen factor zA zB, but again not interpretable in terms of 

reagent activities, where that factor would have been – (zA
2 + zB

2) and therefore always of the 

same sign except when both zA and zB would be zero. Hart’s experiments with anionic, neutral, 

and cationic quenchers unambiguously indicated a charge of –1 for the species generated by the 

electron bombardment, supporting its identification as a solvated electron rather than as, e.g., an 

activated hydrogen atom ‘in statu nascendi’, a concept still in use at that time. In fact, the tran-

sient spectrum Hart observed in water is quite similar to the permanent spectrum of solvated 

electrons in, e.g., dry liquid ammonia.  

Table 2.4.2 compares the predictions of the Lewis “activity” model with those of the Brønsted-

Christiansen model as a function of the parameters zA and zB. Only when zA+ zB = 0 do the two 

models predict the same results, and therefore cannot be used to differentiate between them. In 

all other cases, the experimental data clearly favor the Brønsted-Christiansen model. 

 22



 

           zA =      –4       –3       –2     –1      0      1        2        3       4    

zB =  4  –32 –32 –24 –25 –16 –20 –8 –17   0 –16   8 –17   16 –20  24  –25   32 –32  
 3  –24 –25 –18 –18 –12 –13 –6 –10   0  –9   6 –10   12 –13  18  –18   24 –25 
 2  –16 –20 –12 –13  –8   –8 –4  –5   0  –4   4  –5    8   –8  12  –13   16 –20    
 1    –8  –17   –6  –10  –4   –5 –2  –2   0  –1   2  –2    4   –5   6   –10    8 –17  
 0     0  –16    0   –9    0   –4   0  –1   0  –0   0  –1    0   –4   0    –9    0 –16  
  –1       8  –17    6  –10    4   –5   2  –2   0  –1 –2  –2  –4   –5 –6   –10  –8 –17  
  –2     16 –20    12 –13    8   –8   4  –5   0  –4 –4  –5  –8   –8 –12 –13 –16 –20  
  –3      24 –25   18 –18   12 –13   6 –10   0  –9 –6 –10 –12 –13 –18 –18 –24 –25  
  –4      32 –32   24 –25   16 –20   8 –17   0 –16 –8 –17 –16 –20 –24 –25 –32 –32 

     

Table 2.4.2: The predicted factors of the Brønsted-Christiansen (bold) and “activity” (italics) 
models, +(zA zB) and – (zA

2 + zB
2) respectively, for the initial coefficient d (ln kapp) / d (A√  I) at low 

ionic strengths of the rate of A + B → as a function of the valencies of A and B.  The two models 

predict different results except in the cases shown with gray backgrounds (on the ‘main’ diagonal 
of the Table), in which case the two models yield identical, experimentally indistinguishable pre-
dictions.   

We now return to the equilibrium formalism A + B  C + D as the ratio of equal forward and 

backward reaction rates. In terms of the Brønsted-Christiansen model we have, in the Debye-

Hückel limiting law region, k
r

cA cB e+2 zA zB A√ I = k
w

cC cD e+2 zC zD A√ I and, for individual ionic activ-

ity coefficients, ln if~  = –zi
2 A√ I or if~  = e–zi2 A√ I . We then have 

Ko = = (ckk
rs

/ C cD / cA cB) e+2( zC zD- zA zB)A√ I  

          = cC cD e–(zC
2 + zD

2) A√ I / cA cB e–(zA
2 + zB

2) A√ I  

       = cC cD C
~f D

~f  / cA cB A
~f B

~f  = aC aD / aA aB     (2.4.1) 

because electroneutrality requires that zA + zB = zC + zD hence (zA + zB)2 = (zC + zD)2, which yields 

 – (zC
2 + zD

2) + (zA
2 + zB

2) = +2 zC zD – 2 zA zB      (2.4.2)  

The same applies to more complicated equilibrium expressions, because these always require a 

charge balance between reagents and products. Note that there is therefore no conflict between rate 

expressions in terms of concentrations plus their appropriate Brønsted-Christiansen correction 

terms for interionic interactions, and the corresponding equilibrium constants written explicitly in 

terms of activities. The charge balance condition regarding the reagents in the expression zA + zB = 

zC + zD for a balanced chemical equilibrium equation is clearly much less restrictive than the re-

quirements that both zA + zB and zC + zD are each zero in the individual kinetic expressions.  

We can therefore summarize the results described so far in this chapter as follows:  
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(1) For equilibrium pH problems, ionic activities are not needed, and mean salt activities or 

measurable activity ratios suffice. 

(2) For reaction rates involving ions, using individual ionic activity coefficients in the rate 

expressions often leads to demonstrably incorrect predictions. At low ionic strengths a much 

simpler description can be based on ionic concentrations by considering primary salt effects 

separately, and this turns out to be in full accord with the experimental evidence. In general, the 

Brønsted-Christiansen model predicts a different initial dependence of the logarithm of the ap-

parent rate constant on the square root of the ionic strength than does the “ionic activity” model, 

and experimental data support the Brønsted-Christiansen model.  

(3) In the range of validity of the Debye-Hückel limiting law, the Brønsted-Christiansen rate 

expressions dcA/dt = dcB/dt = – BAcck
r

e+2 zA zB A√ I and dcC/dt = dcD/dt = – k DCcc
r

 e +2 zA zB A√ I
  lead to 

the thermodynamic equilibrium equation Ko
 = aCaD/aAaB in terms of the activities of reagents and 

products, as a direct consequence of the electroneutrality condition zA + zB = zC + zD for the equi-

librium A + B  C + D. Therefore, equilibrium equations cannot be used in reverse to “give ac-

tivities rather than concentrations”, as surmised by Lewis & Randall [51]. 

(4) Since neither chemical equilibria nor chemical kinetics require ionic activities, it is not clear 

what benefit one can even hope to derive from continued efforts to measure the immeasurable. 

2.5. Christiansen’s math  

Brønsted’s model [37] assumed the presence of a transition state, and thereby became the pre-

cursor of (and model for) Eyring’s “absolute” rate theory [61,62]. However, long before Eyring’s 

work, Christiansen [38] had already derived the same result by carefully considering the encoun-

ter probabilities of reagent ions, thereby demonstrating that Brønsted’s model assumption was not 

required. Because Christiansen’s explanation was rather terse, and was buried in much other ma-

terial, it is here outlined more explicitly. 

Christiansen assumed that, when A and B are uncharged, their encounter probability is simply 

proportional to the product of their volume densities, i.e., to the product of their molar concentra-

tions, and that their reaction rates should simply reflect this. When both A and B are ions, their 

mutual electrostatic attraction or repulsion must also be taken into account, but because their 

valencies are invariant, this effect can be absorbed into the resulting rate constant. However, 

when the ionic strength is varied, e.g., by changing the concentrations of A and/or B, or by add-
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ing otherwise inert electrolyte, their ionic atmospheres are modified, and therefore their distances 

of closest approach a. Christiansen found that these modifications suffice to account quantita-

tively for the entire primary salt effect observed by Brønsted.  

In order to explain the primary salt effect (of otherwise non-participating, “inert” electrolyte) 

in ionic reactions, Christiansen assumed that the (statistical) reaction distance can be equated to 

the distance of closest approach a in the Debye-Hückel theory, and used the Boltzmann distribu-

tion to compute the equilibrium concentrations of the ions i and j at that distance as   
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Because those potentials ψ contain the constant terms ψ ″ that are unaffected by the presence 

or absence of a salt effect, see (1.3.8), these terms ψ ″ can be incorporated into the reaction rate 

constant. Consequently, Christianson replaced (2.5.1) for this purpose by 
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Here,  is given by (1.3.10) which, upon substitution into (2.5.2) while paying careful atten-

tion to the indices i and j, yields  
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Likewise we obtain  
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so that  the general, Debye-Hückel-compatible result reads 

 ln kapp = ln k + 
)1(

2

IBa

IAzz ji

+
 (2.5.5) 

or, in the limiting case where IBa <<1,  

 ln kapp ≈ ln k + 2 IAz jiz   (2.5.6) 

This is indeed Brønsted’s result, but derived here purely on the basis of the Debye-Hückel 

theory, without additional model assumptions and, in the words of Debye [57], “without the help of 

any intermediary.” These model assumptions were therefore entirely unnecessary. 
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2.6. A formalism for dealing with single ionic activities  
Guggenheim [30,31] gave ionic activities a formal description, while warning his readers that 

these were hypothetical quantities, without physical reality, and that only some very specific 

combinations of them would be physically meaningful and therefore experimentally accessible. 

Here we will call such hypothetical quantities extra-thermodynamic, based on the classical under-

standing of thermodynamics as the study of mathematical relationships between macroscopically 

measurable quantities, while disregarding the microscopic, atomic nature of matter, which of 

course includes ionization.  

Guggenheim used a separate symbol, µ (or, as is now more customary, µ~ ) for his electro-

chemical potential in order to distinguish it explicitly from the chemical potential µ, but he did 

not use any notational markers to express the special status of his ionic activities and activity co-

efficients. This has led to an unfortunate confusion between thermodynamic and extra-

thermodynamic quantities and properties. But such confusion can be avoided (1) by also labeling 

his single ionic activities and activity coefficients, and his single electrode potentials, see (1.6.2), 

and (2) by exploiting the common mathematical custom of using the imaginary number j = √(–1) 

to identify useful yet non-real numbers. As Nahin [63] wrote in his delightful An imaginary tale: 

the story of √ –1,  

“Associating the appearance of imaginary numbers with the physically impossible is a rou-
tine concept to the modern engineer or physicist …”    

In mathematics, certain combinations of imaginary numbers are real, such as their product, 

e.g., √(−5) × √(−3) = j√5 × j√3 = −√15 because j2 = −1, or their ratio, as in √(−5) / √(−3) = j√5 / 

j√3 = √(5/3) because in the latter case the j’s cancel. Using a similar approach, we first postulate a 

simple formalism for strong 1,1-electrolytes such as NaCl. We will use the activity formalism, 

i.e., either as a iii fc ~~ =  when ionic concentrations ci are expressed in units of mols per unit vol-

ume of solution (typically: mol L−1 or M) and if
~  is the corresponding ionic activity coefficient, 

or as iii ma γ~~ =  when mi is measured in mols per unit weight of the solvent (mol kg−1) with iγ~ as 

its corresponding ionic activity coefficient. In order to avoid unnecessary notational duplication 

we will primarily focus on the activity . It should be understood that our parameters do not 

pertain to individual ions, but represent the statistical averages of macroscopic (calculable, even 

though not isolatable) amounts of single ionic species.  

ia~
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For NaCl, the cations Na+ and anions Cl− will here be denoted by the subscripts + and − re-

spectively, as in their valencies z+ = +1 and z− = −1, stoichiometric factors ν + = 1 and ν− = 1, and 

in their activities and activity coefficients. We now write ++ = jaa~  instead of Guggenheim’s a+, 

and  instead of Guggenheim’s a−− −= jaa~ − , for the ionic activities a of these monovalent ions, 

and we will postulate that only non-negative real combinations of such modified quantities repre-

sent measurable, thermodynamic properties. As Guggenheim pointed out, for a single, strong 1,1-

electrolyte there is only one simple combination that is physically meaningful, viz. the product of 

its single ion activities or its positive square root, and that product in the above-modified notation 

would be j a+ times −j a− = a+ a− because j × −j = +1. This product already has a special thermody-

namic symbol, a±
2, the square of the mean activity a±. Moreover, in a mixture of two strong 1,1-

electrolytes, say NaCl + KI, there are two activity ratios (or their inverses) that are also physically 

meaningful, viz. the cation activity ratio aNa / aK and the anion activity ratio aCl / aI, and these two ra-

tios also yield non-negative real values in the above notation because their accompanying j-terms 

cancel in those ratios.  

2.7. Extension to ions of arbitrary valence  
We can generalize the above, ad-hoc statements to the general strong binary electrolyte Cν + Aν  − 

where C represents a cation, A denotes an anion, and ν+ and ν− are their stoichiometric numbers.  

As our model salt we will use ferric sulfate, Fe2(SO4)3, where ν+ = 2, z+ = 3, ν− = 3 and z − = −2. 

In this case we replace the cation and anion activities ã+ and ã − by j 
z+ a+ and j 

z− a− respectively, so 

that their activity product (ã+)ν+ (ã−)ν− must be replaced by (j 
z+a+)ν+ (j 

z−a−)ν− = j 
(z+ν+  z−ν−) + (a+)ν+ (a−)ν− 

= (a+)ν+ (a−)ν− = (a±)ν+ ν−+  = (a±)ν , because of the electroneutrality condition z+ν+ + z−ν− = 0 and the 

notational definition ν  ≡ ν+ + ν−.  Note that, indeed, j 
z− = j−1 = −j when z− = −1 in the earlier exam-

ple of NaCl. The traditional thermodynamic formalism ignores the specific requirement of elec-

troneutrality for parameters involving single ionic species, whereas the notation proposed here 

enforces it. 

Likewise, in electrolyte mixtures, such as that of Fe2(SO4)3 plus NaNO3, we can in principle 

(e.g., by using ion-selective electrodes for these ions, insofar as these respond thermodynamically) 

measure the cation ratio ãFe / (ãNa)3 and the anion ratio ãSO4 / (ãNO3)
2, or their inverses. This is so be-

cause, in the proposed notation, they will again be non-negative real numbers, since we have zFe = 3 

and zNa = 1, so that ãFe / (ãNa)3 = (j3aFe) / (j1aNa)3 = j3−3 aFe / (aNa)3 = aFe / (aNa)3, and likewise zSO4 = −2 
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and zNO3 = −1, hence ãSO4 / (ãNO3)
2 = (j−2aSO4) / (j−1aNO3)

2 = j2−2 aSO4 / (aNO3)
2 = aSO4 / (aNO3)

2. Here the re-

quirement is that zFeνFe = zNaνNa and zSO4νSO4 = zNO3νNO3, so that the exchange of two Fe3+ ions for 

three Na+ ions, or that of one SO4
2− for two NO3

−, is indeed electroneutral. All such combinations 

that violate electroneutrality are imaginary in this notation, thereby exhibiting their true extra-

thermodynamic, immeasurable nature.  

Because we can always write activities as the product of a concentration and an activity coef-

ficient, and concentrations are real, non-negative quantities, the complex notation must be associ-

ated with their accompanying activity coefficients. For the electrolyte Cν + Aν  − we then find, as 

expected, that the imaginary terms vanish when we consider their electroneutral combination  

     −−++± +≡ µνµνµν ~~  

       jRTzz ln)(~~
−−++−−++ +++= ννµνµν oo ψνννν ~)()(ln)(ln FzzaRTzaRTz −−++−−−+++ ++++    

            )ln()ln( −−−+++−−++ +++ aRTzaRTz= ννµνµν )(ln ±± += aRTνµν o  (2.7.1) 
where  

 0=+ −−++ zz νν , −+ +≡ ννν , −−++± +≡ aaa ννν , and −−++± +≡ µνµνµν ~~~  (2.7.2) 

2.8. Extension to chemical equilibria and chemical kinetics  
We can apply this formalism to chemical equilibria, in which case we see that equilibrium 

constants based on well-balanced chemical equations are measurable quantities. This must be so 

because we can express such equilibrium constants as 
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where r refers to the reagents, and p to the products, from which we immediately see the effect of 

the necessary charge balance ∑=∑
r

rr
p

pp νzνz between reagents and products.   

However, such cancellation of the imaginary numbers does not necessarily occur in equations 

for individual reaction rates. Instead, when we apply this notation to expressions for such rates in  

terms of activities such as ∏=
r

v
r

rakdtdc ~ rather than concentrations ∏=
r

v
r

rckdtdc we find that 

their rates are imaginary as long as .0≠∑
r

rrνz   
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In the above examples, to paraphrase Hadamard, the shortest path between two real, directly 

measurable concepts passes through the complex domain.  By assigning imaginary values to im-

measurable quantities, the proposed notation can be used as a convenient reality check.  If the 

above notation, or some equivalent thereof, had been in common use during the past half century 

to distinguish real from “hypothetical” quantities, we might not so readily have associated a very 

practical quantity designed to be directly measurable, such as pH, with the single ionic activity 

of hydrogen ions, an extra-thermodynamic quantity that lacks “any real physical significance” a~
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3. Measuring pH  
Defining pH is a matter of finding the optimal quantity representing solution acidity. It boils 

down to three questions: which parameter do we need to know, which one can we compute, and 

which one can we measure. There are no conflicts between the parameter we need to know and that 

we can compute, since any quantity firmly based in chemical theory will serve both purposes. 

Whether we can measure it, and by what means, is a different matter. Here we will first take a 

brief look at the opinion of Bates, the main architect of the current IUPAC pH recommendation. 

For a strong 1,1-electrolyte such as HCl, the serious candidates to consider here are ,  Hpm H
~ap

HH
~γpm= , and −+± = γγγ ~~

HH pmpm , or their molar equivalents. On a molal scale, Sørensen’s 

definition [8] used pmH, which is a thermodynamically well-defined quantity. It is hard to argue 

against the concept of ionic concentrations within the context of the pH of electrolyte solutions, 

because most of our basic understanding of such solutions relies on mass and charge balance 

equations, both accounting devices, and therefore written strictly in terms of ionic concentrations 

rather than activities. Likewise, the ionic strength introduced by Lewis & Randall [15], and used by 

Debye & Hückel [14], is a purely concentration-based quantity. Moreover, even Bates [64] initially 

defines as concentration-based solution properties Van Slyke’s buffer value [65] β = d 
HF / d log [H+] 

or Henderson’s [66] numerically simpler equivalent, the buffer strength B = d HF / d ln [H+] = 

[H+] {d HF / d [H+]} = β / ln(10), here more generally and more compactly defined in terms of the 

proton function HF [67]. In short, Bates didn’t argue that there is anything fundamentally wrong 

with pH = pcH or pmH, which he sometimes denoted as pcH.  

We have already commented on the allure of  even though that quantity is now generally 

realized to be immeasurable. Moreover, Bates [68] commented that “It is now well recognized 

that the activity of a single ionic species plays no real part in the development of the e.m.f. of a 

galvanic cell, whether or not that cell is of the type with a liquid junction. It is probable that the 

same is true of other phenomena influenced by hydrogen ion.” When one is looking for an ex-

perimental parameter quantifying the chemical effects of hydrogen ions, as determined through 

emf measurements, one would think that both its immeasurability, as well as its irrelevance to 

potentiometry, alone and certainly in their combination, would be absolute disqualifiers.  

,~
Ha

The third candidate, XHHH
~~(pp γγγ mm =± , which Bates baptized ptH, involves a counterion X 

(assuming a single 1,1-electrolyte), which would make it a function of two solution constituents. 
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Moreover, γ ± cannot be defined unambiguously in electrolyte mixtures containing several anions 
X. As we have seen in section 2.1, mH and  =±

2
Hγm ClHH

~~ γγm

±

 occur often in the thermodynamic 
expressions for solutions of single electrolytes, but γH

H
~ap

m

ClH

 does not. Bates claimed [69] “that there is 
no real difference between ptH and paH, because some of the common conventions identify the sin-
gle ionic activity coefficient with the mean activity coefficient of an average uni-univalent elec-
trolyte.” Maybe so, but the Bates-Guggenheim approximation [70] which forms the basis of the 
current “common convention” certainly does not.    

~~p γa=

Bates then considered the practical question of measurability, as seen through the lens of poten-
tiometry. Sørensen used an equation of the form pH = (Ecell – Eref) / k, where Ecell is the measured 
cell potential, Eref the potential assigned to an external reference electrode connected to the 
measurement cell by a liquid junction, and k = RT ln(10) / F = 0.059157 V at 25 oC. Bates [71] 
called this quantity psH, and commented as follows:  

“The fact that the psH (Sørensen) scale has virtually no fundamental meaning does not pre-
vent it from being useful for reproducible comparisons of acidity. The paH value has in itself 
no meaning in terms of physical reality, yet its role in chemical equilibria can be simply and 
unequivocally, although conventionally, defined. This unit possesses, therefore, all the vir-
tues of psH and, in addition, the possibility, under ideal experimental conditions, of a limited 
amount of theoretical interpretation.”  

At the end of section 2.1 we already commented on the fact that one can indeed define a role 
for single ionic activities, but that such activities are unnecessary in describing chemical equilib-
ria, and can be outright misleading in chemical kinetics. Moreover, the pH as defined by Bates 
and IUPAC has two practical problems: not only is  immeasurable, but so is the liquid junc-
tion potential.  

Bates also briefly looked at HCl,Hp γm ± , a thermodynamically well-defined quantity 
which he denoted by pwH. He observed [50] that, for a monobasic weak acid at a buffer ratio of 1 
(i.e., mHA = mA), pwH is approximately constant, and that  

“a change of 30 percent in the hydrogen ion concentration (0.16 in pcH) has no perceptible 
effect on pwH. When HA is the primary or secondary anion of a dibasic or tribasic acid, 
pwH changes with ionic strength, but less sharply than do pcH, paH, and psH.” 

 from which he concluded that  

“Obviously this constancy detracts from the usefulness of pwH.”  

This is a curious argument, because the whole purpose of a pH buffer is to keep the acidity as 
constant as possible. Moreover, by that same argument, pcH should be favored because, by 
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Bates’ own reckoning [72], it has about twice the sensitivity to added hydrogen ions than either 
psH or paH.  

Bates conceded that pwH “can be determined exactly” and “retains its significance at high 

ionic strengths.” He observed that a scale based on pmHγ±,HCl  

“would appear to solve many of the uncertainties of pH measurements. In a great many in-
stances, however, this procedure is impractical. The cell with liquid junction, in spite of its 
theoretical difficulties, remains the most convenient and widely used means for measuring 
the acidity of aqueous solutions.”  

End of argument: no matter what, the liquid junction wins! And this despite the fact that the defini-

tion of pH has nothing to do with the liquid junction potential, which is the same problem whether 

we use pmH, paH, or any of the other pxH versions Bates considered, because all of these concepts 

and measurements involved junction-free Harned cells. Moreover, the Bates-Guggenheim ap-

proximation did not lead to any useful, new model for the liquid junction potential either. Bates’ 

argument was all confused. 

Bates then replaced pmH in psH by p , even though a  “plays no real part in the develop-

ment of the e.m.f. of a galvanic cell” [68], includes its counterpart  as a fixed part of the ex-

ternal reference electrode, assumes that the liquid junction potential is insensitive to the chemical 

composition of the sample solution and, voilà, we have a winner. Go figure. 

H
~a H

~

Cl
~pa

3.1 The Bates method  
Here is the procedure Bates proposed [73], which was subsequently adopted by IUPAC:  

(1) In a so-called Harned cell without liquid junctions, containing a buffer mixture and known 

amounts of added chloride electrolyte, say NaCl, with embedded hydrogen (Pt/H2) and chloride 

(Ag/AgCl) electrodes, measure the cell potential E = Eo
 – (RT/F) ln( ) where EClH

~~ aa o
 is its standard 

potential, and then compute p ( ClH
~~ γa ) = {(E – Eo) F ln(10) / RT} + log(mCl). 

(2) Extrapolate these values for p ( ClH
~~ γa ) to mNaCl → 0 in order to obtain p( ClH

~~ γa )o. This is 

often a quite straightforward extrapolation, because p( ClH
~~ γa ) is usually near-constant, and many 

such extrapolated values were listed by Bates [74]. 

(3) Then compute pãH from p ( ClH
~~ γa )o as p ãH = p ( ClH

~~ γa )o – Clγ~p by using for Clγ~p  the Bates-

Guggenheim approximation [70], which differs from the Debye-Hückel equation (1.2.1) by fixing 
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the value of the product Ba at 1.5 kg–½ mol½ for chloride ions in all aqueous solutions containing 

Cl– at pH between 2 and  12, and ionic strengths I not exceeding 0.1 mol kg–1, between 5 and 50 
oC. 

To summarize, within the constraints that all measurements are restricted to samples with I 

≤ 0.1 mol kg–1, 2 ≤ pH ≤ 12, and 5 ≤ t ≤ 50 oC, the assumptions currently adopted by IUPAC are: 

(1) Ionic activity coefficients are fully and solely determined by the absolute ionic valency |zi| 

of the ions considered, and by the ionic strength I = ½ ∑ zi
2 ci of the solution. 

(2) The activity coefficient of chloride ions is given by the Bates-Guggenheim approximation 

with Ba = 1.5 kg½ mol–½ in the Debye-Hückel expression, which then reads (in 10-based loga-

rithmic format) as log Cl
~γ = − (A√ I)  / (1+1.5√ I), regardless of the nature of the counterion(s), 

where A ≈ 0.5108 kg½ mol–½ at 25 oC [23].  

(3) Moreover, for actual pH measurements, the liquid junction potential is assumed to be con-

stant for the cell in contact with either the sample or the two bracketing pH standards used.  

In the following sections this approach will be tested with several specific examples. But first, 

here is how Bates [75] justified his approach:  

“The choice of a pH scale must take into account both the theoretical and the experimental 
aspects. Unfortunately, no convenient experimental method exists for the routine measure-
ment of pH values on the scales that are the most satisfactory in theory. Furthermore, the pH 
obtained by the convenient experimental techniques has no simple exact meaning.”  

The term convenient experimental techniques apparently referred only to potentiometric meas-

urements yielding the hoped-for single ionic activities, in cells with liquid junctions, and specifi-

cally ignored isopiestic measurements and spectrometry, neither of which requires a liquid junc-

tion. However, the cells considered here are not intended for use in routine measurements, but 

merely to calibrate the pH scale, a role now played by the Harned cell.  

Bates then mentioned the Sørensen cell with a Pt/H2 electrode and an external 0.1 N calomel 

electrode, and its counterparts with a glass and/or saturated calomel electrode, and the fact that 

cells of this type will not yield satisfactory activity coefficients such as either H
~γ  or HCl,±γ . Bates 

[71] then continued:  

“The experimental method is so firmly established, however, that the selection of a pH scale 
is in actuality a search for the hydrogen ion function most nearly consistent with the e.m.f. 
response of this particular cell that is used so widely. This approach excludes pmH and p(aHγ Cl) 
from further consideration.”  
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Here, Bates is again quite clear: he did not search for a firm theoretical basis of pmH, which 

was already available at that time through the extensive work of Harned et al., but merely looked 

for the justification of an existing practice, to which he added his own misconceptions regarding 

the measurability of the hydrogen ionic activity. No wonder that there is a poor understanding of 

the concept of pH, of the basis for its derivation, and of the limitations of its applicability [1].  

Once we consider the Harned cell (or, rather, Harned’s approach), we will realize that it was 

introduced explicitly to use emf measurements to determine the hydrogen ion concentrations, as 

well as the other relevant thermodynamic activity coefficients or measurable combinations thereof. 

If, on the other hand, we insist on using cells with liquid junctions, any hope for an easy, thermo-

dynamically interpretable result must abandoned. As Bates [76] correctly noticed,  

“neither mH nor mH
2
±γ  in unknown mixtures of varying ionic strength can be derived readily 

from the e.m.f. of cells of type 8”  

but this is true only because his “cell 8” contains a salt bridge, and this misgiving therefore ap-

plies just as well to his .   ~
Ha

3.2. A simple example: HCl  

In Table 7 of the Appendix of his book, Bates [74] listed a number of dilute aqueous buffers 

and their molalities, ionic strengths, as well as their p( ClH
~~ γa )o-values. Our first example is that of 

x mol kg–1 HCl at 25 oC. 

In a single aqueous 1,1-electrolyte, the Debye-Hückel distance of closest approach a must be 

the same for anions and cations, i.e., −+ = γγ ~~ . The 2002 IUPAC recommendation [2] explicitly 

recognizes this: within the range of validity of the Bates-Guggenheim approximation,  

“… the only consistent, logical way ... is to assume ClH γγ =  and set the latter to the appro-
priate Bates-Guggenheim conventional value.”  

Consequently, nothing keeps us from taking the Bates procedure one step further, by using 

BB Cl,H,
~~ γγ =  and the Bates-Guggenheim formula to compute pmH,B = p  − p ~

H
~a Hγ = p a  + log H

~

BCl.
~γ  = p( ClH

~~ γa )o + 2 log BCl.
~γ . In other words, the very same assumptions that can be used to 

approximate paH   can also be applied to provide similarly approximate values for the concentra-

tion-based values of pmH   for the same standard solutions. We have labeled pmH,B with the extra 

subscript “,B” for Bates-Guggenheim in order to distinguish it from the thermodynamic pmH,th.  
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Table 3.2.1 shows, in column 1, the values of the HCl molality m (equal to the ionic strength I 
because HCl will be fully dissociated at the low ionic strengths considered here), and in column 

2 the values of p( ClH
~~ γa ). These two columns are taken directly from Bates [74]. In column 3 we 

compute the Bates-Guggenheim approximation of p BCl,
~γ as (A√ I) / (1 + 1.5√ I) at the listed ionic 

strength, where the subscript B denotes the Bates-Guggenheim approximation [70]. Column 4 

then shows the resulting values for p BaH,
~ , computed as p BaH,

~ = p( ClH
~~ γa )o – p BCl,

~γ . By using 

p BH,
~γ = p BCl,

~γ , as it must be in the Bates-Guggenheim approximation for a single 1,1-electrolyte, 

we then find pmH,B in column 5 as pmH,B = p( BaH,
~ )o – p BH,

~γ  = p( Cl
~

H
~ γa )o – 2 p BCl,

~γ .  

   Since HCl is a strong acid, we can also read the mH-values directly from column 1, and col-

umn 6 shows the resulting differences ∆pmH,B = pmH,B – pm, the latter computed directly from 

the m-values in column 1. Column 8 exhibits the same differences in terms of m itself, as ∆mH,B = 

mH,B – m. Ideally, the numbers in columns 6 and 8 should be zero, but they are clearly not.  

               1          2              3               4              5                 6              7              8           
               m = I    p( ClH

~~ γa )
o   p BCl,

~γ       p BaH,
~       pmH,B        ∆pmH,B       mH,B       ∆mH,B               

              

                0.010      2.087       0.04442     2.04258     1.99817     −0.00183     0.01004     0.00004    
                0.020      1.815       0.05960     1.75540     1.69581     −0.00316     0.02015     0.00015    
                0.050      1.462       0.08553     1.37647     1.29094     −0.01009     0.05118     0.00118    
                0.070      1.334       0.09675     1.23725     1.14050     −0.01440     0.07236     0.00236    
                0.100      1.197       0.10956     1.08744     0.97788     −0.02212     0.10523     0.00523    

Table 3.2.1:  Data from Bates [74] for aqueous x m HCl at 25 oC, with added columns 
showing in bold the computed values for p BCl,

~γ , p BaH,
~ = p(aH H

~γ )o – p BCl,
~γ , pmH,B = 

p(aH H
~γ )o – 2p BCl,

~γ , ∆pmH,B = pmH,B – pm, and ∆mH,B = 10–pmH,B – m for the IUPAC-
recommended approach based on the Bates-Guggenheim approximation (with sub-
script B). At I = 0.1 mol kg–1 the resulting error in mH, B is already more than 5%.  

  Columns 1 through 8 of Table 3.2.2 illustrate another, purely thermodynamic way to calculate 

pmH, based on the very same experimental data listed in columns 1 and 2, but here combined with 

the mean activity coefficients γ ±,HCl determined by Bates & Bower [76] instead of relying on the 

Bates-Guggenheim approximation. Bates & Bower reproduced the earlier work of Harned & Ehlers 

[77,78], and their results can readily be used to estimate the accuracy of the Bates-Guggenheim 

approximation while taking into account any experimental uncertainties in column 2.  

Columns 1 and 2 of Table 3.2.2 are identical to those in Table 3.1.1. In column 3 of Table 3.2.2 

we then take the values for γ ±,HCl  as listed by Bates & Bower [76], and use them in conjunction 
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with Bates’ values for p( ClH
~~ γa )o in column 2 to compute pγ ±,HCl = −log(γ ±,HCl) in column 4, 

pmH,th = p( ClH
~~ γa )o − pγ ±,HCl in column 5, and mH,th in column 7.   

We find that the values in column 7 of Table 3.2.2 are much closer to the original x-values 

listed in column 1 than those in column 7 of Table 3.2.1. In other words, the errors in mH are 

much larger when using the Bates-Guggenheim approximation than when following a strictly 

thermodynamic approach, as seen most starkly by comparing columns 8 in those two tables. 

Note that both analyses started with the very same experimental data listed by Bates, and only 

reflect the difference between the Bates-Guggenheim approximation [70] and thermodynamic 

values for γ ±,HCl at 25 oC [76] from Bates’ own lab. 

                1            2             3               4             5                6               7              8           
               x = I    p( ClH

~~ γa )o γ ±,HCl        pγ ±,HCl     pmH,th        ∆pmH,th      mH,th       ∆mH,th              
              

                0.010      2.087       0.9045      0.04359     1.99982    −0.00018     0.01000      0.00000    
                0.020      1.815       0.8753      0.05784     1.69931      0.00034     0.01998    −0.00002    
                0.050      1.462       0.8308      0.08050     1.30099    −0.00004     0.05000      0.00000    
                0.070      1.334       0.8137      0.08954     1.15493      0.00003     0.07000      0.00000    
                0.100      1.197       0.7967      0.09871     0.99959    −0.00041     0.10009      0.00009    

Table 3.2.2:  The same data from Bates [74] for aqueous x m HCl at 25 oC as 
shown in Table 3.2.1, but now (in bold) analyzed thermodynamically, with subscript 
th. The values for pγ±,HCl come from Table 3 in Bates & Bower [76]; pmH,B = 
p( HH

~~ γa )o – 2pγ±,HCl; ∆pmH,th = pmH,th – pm; mH,th = 10–pmH,th; and ∆mH,th = mH,th –  m.   

These results illustrate the following aspects: 

(1) In solutions of a single strong electrolyte such as HCl we can readily find an approxima-

tion for mH that is fully consistent with the Bates-Guggenheim approximation [70].  

(2) In this example we can also recover the thermodynamic value for mH based on separately 

measured literature values for γ±,HCl, for which we have here used data from Bates’ own lab [76]. 

(3) The difference between the data in columns 6 of Tables 3.2.1 and 3.2.2, or between those 

in columns 8 in the same two tables, in this case are entirely due to (and clearly illustrate) the 

approximate nature of the Bates-Guggenheim expression. It is thermodynamically untenable. 
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3.3. A self-consistent application of Bates’ approach 

Here we will apply the above two approaches to the data in Table 7 of Bates’ book [74]. As 
already mentioned, Bates & Bower carefully repeated earlier measurements of the mean activity 
coefficients of aqueous HCl, thereby extending the measurements of Harned & Ehlers [78,79] 
from 60 to 95 oC. Bates & Bower listed some of their values for γ±,HCl at 25 oC in their Table 3, 
and we have used a Lagrange 3rd order polynomial interpolation [80] of these data for I = 0 
(0.001) 0.1 mol kg−1 to compute values for γ±,HCl and then taken their negative ten-based loga-
rithms to obtain pγ±,HCl; for the few values at higher ionic strengths we have similarly interpolated 
the data of Robinson & Stokes [81].  

Columns 1 through 3 of Table 3.3.2 show all the Bates data at 25 oC for x, I, and p(aHγCl)o. 
Column 4 has p  computed from [76] as described above, column 5 finds pmHCl,±γ H, th = p(aHγCl)o 
− 2pγ ±,HCl, and column 6 contains mH, th = 10−pm

H, th. For comparison we calculated the Bates-
Guggenheim approximation pγCl,B in column 7, and paH, B = p(aHγCl)o

 − pγCl, B and aH, B  = 10−paH, B in 

columns 8 and 9 respectively. Column 10 shows the approximate pmH, B = p(aHγCl)o
 − 2 pγCl, B, with the 

corresponding value for mH, B in column 11. Note that these numbers may differ slightly from those 
shown in section 3.2 for HCl, because there we used values from different sources. Apart 

from these minor details, however, these results agree with the corresponding ones in Table 3.3.2. 
HCl,±γ

x molal HCl * 
    1    2    3     4            5              6                  7        8           9              10          11 
    x     I p(aHγCl)o  pγ±,HCl     pmH,th            mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

  0.01 0.01 2.087 0.04359 2.000 1.000 E-02 0.04442 2.043 9.066 E-03 1.998  1.004 E-02 
  0.02 0.02 1.815 0.05784 1.699 1.998 E-02 0.05960 1.755 1.756 E-02 1.696  2.015 E-02 
  0.05 0.05 1.462 0.08050 1.301 5.000 E-02 0.08553 1.376 4.203 E-02 1.291  5.118 E-02 
  0.07 0.07 1.334 0.08954 1.155 7.000 E-02 0.09675 1.237 5.791 E-02 1.141  7.236 E-02 
  0.1 0.1 1.197 0.09871 1.000 1.001 E-01 0.10956 1.087 8.176 E-02 0.978  1.052 E-01 

* The values listed for 0.005 mol kg−1 HCl are omitted since they are clearly incorrect for that concentration, 
and more likely apply to 0.002 mol kg−1 HCl.   

x molal tetroxalate 
   1    2    3     4            5              6                  7        8           9              10          11 
    x     I p(aHγCl)o  pγ±,HCl     pmH,th            mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

 0.01 0.0180 2.214 0.05573 2.103 7.897 E-03 0.05705 2.157 6.967 E-03 2.100  7.945 E-03 
 0.025 0.0413 1.947 0.07608 1.795 1.604 E-02 0.07956 1.867 1.357 E-02 1.788  1.630 E-02 
 0.05 0.0760 1.780 0.09175 1.597 2.532 E-02 0.09962 1.680 2.087 E-02 1.581  2.626 E-02 
 0.1  0.1400 1.640 0.10753 1.425 3.759 E-02 0.12242 1.518 3.037 E-02 1.395  4.026 E-02 
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x molal NaHSuccinate + 0.6667 x molal HCl 
    1    2    3     4            5              6                  7        8           9              10          11 
    x     I p(aHγCl)o  pγ±,HCl     pmH,th            mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

 0.015 0.01516 3.902 0.05215 3.798 1.593 E-04 0.05309 3.849 1.416 E-04 3.796  1.600 E-04 
 0.020 0.02017 3.898 0.05784 3.782 1.651 E-04 0.05980 3.838 1.451 E-04 3.778  1.666 E-04 
 0.025 0.02517 3.895 0.06360 3.768 1.707 E-04 0.06546 3.830 1.481 E-04 3.764  1.722 E-04 
 0.030 0.03018 3.892 0.06827 3.755 1.756 E-04 0.07039 3.822 1.508 E-04 3.751  1.773 E-04 
 0.040 0.04019 3.887 0.07543 3.736 1.836 E-04 0.07873 3.808 1.555 E-04 3.730  1.864 E-04 
 0.050 0.05019 3.884 0.08061 3.723 1.893 E-04 0.08565 3.798 1.591 E-04 3.713  1.938 E-04 
 0.060 0.06020 3.882 0.08636 3.709 1.953E-04 0.09161 3.790 1.620 E-04 3.699  2.001 E-04 
 0.070 0.07020 3.880 0.08961 3.701 1.992 E-04 0.09685 3.783 1.648 E-04 3.686  2.059 E-04 
 0.080 0.08021 3.878 0.09318 3.692 2.034 E-04 0.10153 3.776 1.673 E-04 3.675  2.114 E-04 
 0.100 0.10021 3.875 0.09876 3.677 2.101 E-04 0.10964 3.765 1.716 E-04 3.656  2.209 E-04 
 
0.05  molal KHPhthalate 
    1    2    3     4            5              6                  7        8           9              10          11 
    x     I p(aHγCl)o  pγ±,HCl     pmH,th            mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

0.050 0.0533 4.096 0.08226 3.931 1.171 E-04 0.08759 4.008 9.808 E-05 3.921  1.200 E-04 
 
x  molal HAc + 0.9624 x molal NaAc + 1.0243 x molal NaCl 
    1       2     3     4            5              6                  7        8           9              10          11 
    x       I p(aHγCl)o  pγ±,HCl     pmH,th             mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

0.005034   0.01 4.746 0.04359 4.659 2.194 E-05 0.04442 4.702 1.988 E-05 4.657  2.202 E-05 
0.010067   0.02 4.747 0.05784 4.631 2.337 E-05 0.05960 4.687 2.054 E-05   4.628  2.356 E-05  
0.01510     0.03 4.747 0.06812 4.611 2.450 E-05 0.07023 4.677 2.105 E-05   4.607  2.474 E-05 
0.02013     0.04 4.747 0.07532 4.596 2.533 E-05 0.07858 4.668 2.146 E-05   4.590  2.571 E-05 
0.02517     0.05 4.747 0.08050 4.586 2.594 E-05 0.08553 4.661 2.180 E-05   4.576  2.655 E-05  
0.03020     0.06 4.747 0.08548 4.576 2.654 E-05 0.09150 4.655 2.211 E-05  4.564  2.729 E-05  
0.03523     0.07 4.748 0.08954 4.569 2.698 E-05 0.09675 4.651 2.232 E-05   4.555  2.789 E-05  
0.04027     0.08 4.748 0.09311 4.562 2.743 E-05 0.10144 4.647 2.257 E-05  4.545  2.850 E-05  
0.04530     0.09 4.748 0.09615 4.556 2.782 E-05 0.10568 4.642 2.279 E-05   4.537  2.906 E-05  
0.05034     0.10 4.748 0.09871 4.551 2.815 E-05 0.10956 4.638 2.299 E-05   4.529  2.959 E-05  
 
x  molal NaHSuccinate + x molal NaCl 
    1       2     3     4            5              6                  7        8           9              10          11 
    x       I p(aHγCl)o  pγ±,HCl     pmH,th             mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

0.01939   0.0418 4.853 0.07636 4.700 1.994 E-05 0.07992 4.773 1.686 E-05 4.693  2.027 E-05 
0.03155   0.0681 4.838 0.08882 4.660 2.186 E-05 0.05980 4.742 1.811 E-05   4.646  2.257 E-05  
0.05012   0.108 4.826 010076 4.624 2.374 E-05 0.11244 4.714 1.934 E-05   4.601  2.505 E-05 
0.07296   0.158 4.814 0.11043 4.593 2.552 E-05 0.127208 4.687 2.057 E-05   4.560  2.757 E-05 
0.1          0.217 4.802 011688 4.568 2.702 E-05 0.14007 4.662 2.178 E-05   4.5226  3.007 E-05  
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x  molal NaHSuccinate + x molal Na2Succinate 
    1       2     3     4            5              6                  7        8           9              10          11 
    x       I p(aHγCl)o  pγ±,HCl     pmH,th             mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

 0.01  0.041 5.553 0.07591 5.401 3.970 E-05 0.07933 5.474 3.360 E-06 5.394  4.033 E-06 
 0.025    0.101 5.511 0.09897 5.313 4.863 E-06 0.10993 5.401 3.971 E-06   5.291  5.115 E-06  
 0.05      0.202 5.477 0.11542 5.246 5.673 E-06 0.13713 5.340 4.572 E-06   5.203  6.270 E-06  
 
x  molal KH2PO4 + x molal Na2Succinate 
    1       2     3     4            5              6                  7        8           9              10          11 
    x       I p(aHγCl)o  pγ±,HCl     pmH,th             mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

 0.005     0.02 6.311 0.05784 6.195 6.378 E-07 0.05960 6.251 5.605 E-07 6.192  6.430 E-07 
 0.01       0.04 6.276 0.07532 6.125 7.493 E-07 0.07858 6.197 6.347 E-07   6.119  7.606 E-07  
 0.015     0.06 6.254 0.08548 6.083 8.260 E-07 0.09150 6.162 6.879 E-07   6.071  8.492 E-07  
 0.02       0.08 6.233 0.09311 6.047 8.979 E-07 0.10144 6.132 7.387 E-07   6.030  9.330 E-07  
 0.025     0.10 6.219 0.09871 6.022 9.515 E-07 0.10956 6.109 7.772 E-07   6.000  1.000 E-06 
 
x  molal KH2PO4 + x molal Na2HPO4 
    1       2     3     4            5              6                  7        8           9              10          11 
    x       I p(aHγCl)o  pγ±,HCl     pmH,th             mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

 0.0025     0.01 7.111 0.04359 7.024 9.466 E-08 0.04442 7.067 8.579 E-08 7.022  9.502 E-08 
 0.005       0.02 7.080 0.05784 6.964 1.086 E-07 0.05960 7.020 9.541 E-08   6.961  1.094 E-07  
 0.0075     0.03 7.058 0.06812 6.922 1.197 E-07 0.07023 6.988 10.29 E-07   6.918  1.209 E-07  
 0.01         0.04 7.040 0.07532 6.889 1.290 E-07 0.07858 6.961 1.093 E-07   6.883  1.310 E-07  
 0.0125     0.05 7.026 0.08050 6.865 1.365 E-07 0.08553 6.940 1.147 E-07   6.855  1.397 E-07  
 0.015       0.06 7.013 0.08548 6.842 1.439 E-07 0.09150 6.921 1.198 E-07   6.830  1.479 E-07  
 0.02         0.08 6.992 0.09311 6.806 1.564 E-07 0.10144 6.891 1.287 E-07   6.789  1.625 E-07  
 0.025       0.10 6.974 0.09871 6.777 1.673 E-07 0.10956 6.864 1.366 E-07   6.755  1.758 E-07  
 0.03         0.12 6.959 0.10356 6.752 1.771 E-07 0.11644 6.843 1.437 E-07   6.726  1.879 E-07  
 0.0375     0.15 6.940 0.10921 6.722 1.899 E-07 0.12514 6.815 1.532E-07   6.690  2.043 E-07  
 0.05         0.20 6.912 0.11520 6.682 2.082 E-07 0.13672 6.775 1.678 E-07   6.639  2.298E-07  
 
x  molal borax + 1.8548 x molal NaCl 
      1       2     3     4            5              6                  7        8           9              10          11 
     x            I p(aHγCl)o  pγ±,HCl     pmH,th             mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

0.002594   0.010 9.234 0.04359 9.147 7.132 E-10 0.04442 9.190 6.463 E-10 9.145  7.159E-10 
0.003891   0.015 9.237 0.05192 9.133 7.359 E-10 0.05285 9.184 6.544 E-10   9.131  7.391 E-10  
0.005190   0.020 9.237 0.05784 9.121 7.563 E-10 0.05960 9.177 6.647 E-10   9.118  7.624 E-10  
0.006485   0.025 9.238 0.06342 9.111 7.742 E-10 0.06528 9.173 6.719 E-10   9.107  7.808 E-10  
0.007780   0.030 9.239 0.06812 9.103 7.893 E-10 0.07023 9.169 6.780 E-10   9.099  7.970 E-10  
0.009080   0.035 9.239 0.07204 9.095 8.037E-10 0.07462 9.164 6.849 E-10   9.090  8.133 E-10  
0.01038     0.040 9.239 0.07532 9.088 8.159 E-10 0.07858 9.160 6.912 E-10   9.082  8.283 E-10  
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x  molal tris + 0.4961 x molal HCl 
      1       2     3     4            5              6                  7        8           9              10          11 
     x            I p(aHγCl)o  pγ±,HCl     pmH,th             mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

0.02016   0.01 8.176 0.04359 8.089 8.150 E-09 0.04442 8.132 7.386 E-09 8.087  8.182 E-09 
0.04032   0.02 8.207 0.05784 8.091 8.104 E-09 0.05960 8.147 7.122 E-09   8.088  8.169 E-09  
0.06047   0.03 8.232 0.06812 8.096 8.021 E-09 0.07023 8.162 6.890 E-09   8.092  8.099 E-09  
0.08063   0.04 8.251 0.07532 8.100 7.937E-09 0.07858 8.172 6.723 E-09   8.094  8.057 E-09  
0.10079   0.05 8.266 0.08050 8.105 7.852 E-09 0.08553 8.180 6.600 E-09   8.095  8.036 E-09  
0.12094   0.06 8.280 0.08548 8.109 7.780 E-09 0.09150 8.188 6.479 E-09   8.097  7.998 E-09  
0.14110   0.07 8.292 0.08954 8.113 7.710 E-09 0.09675 8.195 6.379 E-09   8.099  7.971 E-09  
0.16126* 0.08 8.302 0.09311 8.116 7.660 E-09 0.10144 8.201 6.301 E-09   8.099  7.959 E-09  
0.18142   0.09 8.312 0.09615 8.120 7.591 E-09 0.10568 8.206 6.218 E-09   8.101  7.932 E-09  
0.2016     0.10 8.321 0.09871 8.124 7.533 E-09 0.10956 8.211 6.146 E-09   8.102  7.909 E-09 

* The value 016026 listed in [74] appears to be a misprint, the value used here, 016126, is our guess.  
 
x  molal 4-amino-pyridine + 0.4962 x molal HCl 
      1     2     3     4            5              6                  7        8           9              10          11 
     x          I p(aHγCl)o  pγ±,HCl     pmH,th             mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

0.04031   0.02 9.236 0.05784 9.120 7.580 E-10 0.05960 9.176 6.662 E-10   9.117  7.642 E-10  
0.06046   0.03 9.259 0.06812 9.123 7.538 E-10 0.07023 9.189  6.475 E-10   9.119  7.611 E-10  
0.08061   0.04 9.279 0.07532 9.128 7.441 E-10 0.07858 9.200 6.304 E-10   9.122  7.554 E-10  
0.10077   0.05 9.297 0.08050 9.136 7.312 E-10 0.08553 9.211 6.145 E-10   9.126  7.483 E-10  
0.12092   0.06 9.313 0.08548 9.142 7.210 E-10 0.09150 9.221 6.005 E-10   9.130  7.413 E-10  
0.14107   0.07 9.326 0.08954 9.147 7.130 E-10 0.09675 9.229 5.899 E-10   9.133  7.371 E-10  
0.16122   0.08 9.338 0.09311 9.152 7.051 E-10 0.10144 9.237 5.800 E-10   9.135  7.326 E-10  
0.18138   0.09 9.348 0.09615 9.156 6.987 E-10 0.10568 9.242 5.724 E-10   9.137  7.301 E-10  
0.2015  0.10 9.358 0.09871 9.161 6.909 E-10    0.10956 9.248 5.644 E-10   9.139  7.263 E-10 
 
x  molal monoethanolamine + 0.5000 x molal HCl 
      1     2     3     4            5              6                  7        8           9              10          11 
     x          I p(aHγCl)o  pγ±,HCl     pmH,th             mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

  0.02     0.010 9.590 0.04359 9.503 3.142 E-10 0.04442 9.546 2.847 E-10   9.501  3.154 E-10  
  0.03     0.015 9.612 0.05192 9.508 3.103 E-10 0.05285 9.559  2.760 E-10   9.506  3.117 E-10  
  0.04     0.02 9.629 0.05784 9.513 3.067 E-10 0.05960 9.569 2.695 E-10   9.510  3.092 E-10  
  0.05     0.025 9.643 0.06342 9.516 3.047 E-10 0.06528 9.578 2.644 E-10   9.512  3.073 E-10  
  0.06     0.03 9.654 0.06812 9.518 3.036 E-10 0.07023 9.584 2.608 E-10   9.514  3.065 E-10  
  0.08     0.04 9.673 0.07532 9.522 3.004 E-10 0.07858 9.594 2.544 E-10   9.516  3.049 E-10  
  0.10     0.05 9.690 0.08050 9.529 2.958 E-10 0.08553 9.604 2.486 E-10   9.519  3.027 E-10  
  0.12     0.06 9.704 0.08548 9.533 2.931 E-10 0.09150 9.612 2.441 E-10   9.521  2.013 E-10 
  0.14     0.07 9.717 0.08954 9.538 2.898 E-10    0.09675 9.620 2.397 E-10   9.524  2.996 E-10 
  0.16     0.08 9.729 0.09311 9.543 2.866 E-10    0.10144 9.628 2.357 E-10   9.526  2.978 E-10 
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x  molal Ca(OH)2 
      1     2     3     4            5              6                  7        8           9              10          11 
     x          I p(aHγCl)o  pγ±,HCl     pmH,th             mH,th       pγCl,B     paH,B            aH,B                pmH,B          mH,B             

0.015     0.037   12.414   0.07342   12.267    5.405 E-13   0.07625  12.338  4.595 E-10  12.261   5.477 E-13  
0.0175   0.043   12.477   0.07703   12.323    4.754 E-13   0.08079  12.396  4.016 E-10  12.315   4.837 E-13  
0.02      0.049    12.531   0.08004   12.371    4.257 E-13   0.08489  12.446  3.580 E-10  12.361   4.353 E-13  
0.0203  0.049    12.537   0.08050   12.376    4.207 E-13   0.08489  12.452  3.531 E-10  12.367   4.293 E-13  

Table 3.3.2: All of the data of Bates [74] for 25 oC (in columns 1-3), in columns 4-6 analyzed 
thermodynamically (except for the extra-thermodynamic assumption that, at these low ionic 
strengths, γ±, HCl is only a function of I) using the values for γ±, HCl reconstructed from Bates & 
Bower [76], and in columns 7-11 by extending of the Bates-Guggenheim [70] approach. 

What can we learn from the data in Table 3.3.2? 

(1) There are several ways to compute the hydrogen ion concentration from the data reported 

by Bates’ own lab. The two methods illustrated here yield similar though systematically different 

results, agreeing to within ± 0.022 in pmH (or within ± 5% in mH) as long as I does not exceed 0.1 

mol kg−1. The results for pmH,B in column 10 are always smaller than those for pmH,th in column 5, 

so that mH.B is always larger than the corresponding mH,th. This is to be expected, because the 

mean activity coefficient γ±,HCl of HCl is always higher than that of NaCl, which stood model for 

the Bates-Guggenheim activity coefficient B,Cl
~γ  .  

Which one of these is correct? We can answer this question for the first example, the aqueous 

solution of HCl, in which case the Bates & Bower data obviously yields the correct thermodynamic 

answer. However, as we will see in the following sections, neither of the two methods illustrated 

in Table 3.3.2 can be relied upon in most buffer solutions, because these are usually electrolyte 

mixtures, for which somewhat different rules apply. As we will see in section 3.5, in electrolyte 

mixtures it is in general incorrect to assume that activity coefficients depend only on the ionic 

strength I.   

(2) The results of Table 3.3.2 are also noteworthy in another respect, because they clearly in-

dicate that Bates already knew the hydrogen ion concentrations of these buffer mixtures. Take, 

e.g., the data listed by Bates for tetroxalate: x = 0.100, I = 0.1400, while mH is of the order of 0.04, 

all in mol kg−1. In order to specify I to four decimal places, Bates already had to know mH to three 

significant digits! The same applies to the other values listed for tetroxalate. In the case of sodium 

hydrogen succinate with HCl, the difference between x in column 1 and I in column 2 is almost 
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entirely that due to mH; again, Bates again must have known that value, unless he somehow obtained 

them iteratively, although it is not clear what iteration criterion Bates could have used to do so. 

Because Bates already knew mH, there was no need for him to tinker with Sørensen’s definition, 

other than a desire to find what he later [82] called the “elusive hydrogen ion activity“. We cannot 

weigh elves, and even if we were to assign a fanciful mass to them, such ‘knowledge’ would be of 

no practical use. We cannot measure ionic activities either, and assigning them values by some 

arbitrary “convention” is of no consequence, because no known physical measurements either 

generates them, or depends on them, and nature is not known to follow human edicts. The hy-

drogen ionic activity is not merely elusive: as a measurable quantity, it is illusory.   

3.4. Where did the Bates-Guggenheim approximation go wrong? 

The comparison made in section 3.2 and, again, in section 3.3 between the consequences of 

the Bates-Guggenheim approach for an aqueous solution of HCl and its directly measured mean 

activity indicate that something is amiss with the Bates-Guggenheim method. In fairness, its au-

thors properly called it an approximation, but since it has now become part of the IUPAC 

dogma, it still behooves us to consider where its weaknesses originate.   

In their 1923 thermodynamics book, Lewis & Randall [83] already stated explicitly:  

“It is evident that if we ascertain, or if we arbitrarily assume, the individual activity coeffi-
cient of some one ion, at a given value of the ionic strength, we can then proceed to deter-
mine the values for other ions.”  

However, there are two obvious constraints: it should define a single ionic activity coefficient, 

and it should not be in conflict with thermodynamic results. However, the Bates-Guggenheim 

approximation does not define an “individual activity coefficient of some one ion”, because it 

specifies a distance of closest approach, which involves at minimum two different ionic species. 

In an aqueous solution of a single 1,1-electrolyte there can be only one distance of closest ap-

proach, which therefore must be the same for both ions. In that case the Bates-Guggenheim con-

vention specifies both activity coefficients if we stick, as it does, with the original Debye-Hückel 

formulation.  

Moreover, the Bates-Guggenheim assumption implies that all strong aqueous 1,1-electrolytes 
with Cl– as their anion must have the same activities up to 0.1 m. However, as illustrated in Ta-
ble 3.4.1, experimental data for such solutions instead show an unmistakable, systematic trend. 
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The IUPAC recommendation therefore fails both constraints.  

Note that the differences between experimentally observed values for γ ± and the Bates-
Guggenheim value (which is similar to that of γ ±,NaCl) indeed do not exceed ± 0.02, as stated by 
Bates & Guggenheim [70] for all aqueous solutions of ionic strength not exceeding 0.1 molal, 
but only when the last seven entries in Table 3.4.1 (which were not yet available at that time) are 
disregarded! If the latter are included, the differences can be more than twice as large.  

 #        salt   γ ±        ref.    
  1       HCl 0.796 81   
  2       LiCl 0.790 81   
  3       NaCl 0.778 81   
  4       KCl 0.770 81  
  5       RbCl 0.764       81  
  6       CsCl 0.756       81  

 7       tetramethylammonium chloride 0.746       84  
  8       tetraethylammonium chloride 0.750       84 
  9       tetrapropylammonium chloride 0.753       84 
 10      tetrabutylammonium chloride 0.752       84 
 11      (β-hydroxyethyl)trimethylammonium chloride 0.737       85  
 12      trimethylbenzylammonium chloride 0.733       85 
 13      dimethyl-(β-hydroxyethyl)benzylammonium chloride 0.730       85 

Table 3.4.1:  The experimental mean electrolyte activity coefficients γ± of 0.1 molal 
aqueous 1,1-chloride salts of strong bases at 25 oC. The value for NaCl is bold-printed. 

There appears to be no justification for the Bates-Guggenheim assumption beyond the casual 

mention in Bates’ book [86] that  

“… Bates and Guggenheim suggested that γ Cl at ionic strengths not exceeding 0.1 be calcu-
lated by equation 35 with ρ = 1.5 kg.½ mole–½. This value of ρ corresponds to å = 4.6 Å. at 
25o and therefore makes γCl very nearly the same as the mean activity coefficient of sodium 
chloride in its pure aqueous solutions …” 

While NaCl occupies a place near the middle of the alkali metal chlorides, its special role in 
the Bates-Guggenheim approximation is somewhat puzzling. In terms of the effect of added 
strong chloride salts on the hydrogen chloride activity coefficients, LiCl would have been a 
much better choice, because both Güntelberg [87], Harned et al. [88,89] and Hawkins [90] had 
found that even the presence of a large excess of LiCl causes only a rather slight change in the ac-
tivity of hydrogen chloride, whereas the other salts listed in Table 3.4.1 showed increasingly lar-
ger differences. Not coincidentally, the mean activity coefficients of aqueous HCl solutions are 
rather similar to those of LiCl, see curves 1 and 2 in Fig. 3.4.1.  
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Alternatively, salts such as KCl, RbCl or CsCl might have been chosen because they are more 

nearly equitransferent [28,29], thereby possibly reducing any liquid junction potentials. NaCl 

(curve 3 in Fig. 3.4.1) appears to have been a rather arbitrary, middle-of-the-road choice without 

any obvious, specific advantage over its potential alternatives.   
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Fig. 3.4.1: The reported mean activity coefficients γ± of the salts listed in Table 3.3.1 (and numbered 
the same way) over a wider range of ionic strengths clearly show that, even though the points at 0.1 
moles kg–1 are the first listed in the cited compilation, the trends of the corresponding curves are de-
cidedly divergent. Yet the Bates-Guggenheim assumption with γ±  = γCl (as also supported by 
IUPAC) prescribes the same values for γ± for all these salts up to that 0.1 mol kg–1 limit.  

One might wonder whether the relatively small deviations at 0.1 mole kg–1
 (i.e., at m½

 ≈ 0.3) in 

Table 3.4.1 and Fig. 3.4.1 are real, or are merely artifacts resulting from statistical smoothing ap-

plied to the data, but this is not the case here. Obviously, the most important electrolyte to test the 

validity of the Bates-Guggenheim assumption is HCl, and Harned & Ehlers [77-79] had, much ear-

lier, already reported in detail on its mean activity coefficients in dilute aqueous solutions ranging 

from 0.004 to 4 mole kg–1 at temperatures between 0 and 60 oC. For ease of comparison we show 

their results in Fig. 3.4.2 as tabulated by Conway [91], who computed them from the original data 

for 0.1 m aqueous HCl [79] at molarities such as 0.07336, 0.08092, 0.8967, 0.09828, 0.10909, 

0.10266, 0.13096, and 0.13810 mol kg–1, and merely listed the measured electrode potentials to-

gether with the equations needed to compute the corresponding activity coefficients.  
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Fig. 3.4.2: The experimental data (solid circles) for the mean activity coefficient of aqueous 
0.1 m HCl as a function of temperature (in oC) as listed by Conway[91], who calculated 
them from the EMF measurements of Harned & Ehlers[78], and the mean activity (thin 
drawn line) as a function of temperature, as predicted by the Bates-Guggenheim formula.  

We see in Fig. 3.4.2 that these results, which in this case are fully bracketed by many data at 

lower and higher molarities, show a clear and systematic deviation from the Bates-Guggenheim 

formula, but are in full, quantitative agreement with the data of Table 3.3.1 and Fig. 3.3.1. 

Clearly, γ±,ΗCl lies well above γCl,B  ≈ γ±,NaCl. Another problem with the Bates-Guggenheim for-

malism, viz. the assumption that activity coefficients for I ≤ 0.1 mol kg−1 are solely determined 

by the ionic strength, will be considered in more detail in section 3.5. 

3.5 Electrolyte mixtures    
The Debye-Hückel theory successfully describes the deviations from ‘ideal’ behavior of dilute 

solutions of single strong electrolytes in terms of their coulombic interactions, and we can be 

confident in our conclusions about its role in a dilute aqueous solution of HCl. But even at or be-

low 0.1 mol kg−1, we still find small but significant differences between the activity coefficients 

of different single electrolytes of the same valency type, as illustrated in Table 3.4.1 and Fig. 

3.4.1. Moreover, the activity coefficients remain distinct until they actually reach their common 

limiting value 1 at zero concentration. The question therefore arises what the effect is of these 

ion-specific interactions in electrolyte mixtures. Are these fully described by their different dis-

tances of closest approach a, or is there more to it?  

Brønsted [92,93] reasoned that, on average, ions tend to avoid other ions of the same valence 

sign, and approach those of opposite sign, so that their mutual interaction can be expected to be 

dominated by anion-cation effects. Brønsted also addressed this problem experimentally, on the 
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basis of solubilities, and in his lab Güntelberg [87] used potentiometric measurements to the 

same effect. The latter were extended by Harned et al. [88,89] and Hawkins [90] to higher ionic 

strengths, where the effects are more pronounced and therefore easier to study. Their results are 

relevant here because pH measurements are typically made in electrolyte mixtures, and cali-

brated with buffer mixtures. We will here focus on HCl as one of the electrolytes in such a mixture, 

because it allows accurate measurements using two well-defined potentiometric sensors: the plati-

num/hydrogen (Pt/H2) and silver/silver chloride (Ag/AgCl) electrodes. We will first consider the 

measurements of Güntelberg [87], made in aqueous solutions containing HCl plus an alkali metal 

chloride at I = 0.1 mol kg−1 and 20 oC. 

Although these very careful measurements took several years (1922-1926) to make, they were 

quite straightforward in principle. In what is now called a Harned cell (junction-free, and in this 

case outfitted with multiple Pt/H2 and Ag/AgCl electrodes that were repeatedly checked against 

each other) Güntelberg first determined the standard potential Eo of the cell in solutions of HCl at 

various concentrations. Such measurements also provided the mean activity coefficients γ±,HCl of 

HCl at these concentrations. He then repeated these measurements in the mixtures which, since 

their HCl concentrations were known, yielded the mean HCl activity coefficients γ ±,HCl* in these 

mixtures, where the asterisk * denotes the presence in the solution of electrolyte(s) other than the 

named one, in this case HCl in the presence of an alkali halide.    

Analyzing the first set of measurements is based on the Nernst equation   

   )(ln)~~(ln)~~(ln 2
HCl,

2
ClHClHClH ±−=−=−=− γγγ m

F
RTmm

F
RTaa

F
RTE oE  (3.5.1)          

or 
   E   (3.5.2) )(log2)(log2' HCl,±−=+= γkEIkE o

where the known terms in (3.5.2) are placed to the left of the equal sign, and the unknowns to the 

right. We adopt the abbreviation k = RT ln(10) / F = 0.058165 V at 20 oC, where k is not to be con-

fused with a rate constant. HCl is assumed to be fully dissociated, so that mH = mCl = I, while mOH is 

numerically negligible. The two terms on the left-hand side of (3.5.2) are known, so that an ap-

propriate extrapolation of the data on the right-hand side to I = 0 yields the standard potential Eo 

of the cell, whereupon the mean HCl activity coefficient γ ±,HCl as a function of I is found from the 

difference between the intercept Eo at I = 0 and the values of E′  at each ionic strength I or, as in our 

example, simply from the fitting function used in the extrapolation.  
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Güntelberg used the extended Debye-Hückel expression (1.2.4) as his model for γ ±,HCl  and ob-

tained Eo
 = 0.22550 V. Using a nonlinear least squares fit of E′ = Eo

 + 2k{(A√ I)/(1+ Ba√ I) − bI} on 

Excel with an optimized Solver [94] plus SolverAid [95], we find for the same data Ba = 1.4166 ± 

0.0082 kg½
 mol−½, b = 0.12124 ± 0.00072 kg mol−1, and Eo

 = 0.225377 ± 0.000016 V, differing by 

less than 1 standard deviation (and only 0.12 mV) from Güntelberg’s value. As usual, the values ob-

tained for Ba and b are quite strongly correlated (r = 0.96), unlike those of Eo
 with either Ba or b. 

m =  0.01 0.02 0.05 0.10 0.20 0.35 0.05 0.07 0.1  mol kg−1 
E = 0.46308 0.42968  0.38602 0.35316 0.31998 0.29244 0.27419 0.25611 0.23564 V 
E′ = 0.23042 0.23204 0.23467 0.23683 0.23867 0.23940 0.23917 0.23809 0.23564 V 

Table 3.5.1: The data of Güntelberg [87] for HCl, as shown in Fig. 3.5.1.  

The second set of measurements involved aqueous mixtures of HCl with either LiCl, NaCl, 

KCl, or CsCl, at a constant total concentration (and hence ionic strength I) of 0.1 mol kg–1, again 

at 20 
oC. We find for the potential of such a cell, now filled with aqueous solutions of m1 mol kg–1 

HCl + m2 mol kg–1 MCl, where M denotes an alkali metal ion,  

  )~~(ln)~~(ln* *Cl*H*Cl*H*Cl*H γγmm
F

RTaa
F

RTEE −=−=− o   

or 
     (3.5.3)     )(log2)(log* *HCl,*Cl*H

*
±−=+−= γkmmkEEE' o

where the asterisk is used to distinguish values that apply to an electrolyte mixture  from those 

that refer to aqueous solutions of pure HCl. The standard potential Eo of this cell will be the same 

regardless of the specific constituents of the dilute aqueous solution, while mH* = m1, and mCl* = m1 

+ m2 = I, so that the quantity E ′* is known experimentally. We then use (3.5.3) to find log  as 

−E
*HCl,±γ

 ′* / 2k. The results of this calculation are listed in Table 3.5.2 for HCl + NaCl mixtures, and 

shown in Fig. 3.5.2 as the corresponding ∆log  = log  − log  for Güntelberg’s 

data, where log  = 0.796 is the mean activity coefficient of 0.1 mol kg
*HCl,±γ *HCl,±γ o

HCl±γ
o

HCl±γ –1 HCl.  

These observations directly contradict the earlier conclusion by Lewis & Randall [15] that  

“... in any dilute solution of a mixture of strong electrolytes, of the same valence type, the ac-
tivity coefficient of each electrolyte depends solely upon the total concentration.”  

(The italics are in the original.) We saw in section 3.4 that this is not quite true in solutions of a 

single electrolyte, and it is even less true in solutions containing several electrolytes. 
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Fig. 3.5.1: The fit of Güntelberg’s data (open circles, from Table 3.5.1) to the 
extended Debye-Hückel equation (1.2.4) (small black filled circles connected 
by a smooth line), where E′ = Eo +2k log m. and k = 0.11633 V at 20 oC. The 
extrapolated value of Eo is shown as a large black-filled circle at m = 0.  

  

in the original.) 

γ

γ

in many cases, the activity coefficient of a strong electrolyte 1 in its mixtures with a strong electro-

lyte 2, at constant ionic strength I = m1 + m2, are well described by  

-0.016
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-0.008
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∆log γ±,HCl*       

Fig. 3.5.2: The quantity ∆ log γ±,HCl* = log γ±, HCl −log γ±, HCl, MCl  as a function of mHCl in its mix-
tures with chlorides MCl of the alkali metals at constant ionic strength I = mHCl + mMCl = 0.1 mol 
kg–1 by simultaneously changing mHCl and mMCl. Open circles: measured data; straight lines with 
small black dots: Harned’s rule; large filled black circles: extrapolated values at zero HCl con-
centrations, defining the trace HCl activity coefficient γ±

tr
HCl  in a 0.1 mol kg–1 solution of that 

alkali chloride. The reference value is log ±, HCl = −0.0991at 0.1 mol kg–1 HCl. 

Harned et al. [88,89] and Hawkins [90] made similar measurements in electrolyte mixtures at 

higher ionic strengths, where the distinction between either plotting log γ ±, HCl* vs. mHCl or  ±, HCl* 

vs. log mHCl is much more pronounced. These and many subsequent studies [96] have shown that, 

 48



 log γ 1* = log γ1 − α 1, 2 m2 = log γ1 − α 1, 2 (I − m1) = log γ1
 tr + α 1, 2 m1 (3.5.4) 

when electrolytes 1 and 2 have a common anion or cation. Here γ 1* denotes the mean activity 

co lalities  

, α 1, 2 ≠ α 1, 2. Güntelberg found quantitatively corresponding effects from freez-

ing poi t high

±, HCl 12 ± HCl, MCl

φ  = {log(γ±
o

HCl) − log(γ±
tr

HCl, MCl)} / {(log(γ±
o

HCl) − log(γ±
o

MCl)} (3.5.6)  

as a

ith similar, ra

ol

±,HCl,NaCl

 1 

mo

well with the corresponding differ-

en

efficient of electrolyte 1 in the mixture of the strong electrolytes 1 and 2 at mo  m1 and

m2 respectively, γ 1 is the activity coefficient of the pure component 1 at ionic strength I (i.e., with 

m1 = I and m2 = 0), α 1, 2 is a constant depending on the nature of the ions 1 and 2, ionic strength, 

solvent, temperature and pressure, while log γ 1
tr

 = log γ1 − α 1, 2 I is the trace mean activity coeffi-

cient of 1 when m1 approaches zero (so that m2 approaches I). The corresponding expressions for 

electrolyte 2 are  

 log γ 2* = log γ2 − α 2, 1 m1 = log γ1 − α 2, 1 (I − m2) = log γ2
 tr + α 2, 1 m2  (3.5.5) 

where, in general

nt and solubility measurements. Figures 3.5.3 and 3.5.4 illustrate the effect a er ionic 

strengths.  

Using log(γ ) and α  we can compute log(γ tr ), and from that, e.g., the fraction 

 

a function of the ionic strength I. For the HCl + N Cl mixtures we then find linear relations 

w ther small slopes, see Table 3.5.2. Such relations readily lend themselves to the 

calculation of trace activity coefficients γ±
tr

HCl, NaCl
 as a function of mNaCl. When we rewrite (3.5.4) as 

log(γ ±
 tr

HCl, NaCl) = (1 − φ) log(γ±
o

HCl) + φ log(γ ±
o

NaCl), and parameterize log(γ±
o

HCl), log(γ±
o

NaCl), and 

log(γ ±, HCl, NaCl) in terms of (1.2.4) for I ≤ 0.2 m  kg−1, we find the values listed in Table 3.5.3. 

We see in Fig. 3.5.3 that the effect on γ , the mean activity coefficient of HCl in its 

mixture with NaCl, is much more pronounced the larger the ionic strength, especially for I >

l kg−1. Because of logarithmic compression, this effect is not so apparent in the virtually 

parallel, straight lines of log (γ ±,HCl,NaCl) vs. mHCl* of Fig. 3.5.4.   

In addition to his potentiometric measurements, Güntelberg considered freezing point depres-

sions of LiCl, NaCl, KCl, and CsCl, and found them to fit 

ces in their mean activity coefficients. He also compared his potentiometric results with the solu-

bility of nitro rhodanide tetrammino cobalt(III) chloride, and obtained excellent agreement. Even at 

or below I = 0.1 molal, these ion-specific effects in electrolyte mixtures clearly are for real.   
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Fig. 3.5.3: Open circles: the activity coefficients γ ±, HCl* as a function of log mHCl* 
/ NaCl mixtures at 25 oC at the ionic strength I = mHCl + mNaCl 

−

    

Fig. 3.5.4: Open circles: the values of log γ ±, HCl* plotted vs. mHCl* for the same solutions as 
shown in Fig. 3.5.3. Lines with small filled circles: fit of Hawkins’ data to Harned’s rule.  

for aqueous HCl 
indicated with the curves. Data for I = 1 and 3 mol kg 1 were taken from Harned 
[88], those for I = 4, 5, and 6 mol kg−1 from Hawkins [90]. The right-most data 
point in each set, for aqueous HCl, is from Robinson & Stokes [81]. The small 
solid dots connected by thin lines show the fit of Hawkins’ data to Harned’s rule. 
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and in (3.5.6) would then yield the value φ = 0.5.  

irst equality in (3.5.7) and (3.5.7) is often observed, as illustrated for HCl and NaCl in 
Table 3.5.4, while the second is often  s o

 is not obeyed at 
high ionic strengths, it can usually be extended with a term in m2. Its use is commonly restricted 
to 

n. As of 1968, reported observa-
tio

  1         2          3      4              5   6 
  I  log γ ±, HCl  log γ ±, NaCl              α HCl, NaCl     log γ ±

 tr
HCl, NaCl φ  

   1 −0.09205 −0.18243 0.0315       − 12355         0.34852  
   2   0.00389 −0.17522 0.0308       −0.05771         0.34391 

Table 3.5.2: The data in columns 2 and obinson ose 
in column 4 from Harned [88] for HCl in HCl + NaCl mixtures at 25  re-

 & S th

ng tr activity coefficients in colum  were calculated from (3.5.2) for I as 
 in umn 1, and the fraction φ  i lumn 6 was computed from (3.3.4), 
h is d well by φ .35339 ± 0.0  − (0.00480 ± 0.00012) I.  

            log(γ ±o
HCl)      log(γ ±o

NaCl)            log(γ ±tr
HCl,NaCl) 

Ba 1.328   ± 0.020 1.301  ± 0.014    1.375   ± 0.029    kg½ mol−½ 
b 0.1284 ± 0.0012 0.0404  ± 0.0010    0.0983 ± 0.0063    kg   mol−1 

ble 3.5.3: Numerical results for the parameterization of log(γ ±
o

HCl), lo
lo Cl,NaCl) respective  fo  ≤ 3 mol kg hen fitted to the ed

. Note that these fitting parameters also depend on the extent of t e data rang an
 The fit of log(γ ±tr

HCl,NaCl) treats that quantity as if it were a chemical specie

approximate derivation of Harned’s rule [88] leads to the prediction that, for a mixt
ong 1,1-electrolytes, their trace activity coefficients are both equal to the geometric
r single-electrolyte activity coefficients at that ionic strength. For such a mixture o
nd M X in water, this would lead to 

log(γ ±
tr

M X, M X) = log(γ ±
tr

 M X, M X) = [log(γ ±
o

M X) + log(γ ±
o

M X)] / 2  (3.5.7) 

or 

γ tr
1 2

 = γ tr
2 1

 = √ (γ o  × γ o )      (3.5.8) 

The f
 not so clo ely foll wed.  

Harned’s rule was clearly anticipated by Brønsted [92]. When Harned’s rule

binary electrolyte mixtures with a shared cation M or anion X. No correspondingly simple rule 
is known for electrolyte mixtures that lack a common counterio

ns of aqueous solutions of two strong electrolytes already covered almost 250 different mix-
tures, as communicated in more than 100 different papers [96].  
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  1     2       3             4           5                        6 

±
o

HCl ±
o

NaCl ±
tr

HCl, NaCl ±
tr

HCl, NaCl ±
o

HCl ±
o

NaCl  

 1.0  0.809  0.657  0.752 0.751       0.729 
 2.0  1.009  0.668  0.875 0.873

 m γ γ γ γ √ (γ  × γ )

 0.5  0.757  0.681  0.726 0.727       0.718   

       0.821 
6  0 4  1. 3 1 66       0 69 

Ta a  coeff for aq tio (γ ±
o NaCl 

(γ o
NaCl in column 3), an e tra γ tr

Cl, NaCl in c nd γ ±
tr  

in column 5). Comparison of column γ ±
tr

HCl, NaCl HCl indeed, 
wh reas the ately by the ric mea  ±

o
HCl and  column 6. 

From R.A.Robinson & R kes, yte Sol  2nd. ed 59 p. 434.  

and, a little further:  

“However, although the activity coefficient of hydrochloric acid is lower in a salt solution 

They a value for 

basis of the ionic strength of the solution, as we did in section 3.3. Conse-

quent 6 or 

11 of

m

udied by Güntelberg, Harned et al., and 

Ha

 3.0  1.31 .71 06 .0 .9

ble 3.5.4: The molal ctivity icients ueous solu ns of HCl HCl in column 2) or 
± d for th ce molal activity coefficients ( ± H olumn 4, a NaCl, HCl

≈ γ trs 4 and 5 shows that, in this case,   ± NaCl, 

γ γ oe y are only approxim  given geomet n of ± NaCl, see
.H.Sto Electrol utions, ., Butterworths London 19

In general, Harned & Robinson [97] found that  

“At any given total molality, the activity coefficient of hydrochl rio c acid is less in a salt 
solution than it is in its own solution. Moreover, the lower the activity coefficient of the salt 
itself, the lower is the activity coefficient of hydrochloric acid in that salt solution, …”  

than it is in its own solution, it is never as low as that of the salt itself.”  

certainly show that, for electrolyte mixtures, it is in general incorrect to assume 

γ ±,HCl
  merely on the 

ly the values for pmH in columns 5 or 10 of Table 3.3.2, and those for mH in columns 

 that same table, can be only approximately correct. 

When we accept Brønsted’s argument that, on statistical grounds, ion-counterion interactions 

ust be dominant because ions of the same valence sign tend to avoid each other, so that their 

coulombic interactions will be weaker than those between mutually attractive ion and counterion, 

then the differences observed in the HCl/MCl mixtures st

wkins point to specific interactions between Cl−
 and either H+

 or the alkali metal cations M+, in-

teractions that depend on the nature of M+. This again undermines the Bates-Guggenheim assump-

tion that the chloride activity coefficient at I ≤ 0.1 mol kg−1
 only depends on ionic strength. 

One might argue that, in electrolyte mixtures, the distances of closest approach of anions and 

cations are species-specific, but that does not quite explain the data, because Harned’s rule usu-

ally applies up to quite high ionic strengths, where the Hückel b-term dominates. Moreover, such 

an argument runs counter to the Gibbs-Duhem-Margules rule (3.6.1).  
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Brønsted and Güntelberg not only quantified ion-specific effects in mixtures at constant ionic 

strength, but also correlated them with other observations of the activity coefficients of electrolyte 

mixtures, such as their freezing point depression and solubility. Moreover, Güntelberg established 

all this in solutions of 0.1 M ionic strength, which are of special interest in the present communi-

cation, and used measurements of until then unequalled accuracy, with a reproducibility of his 

cell potentials of the order of ± 0.02 mV. Unfortunately, these solutions were too dilute to exhibit a

clear tendency, which is why it apparently fell to Harned [88], working at higher ionic strengths, to

formulate his rule, eq. (3.5.4).  

+ − −4

−1 d sample solutions often have much higher ionic strengths, in which 

case we can consider γ  as practically constant and equal to γ  tr  at that solution composition 

and ionic strength. The occurrence of trace mean activity coefficients for minor solution con-

stituents in the presence of a much larger concentration of another electrol e in fact justif the

approach taken by many inorganic chemists, who use as their “reference” state a concentrated non-

complexing aqueous electrolyte such as LiClO  to keep the activity coefficients of all other, mi-

nor solution constituents virtually constant. Such trace mean activity coefficients of electrolytes 

in a large excess of an otherwise chemically inert electrolyte will then be intermediate between the

activity coefficients of these two electrolytes alone, if each were measured at the same ionic

strength I as that of their mixture. But what is usually more important is that such solutions allow 

a simple interpretation of reaction kinetics, because the activity coefficients of all reagents and

products, regardless of their numerical values, can be considered constant throughout the process,

so that even the Brønsted-Christiansen correction need not be used. Concentrated, chemically in-

ert electrolytes such as LiClO  can thus serve as convenient activity coefficient buffers of other-

wise rather dilute electrolyte solutions.  

ng the model to the experimental data over a far wider 

 

          

                

   

The observation of an essentially concentration-independent trace activity coefficient of a mi-

nor electrolyte in a solution of much higher (and constant) ionic strength can be quite relevant to 

pH measurements in the pH range between 4 and 10, where [H ] and [OH ] are both ≤ 10  mol 

kg , whereas both reference an

     ± ,HCl*      ± HCl*

yt ies  

          

4

            

           

      

           

             

    

4

3.6 Extensions of the Güntelberg-Harned approach    
The Debye-Hückel theory has been very successful in representing the observed behavior of 

solutions of single strong electrolytes, especially in its limiting-law region, and Hückel’s essen-

tially empirical extension did allow fitti
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concentration range, especially since many mean activity coefficients at higher concentrations 

increase with concentration, a trend the original Debye-Hückel model could not rationalize.  

rre-
lated, in which case they cannot reliably be determined independently.  

 give a quantitatively bet-
ter description of the mean activity of single electrolytes at high concentrations. Indeed, when the 
ele

more flexible models for electrolyte mixtures are mostly extensions of the Brønsted-Güntelberg-

of ion-specific mutual interactions.  

β β

r anions, and therefore maximize their mutual dis-
tances, thus minimizing their mutually repulsive electrostatic interactions. On the other hand, 
ion                

a      

Hückel formulated his extension [16] in terms of the ionic strength I, but for the solution of a 
single electrolyte he might as well have used its molality m. Experimentally we find that fitting 
high-quality experimental data to the extended Debye-Hückel model yields two adjustable pa-
rameters, the distance of closest approach a and Hückel’s coefficient b, that are often highly co

As the basis of his extension of the Debye-Hückel approach, Hückel assumed that the dielec-
tric permittivity of the solvent around the ions was changed from its bulk value. An equivalent 
but more chemical explanation was given by Stokes & Robinson [98], who assigned different 
hydration numbers to the different ionic species, and on that basis could

ctric field adjacent to the ions is sufficiently strong to affect its “local” dielectric permittivity, 
one would also expect it to orient neighboring water molecules, which then become part of the 
hydration shell of those ions. The Stokes-Robinson model yields plausible hydration numbers 
which, in general, are larger for cations than for anions, as one would expect because of the V-
shape of the water molecule. With its negatively charged oxygen at the mid-bottom of the V, it is 
far easier to pack many water molecules around a small cation than around a similarly sized an-
ion. Moreover, the excess charge density on the water oxygen is twice that on each of its two hy-
drogens.  

But the crucial step in going from the Debye-Hückel model for solutions of single electrolytes to 

           

Harned approach, which broke the sole dependence of models on the ionic strength by recognizing 
the effects 

As long as we consider Hückel’s extension in electrolyte mixtures as purely empirical, we can 
explicitly write out the term bI as Σ zj

2 βj,i mi, where βj,i represents the effect of species j on con-
stituent i, with j,i = i,j. Brønsted [92,93] argued that, in dilute solutions, cations tend to avoid 
cations, and anions will do the same with othe

s of opposite valence sign are more likely to approach each other to sufficiently short distances 
to generate mutually attractive electrost tic effects. This would certainly argue for different, spe-
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cies-specific values for βj,i when the ions j and i have valencies of different signs. Harned’s rule 

likewise would fit a formalism of the type jij
ij

ji mzIBaIA ,
2)1()(log βγ ∑

≠

++−=  with species-
specific coefficients βj,i. One can usually get seemingly “better” agreement fitting a model to ex-
perimental data by adding more adjustable parameters to the model, but in this case such an ap-
proach to electrolyte mixtures seems fully warranted by both Brønsted’s principle and the empirical 
support for Harned’s rule.  

There is also a more fundamental problem regarding Ba. In an electrolyte mixture, the distance 

of closest approach is not clearly defined, and would appear to require different values depending 

on which counterion dominates in a particular ionic atmosphere. In, e.g., a mixture of m  mol kg−1
 

HCl plus m  mol kg−1
 NaCl we

1

2  might expect that the fraction m1 / (m1+m2) times a Boltzmann factor 
wi

   

th the corresponding net attractive energy would have a distance of closest approach aHCl, while 

the remaining fraction would have aNaCl. But assigning different a-values to different electrolytes in, 
e.g., a mixture of two strong 1,1-electrolytes, 1 and 2, runs into problems with the Gibbs-Duhem-
Margules relation  

1

2,

2

1, loglog
mm ∂

∂

∂

∂ ±± γγ

We can easily see this by representing log γ ± in terms of, e.g., an extended Debye-Hückel 
model. Introducing 

=         (3.6.1) 

such expressions into (3.6.1) and differentiating accordingly, we find denomi-
nators such as (1 + Ba±,1√ I), (1 + Ba±, √ I)2, (1 + Ba √ I) on one side of (3.6.2), and (1 + Ba √ I)2 
on the other. Adherence to (3.6.1) at all I-values can then be obtained only by considering all dis-
tan

1  ±,2     ±,2

ces of closest approach in such electrolyte mixtures to be the same. Since Ba is usually found 
to lie in the range from 1 to 2 kg½ mol−½, it can therefore best be considered approximately con-
stant for all ions. This assumption is inconsequential at very low ionic strengths, where its con-
tribution is small. At much higher ionic strengths, the Hückel extension term b or alternative ex-
tension terms can usually absorb any differences we might otherwise assign to different values of 
Ba.  A similar argument holds for more complicated electrolyte mixtures. And since Ba is a 
model quantity, how we choose it is immaterial for computing any thermodynamic results, as 
long as that choice is applied consistently, and is compatible with the experimental data. Conse-
quently the term Ba is best considered constant in any model calculations on electrolyte mix-
tures. We will see in section 4.4 that this thermodynamic constraint is not always taken into ac-
count.  

Guggenheim [99] applied this approach (with Ba = 1) to electrolyte mixtures as   
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1

log mm
I

IAz
f i β

νν
ν

β
νν

ν      (3.6.2) 

where M

X'X'M,M'X,M'MX

electrolytes in a

′ refers to the various kinds of cations in the mixture, and X′ to various kinds of  anions. 
Fo ures of 1,1-
electrolytes, where ν+ = ν− = 1. For example, assuming a single, constant value for Ba for both 

 binary mixture directly yields Harned’s rule for HCl + NaCl in the form  

rength I 
me as that of the trace activity coefficient of electrolyte 2 in a rge ex

obtain-
able trace activity coefficient, e.g., that of HCl in a solution of MX, to yield the possibly more 
difficult to determine trace activity coefficient of MX in the appropriate concentration of excess 
HCl. We already saw an example of such a relationship in Table 3.5.4.  

½ −½

1

uggenheim’s formalism 
“represents the facts with a useful degree of accuracy, at least for uni-univalent, bi-univalent, and 
uni-bivalent electrolytes, up to an ionic strength of about 0.1”, it would take us too far off our 
topic to describe Pitzer’s approach here in any detail. As he explained [103]

 had already indi-
cated  pH, 
merel alculating the mean activity coef-
ficient for a neutral electrolyte from singe ionic activity coefficients. Perhaps such models are 
more convenient, but they certainly do not simplify thermodynamics.  

 

r any fixed value of Ba this leads to an especially simple formalism for mixt

  NaHClNaClHClNaClHCl, )(loglog mff ββ −+=        (3.6.3) 

and allows for its facile extension to mixtures of any number of different anions and cations.  

The formalisms of Brønsted [92,93] and Guggenheim [99] predict a very simple relation, viz. 
that the trace activity coefficient of electrolyte 1 in a large excess of electrolyte 2 at ionic st

o

would be the sa la cess of 
electrolyte 1 at that same ionic strength I. If this applies, it allows us to measure an easily 

An alternative approach, based on a virial expansion, is due to Pitzer [100-101], who assumed 
a fixed value Ba = 1.2 kg  mol  in order to satisfy (3.6.1). This introduced product terms mi mj 
which allowed him [102] to extend their range far beyond I = 0.1 mol kg− . Since we are here 
concerned only with dilute solutions, and Pitzer [103] agreed that G

:  

“For complex mixed electrolytes, the use of the single-ion activity coefficients is much more 
convenient than the use of mean activity coefficients and electrically neutral differences of 
activity coefficients, although the final results are identical.”  

In other words, he found single ionic activities convenient intermediates to obtain mean ac-
tivities and mean activity coefficients of neutral electrolytes, as Taylor [25]

. Incidentally, in his 78-page overview chapter Pitzer spent less than one page on
y highlighting that almost half of the terms cancel when c
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4.  Measuring mH  
There is no question that mH is known for strong acids and bases, alone or in combination with 

other strong electrolytes. However, some seem to subscribe to the myth that there is no thermody-

namic way to determine the concentration of hydrogen ions in solutions of weak acids, bases, or 

buffer mixtures from potentiometric measurements, and that some arbitrary, extra-thermodynamic 

ention”) is therefore needed to quantify acidity. This is un-

doubtedly the case for potentiometric measurements that involve the usual liquid junctions, be-

cause these also depend on kinetic factors such as transport numbers, and therefore cannot be

strictly thermodynamic. But in general it is incorrect for potentiometric measurements in cells

without such junctions, although the necessary electrodes may not yet be available, as will be ar-

gued below. It may, however, apply to the so-called Harned cell, which may well be the reason

why the most recent IUPAC pH recommendation [2] explicitly states that “The only method that

meets the stringent criteria of a primary method of measurement for measuring pH is based on 

the Harned cell (Cell I).” which is then specified as Pt / H  / buffer, Cl  / AgCl / Ag. As we will 

see in the next few sections, the Harned cell can indeed yield hydrogen ion concentrations, but 

not single ionic activities. That doesn’t mean that the necessary measurements are always avail-

able, but in that case we can certainly indicate how they can be computed once the experimental 

data have been obtained.  

An interesting, little known paper from Harned’s lab by Roberts [104] gave a thermodynamic

analysis of the autodissociation of water, H O   H  + OH  at 25 C. Roberts first measured the 

potentials of cells of the type Pt / H2 / m mol kg  HCl /AgCl / Ag, which are given by  

 (3.5.1)           

rchloride electrode in contact with aqueous 

Cl

are again 

given by (3.5.1), but can now be combined with the autodissociation constant of water  

 

quantity (adopted through some “conv

         

  

            

   

    

               

  

2
−

4.1 The autodissociation of water  
              

   2
+ − o

 

−1

)~~(log)~~(log ClClH γγ mmkaakEE −=−=− o  HClH

where Eo is the standard potential of the silver/silve
−, and   k = RT log(10) / F ≈0.059157 V. Using 54 measurements and three different models for 

γ±,HCl, he first determined Eo, for which he found 0.22239 V. He then measured the potentials of 

cells of the type Pt / H2 / m1 mol kg−1 NaOH + m2 mol kg−1 NaCl /AgCl / Ag, which 

OHOHOHOHHHOHOHH
o

222
/~~/~~ γγγ mmmaaaK w ==  (4.1.1)           
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by eliminating HHH
~~ γma = between (3.5.1) and (4.1.1), so that, assuming that NaOH is a strong 

base hence mOH* = m1, 

 )~/~log()(log)/(log/)( OH**Cl*OH
o

OH**Cl
o

2
γγaKmmkEE w −−=+−  (4.1.2)   

Note that the terms on the left-hand side of (4.1.2) are known, and that the activity o

        

f water at 

zero ionic strength is 1 by definition. Moreover, the activity coefficient ratio OH**Cl
~/~ γγ  of two 

monovalent anions at low ionic strengths is small, so that it is relatively strai  to ex-

) to zero ion

ghtforward

 reported o
wK  

Unfortunately, Roberts’s values for OH**Cl*OH /
2

γγγ were too scattered to analy   

although, in retrospect, it is clear that, had they been of better quality, they could have been 

combined with measurements of the type described in sectio .5, which can y

γ±,HCl* = *ClH* γγ .  When *ClH* γγ  is divided by OH**Cl*OH /
2

γγγ , it would have netted values  

for *OHOH*H* 2
/γγγ . Since the value of mOH* is known, and the molality mH2O is constant by  

definition, this would have allowe

trapolate (4.1.2 ic strength. This will yield both o
wK  and values of OH**Cl*OH

~/~
2

γγγ  at 

non-zero ionic strengths. Roberts kept the ratio m2 / m1 equal to 1 within 1%, and = 

(0.988 ± 0.004)×10−14 mol kg−1, fairly close to subsequent results from the sam  lab [

(1.008 ± 0.001) ×10−14
 mol kg−1. 

e 105] of 

~~

An especially interesting aspect of the explicit realization that relatively 

ze further

n 3 ield values for  
~~ ~~ ~~

.2 A modyn  analysis aCl   

~~

be

d the calculation of .~~
OH*OH*H**OHOH

o
H* 22

γγγ mmKm w=

in principle, the hydrogen ion concentrations at any 

  

this paper was facile 

4  ther amic : HAc + N
Because this is a crucial aspect of our argument, we will now descri  in detail how, at least 

ionic strength can be estimated directly from 

em

 rele-

nequivocally refers to the 

Harned cell as “the only method that meets the stringent criteria of a primary method”. The irony 

of 

             

extrapolations to zero ionic strength are possible for weak monoprotic acids, by converting them 

into a form containing the activity coefficient ratio of two monovalent anions, as in (4.1.2). 

f measurements in buffer mixtures containing both a weak acid and an appropriate strong 

electrolyte (typically one for which we have a reliable anion-responding electrode), such as in an 

acetic acid / sodium chloride mixture, in cells without a  liquid junction. This is all the more

vant here because the IUPAC recommendation on pH [2] rather u

this statement will not be lost on the careful reader, because the “Harned cell” or, rather, the 

experimental approach introduced in two papers by Harned et al. [32,33], focused specifically on 
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determining the directly measurable combinations of electrolyte activities and activity coefficients 

and the corresponding equilibrium constants and ionic concentrations, i.e., on the thermodynamic 

information contained in such measurements. It provided the hydrogen ion concentrations, but nei-

ther single ionic activities nor single ionic activity coefficients.   

To illustrate the purpose and scope of these papers, here is the opening statement of the first 

of these [32]:  

“The electromotive forces of cells … have proved very useful in determining the activity co-
efficients of some strong acids and hydroxides in certain salt solutions. In the cases so far 
considered, this method has been applied to the class of strong acids and hydroxides. The 
question naturally arises as to whether measurements of this kin
determine the activity coefficients of weak acids and hydroxide

d cannot be extended so as to 
s in salt solutions of varying 

lutions.” 

 “It is the purpose of this study to show that this information may be acquired by measure-

No ogen 

and h amic 

mean

l method which employs single electrodes and ordinary 
salt bridges.”   

“Recently, Harned and Robinson showed that it is possible to determine the hydrogen ion 
ride solutions of various kinds and 

He  de-

termine the hydrogen ion concentrations in aqueous solutions of acetic acid plus sodium chloride. 

As ic Hägg diagram 

strengths as well as the hydrogen and hydroxyl concentrations of weak acids and hydroxides 
in these so

ments of cells without liquid junction potentials. Furthermore, this result can be accom-
plished with cells which contain easily reproducible electrodes such as the hydrogen and sil-
ver-silver chloride electrodes. The limitations of the method are for the most part experimen-
tal and depend on the difficulty of obtaining the reversible electromotive force of the hydro-
gen electrode in solutions containing hydrogen or hydroxyl ions at very low concentrations 
and salts at high concentrations.”  

te that Harned & Robinson [32] did not claim to determine the ionic activities of hydr

ydroxyl ions, but instead their concentrations, and to do so by purely thermodyn

s. Their results led them to their final conclusion that  

“The method here employed, as well as the results, should prove very useful for studying salt 
effects in organic and biological media. It is far more sound from a kinetic or a thermody-
namic point of view than the usua

The first sentence of the follow-up paper by Harned & Owens [33] reads:  

concentration and activity coefficient of acetic acid in chlo
strengths from measurements of cells without liquid junctions.” That was indeed the purpose 
and achievement of the “Harned cell”.  

re, then, is a somewhat modernized version of the approach of Harned & Robinson to

 a visual guide to this equilibrium, Fig. 4.2.1 shows its double-logarithm
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[106- mic 

scale,

Us d Ag/AgCl electrodes they measured the potential of 

aq

Fig. 4.2.1: Th at a total 
concentration C  concentrations, 

 as labeled. The 
system point at pH = p
extrapolated straight-line asy solid black points 
indicate, from left  values of 0.1 M 
HAc, 0.05 M ng pKa = 4.75. 
The wide gray band , A−, HA, and 
OH− shows the negative 10 B.  

The

          

111], which displays pc vs. pH while ignoring activity effects. On a double-logarith

 the latter are usually hardly noticeable.  

ing a junction-free cell with Pt/H2 an

ueous m1 mol kg–1
 HAc + m3 mol kg–1 NaCl at 25 oC. (We use this notation in order to reserve 

m2 for Ac– in section 4.3.) Specifically, measurements were made at constant acetic acid concen-

trations m1 while varying m3, and thereby the ionic strength I. The hydrogen and acetate ion con-

centrations were first assumed to be small enough to be estimated stoichiometrically.  
 

e Hägg diagram of pc = –log c vs. pH = –log cH for HAc + NaAc 
of 0.1 M. The straight lines show the hydrogen and hydroxyl

the curved ones the concentrations of acetic acid and acetate respectively,
Ka, pc = pC, indicated by an ×, lies at the common intersection of the 

mptotes of the curves for HAc and Ac−. The 
 to right, the approximate pH values and corresponding pc

HAc + 0.05 M NaAc, and 0.1 M NaAc respectively, assumi
hugging some straight-line sections of the lines for H+

-based logarithm pB = –log B of the buffer strength 

8
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 measured potentials are described by the Nernst equation as 

)log(* 2
*HCl,*ClH*

o
±−= γmmkEE       or      H*

2
*HCl,*Cl

o log)log(*)( mmkEE =−− ±γ  
  

 2
*HCl,*Cl

/*)(

H*

o

10

±

−
=

γm
m

kEE
        (4

k = 

.2.2) 

where icient of 

HCl in an aqueous solution of NaCl, for which we found in (3.5.5) that  

 log ±,HCl* = log ± HCl  α HCl, NaCl mNaCl (4.2.3) 

RT ln(10)/F = 0.059157 V and mCl* = m3. We deal here with the activity coeff

(4.2.1) 
so that

  

γ γ o −
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where ent of aque  mNaCl. log γ±
o
HCl is the activity coeffici ous HCl at the concentration I = mHCl +

After we have used (3.5.5) to find log (γ±,HCl*) we substitute it into (4.2.2) to compute mH. This 

otocol illustrated in Table 4.2
–1 T

H + mNa = mAc + mCl + mOH, 

wh gib becau ess than 10  mol kg 1) in these acidic solutions, 

see Fig. 4.2.1, so that m  = m  (see the left-most filled black circle in Fig. 4.2.1) and m = m1 − mH. 

We note that mH is fairly constant: over the entire range from I = 0.2 to 3 mol kg , mH doesn’t 

mo  

1 3 k HCl* HCl*  H* a

pr is .1 for the set of observations reported by Harned & Robinson [32] 

in their Table I B (1) for m1 ≈ 0.1 mol kg . he mass balance equations for these solutions are 

mHAc + mAc = m1, and mNa = mCl = m3, while the charge balance reads m
–11 –ere mOH is numerically negli le ( se l

Ac H HAc   

–1

ve by more than ±10% from its average.  
      1   2     3  4     5      6         7         8           9           10 

    m         m               I             E*      (E*-Eo)/     logγ±          γ±           m              K          
*HAc

*AcH*
~~ γγ

     

0.0992 0.05 0.05161 0.4747 4.2632 -0.08414 0

 

0.0997 0.02 0.02150 0.4972 4.6436 -0.06058 0.86980 0.00150 2.296E-5 0.7639  

 0.47  

0.0991 0.2 0.20175 0.4417 3.7054 -0.12424 0.75120 0.00175 3.132E-5 0.5601  
-0.13798 0.72782 0.00184 3.438E-5 0.5101 

 0.486 0 0 0. 7 5 -0 8 82 18 E 87 
 1 5 0. 6 8 -0 0 39 18 E 66  

91 074 0.6418                       
0.8 0.7447

              

h
o

resulting, preliminary mH-values were therefore included in column 3. That insertion affected all 

v o 

f -

t

then find the ratio 

.82388 0.00161 2.647E-5 0.6627 
0.1003 0.05 0.05163 44 4.2582 -0.08415 0.82386 0.00163 2.680E-5 0.6545 
0.0991 0.1 0.10168 0.4581 3.9826 -0.10460 0.78596 0.00168 2.914E-5 0.6019  
0.1004 0.1985 0.20027 0.4415 3.7020 -0.12405 0.75153 0.00177 3.182E-5 0.5513  

0.1006 0.5 0.50184 0.4184 3.3115 

γ

0.1050 1.489 1.49068 0.3874 2.7875 -0.092 0.8 1 0.00168 2.733E-5        
0.1050 2 2.00156 0.3773 2.6168 -0.05558 7988 0.00156 2.355E-5   

0.0997 .4878 419 3.333 .1379 0.727 0.00 0 3.318 -5 0.52
0.1050 1 .0018 398 2.976 .1224 0.754 0.00 5 3.330 -5 0.52

0.1003 2.95 2.95132 0.3624 2.3649   0.02286 1.05405  0.00132 1.752E-5 1.0011      

Table 4.2.1: Columns 1, 2, and 4 co tain data from Robinson & Stokes [82] Table 1 B(1) for aqueous 
–1 –1 o o

n
m1 mol kg  HAc + m3 mol kg  NaCl. Column 4 uses E  = 0.2225 V and k = 0.059157 V at 25 C, and 
column 6 is computed as log γ±

o
HCl – αHCl, NaCl mNaCl where αHCl, NaCl = 0.032267 – 0.00075 mNaCl and mNaCl 

= m3, see section 3.3. For log γ±
o

HCl we used the values Ba = 1.327591 kg½ mol–½ and b = 0.128418 kg 
mol–1 from fitting the data in Harned & Owen [38] p. 466, which cover that same concentration range. 
Column 3 was initially calculated wit  I = m3 and, after computing columns 6 through 8, iteratively with 
I = m3 + mH. Tw  iterations were needed; the second only changed the last digit at m3 = 0.02 mol kg–1 by 1.   

The data obtained for m  in column 8 do not quite justify neglecting it in computing I, and the     H

alues in column 8; a second iteration changed just one mH–value, and subsequent iterations had n

urther effect. Fig. 4.2.1 shows the so-found final results. Harned & Robinson used a similar itera

ive approach.  

Once we have found mH* = mAc we can compute Ka
* = mH* mAc* / mHAc* = mH*

2 / (m1 − mH*), and 

*HAc*AcH*
~~ γγγ by comparison with the value of Ka

o, which was already known 
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fro

d French curves for their data extrapolations, which typically emphasize nearby 

da

d led to serious distor-

tio

 extended their temperature 

ran

m potentiometric measurements, see section 3.3. Harned & Robinson listed similar data for 

various acetic acid concentrations up to 10.2 mol kg–1, and for several chlorides (LiCl, NaCl, 

KCl, and BaCl2); we here merely illustrate their method for HAc + NaCl. 

Our numerical results deviate somewhat from those listed by Harned & Robinson, who used 

large graphs an

ta points more than least squares analysis does. There were also problems with the data avail-

able to them. Harned & Robinson relied on earlier measurements, often made in cells with liquid 

junctions. These were made at a time when the Pt/H2 and Ag/AgCl electrodes still had repro-

ducibility problems; in fact, after Brønsted [92] questioned earlier-published data [112], Harned 

[88] found that his earlier way of preparing the Pt/H2 electrode had indee

ns at low hydrogen ion concentrations, which might possibly have also affected some of the data 

in Table 3.4.1. Moreover, Harned & Robinson used Ka
o

 = 1.85 × 10–5
 mol kg–1, whereas Harned & 

Ehlers [77] subsequently found a value of 1.754 × 10–5
 mol kg–1, more in agreement with the re-

sults of other workers, which we have therefore used here as well.  

Harned & Robinson applied a small (in our example: 0.44%) correction for the effect of neu-

tral HAc on the activity coefficients, and our results should therefore be compared with their un-

corrected data. And since theirs was a proof-of-principle demonstration, they claimed no high de-

gree of accuracy, and certainly none is claimed for the values in Table 4.2.1 either. It is their 

general thermodynamic approach to the problem, rather than the accuracy of these early numeri-

cal results, which is our main focus here. Harned & Murphy [113] repeated this treatment for 0.2 

mol kg−1
 HAc in various concentrations of NaCl and KCl, and slightly

ge, listing values for mH as well as for Ka
o

 / Ka  = *HAc*AcH*
~~ γγγ . 

4.3 Extending the analysis to HAc + NaAc + NaCl   
The example given in section 4.2 is not really a pH buffer, because it has a quite low buffer 

strength, which is actually at a local buffer strength minimum, see Fig. 4.2.1. For optimal buffer 

strength, the pH should be at or near pmH ≈ pK , and this is achieved by having both the weak 

acid HAc and its conjugate base NaAc present in comparable concentrations.

Such a buffer system was used in two 

 

  a

   

y Harned & lers [77,79]. Unfortunately, 

these papers were narrowly focused on determining the standard equilibrium constant Ka
o

 and its 

temperature dependence, rather than on finding the additional thermodynamic quantities of this 

papers b Eh
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system: ,~~
*ClH**HCl, γγγ =± ,~~/ HAc*Ac**H

*o γγγ=aa KK  and mH*. And it therefore did

 electrolyte mixtures, and we will therefore simplify our notation by deleting the asterisks. We 

have the mass balance expressions mHAc = m1 − mH, mAc = m2 + mH, mCl = m3, and mNa = m2 + m3, 

and the charge balance equation mH + mNa = mAc + mCl + mOH. In the Hägg diagram of Fig. 4.2.1, 

which n  dilute buffer solutions will therefore be at mHAc 

= mAc, i.e., at the intersection of the curves for HAc and Ac , directly below the sy

 not shed light on 

the

we will exclusively 

use

eglects activity effects, the pH for not too
− stem point at 

pH ≈ 4.75, and the corresponding values are then about 2×10−5 mol kg−1 for [H+] and 6×10−10 

mol kg  for [OH ]. We can therefore estimate m , of which we will need only the first signifi-

cant digit for I = (m  + m  + m  + m ) / 2 = m  + m  + m , and we can again neglect m  alto-

gether.  

e  

 possible influence of HAc on the hydrogen, sodium, chloride, and acetate ions.  

Here we will use the data of Harned & Ehlers [77], who used near-equimolal aqueous solutions 

containing m1 mol kg–1 HAc + m2 mol kg–1 NaAc + m3 mol kg–1 NaCl, with constant ratios m1: m2: 

m3, with m1 ≈ m2 ≈ m3 = m ranging from 0.005 to 0.09 mol kg–1. In this section 

−1 −
H

H Na Ac Cl 2 3 H OH

When the above-specified solution is placed in a Harned cell (junction-free, with Pt/H2 and 

Ag/AgCl electrodes), its potential will again b  )og( ClHClH γγmmkE −= , see (3.5.1), where  

k = RT ln(10) / F = 0.059157 V, while the acetic acid/acetate equilibrium reads 

 
HAc

AcH

HAc

AcHo γγmm
Ka =  (4.3.1) 

so that elimination of mH yields 

 )(
loglog 3H1ClHAc mmmEEmmEE −

+
−

=+
−   

~~loE

a ~
Acγ

The value of op aK  is of course constant at 25 o γHAc of an uncharged 

species is approximately unity at these low concentrations, as is the activity

~~

γm

of two This makes the second line of (4.3.2) approximately constant, 

)( H2

o

Ac

o

mmkmk +

 unknown stoichiometric asso-

K'K log
~

loglog ClHAco −≡−−=
γγ     (4.3.2) 

C, the activity coefficient 

 coefficient ratio 

    

AcCl
~~ γγ mono

and em o
aK

 opp aKK' → . The value of 

 valent anions. 

inently suitable for extrapolation to zero ionic strength in order to determine , because 

the term AcClHAc
~~ γγγ must extrapolate to 1 as I → 0, and therefore mH is 

as yet unknown, and will here be expressed in terms of the equally

ciation constant Ka = mH (m2+mH) / (m1−mH) or  
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2
4)() 1

2
2

H
mKmK aa +++

E )/k H)}, and 

( 2mK
m a +−

= (4.3.3)        

wh itia

small im

three colum

  a    , 

   H. C     ting ionic strength I = m2 + m3 + mH, and column 7 

its square root. In column 9 we compute −log K′  = (E− o + log {(m1−mH) m3 / (m2+m

Figs. 4.3.1a,b show (a) pK′  vs.√ I and I, or (b) pK′  vs.√ I. For Eo
 we have used the value 0.22239 V 

  a0 1  2    

 2        2  0

1 a 7 0034 as 

its

 
0.004779   0.004599   0.004896    1.7617E-5 0.009514 0.097538    0.63959     4.75546    1.7561E-5    

r
for 

−5 −1

 H in c  2+ 3+
for p    for   0 are shown just below the column headings. Eo = 0.22239 V;  = 0.059157 V.

d

o  

o  

ere we will in lly assume that Ka = 1.75×10−5 mol kg−1, and will subsequently refine the 

value of Ka, which will then be used to upgrade mH. Note that, in this case, (4.3.3) will only be a 

provement on Ka ≈ mH m2 / m1 because both m1 and m2 are much larger than mH. 

Table 4.3.1 summarizes the initial phase of this data analysis, as performed on a spreadsheet. 

The first ns and column 7 are taken directly from Table III in Harned & Ehlers [77], 

as is column 8. Column 4 shows the provisional value K = 1.75×10−5 mol kg−1 and column 5 the 

resulting value of m olumn 6 contains the resul

[77]. The linear least squares analysis of pK′ as y =  + a √ I + a  I is unsatisfactory, because the

coefficient a  is much smaller than its standard deviation s . A straight line instead using y = a  + 

a √ I, fitted by least squares through the points in Fig. 4.2.1b, yields pK o = 4.7534  ± 0.0

 intercept, and 0.0218 ± 0.0012 kg½ mol–½ as its slope. Harned & Ehlers reported pKa
o = 4.754 

by plotting the data vs. I, as in Fig. 4.3.1a, and extrapolating the data graphically to I = 0.   
      1             2              3              4                  5         6                 7              8                9 
     m1              m2             m3                  mH                          I                          I 

1/2                 E             pK′             K′         
             

            0         0   4.75341    1.7644E-5   

0.012035   0.011582   0.012326    1.7702E-5   0.024027 0.155006    0.61583     4.76038    1.7363E-5 
0.021006 0.020216   0.021516    1.7722E-5   0.041751 0.204331    0.60154     4.75783    1.7465E-5 
0.04922 0.04737     0.05042      1.7738E-5    0.097809 0.312744    0.57977     4.76011    1.7374E-5 
0.08101 0.07796     0.08297      1.7747E-5 0.160949 0.401185    0.56712     4.76275    1.7268E-5  
0.09056      0.08716     0.09276      1.7744E-5     0.179939 0.424192    0.56423     4.76232    1.7286E-5  

Table 4.3.1: Data from Harned & Ehle s [77] for an aqueous solution of m1 mol kg−1 HAc + m2 mol kg−1 

NaAc + m3 mol kg−1
 NaCl at 25 oC are shown in columns 1 through 3. The corrected value 0.012326 

m3 was used on the second full data line, for reasons explained in the text. Ka = 1.75×10  mol kg  was 

m mn 5 and I m m m coused in column 4 to estimate olu  = H in lumn 6. The extrapolated values 
K K′ I → k  ′ and

When we use the values for m3 listed by Harne  & Ehlers [77], one data point in Figs. 

4.3.1a,b appears to be systematically off. This is alm st certainly a transcription or typesetter’s

error, substituting m3 = 0.012426 V for 0.012326 m l kg−1, because Harned & Ehler’s Fig. 1

does not show an outlier of about 0.2 mV at I ≈ 0.0124 mol kg−1, and neither does Fig. 15-4-1 in 
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H

m s so 

a ese 

o  = 

(0.

 
. 
 

these

The  and for 

4.3.1b 

also 

arned & Owen [114], which corresponds to our Fig. 4.3.1a. Moreover, the ratio m2/m1 is re-

arkably constant (average 0.962344 ± 0.000045), whereas that for m3/m2 is not, but become

fter we lower the third significant decimal of m3 by one. The above change reconciles all th

bservations, and has therefore been adopted in Table 4.3.1. With this correction, we find m1

97628 ± 0.00011) m and m2 = (0.93955 ± 0.00012) m for m3 = m. In Fig. 4.3.1 we see the near-

constancy of log K′, which of course makes this extrapolation method viable, while the large effect 

of a minor difference in m3 (of only about 0.8%) shows the extreme sensitivity of this kind of 

analysis to small measuring (or, in this case, reporting) errors, and illustrates that useful potenti-

ometric data indeed require highly accurate measurements. 

4.752

4.756

4.764

I

pK'

a

4.760

0.00 0.10 0.20
4.752

4.756

4.760

4.764

pK'

b

0.00 0.25 0.50I 1/2

Fig. 4.3.1: pK′, the right-hand side of (4.3.2), as a function of (a) both I and√ I and (b) of √ I only
Open circles: data points from Table 4.3.1. Line with small black dots: the least squares fit through

 points (including the  “corrected” point instead of the corresponding, gray-filled “outlier” di-
rectly above it). The extrapolated intercepts are shown as large solid dots on the ordinates.  

 focus of the Harned & Ehlers paper was on the dependence of  on temperature,

that purpose just six experimental data points were enough. The analysis shown in Fig. 

yields (constant) value for its slope, .)~~(log AcClHAc γγγ   

In principle we can extract more information from these data, such as − )~~log( ClHH γγm = (E

 o
aK

 

−Eo)/k 

+ log m3, see (3.5.1). Those data can then be combined with mH to yield ClH*HCl, γγγ =± . And

ing the latter by AcClHAc
~~ γγγ should generate HAcAcHA

~~ γγγγ = , which we can then use to

mpute o
aK . The so computed value will depend on the assumed (and therefore not yet re

2 ~~

atively in order to m

we should be able 

ke it equal to the ear

termine mH ined therm o
aK .

 di-

vid  

co ally 

known) value of mH, which we can now vary iter a lier-

determ odynamic value  In that way to de individually 

for each combination of molalities m1, m2, and m3. 
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In practice, however, this is not possible based on the experiments of Harned & Ehlers be-

cause, for their six data points in Table 4.3.1, we obtain values for (E−Eo)/k + log m3 that are 

essentially the same, i.e., they vary by le  a ss than 0.1%, in non-systematic way. This is the result 

of hoice in orde

al for the dete
o
aK  is kno  to determine mH

, 

we would 

lik o

the fixed ratios between m1, m2, and m3, which was indeed a rational c r to make 

the left-hand side of (4.3.2) as constant as possible, and therefore optim rmination 

of o
aK . But now that wn, the best way  is instead to vary the ratio 

m2/m1 of the buffer components, for which additional experiments are clearly required. 

Our take-home message is therefore: yes, in principle, mH can also be determined potentiometri-

cally in Harned cells for this system but it will require more experimental data than are currently 

available, even so many years later.  

 

Just consider the system m1 HAc + m2 NaAc + m3 NaCl as a three-dimensional cube, with m1 

along the X-axis, m2 along the Y-axis, and m3 pointing in the Z-direction. Harned & Robinson 

[32] and Harned & Owen [33] sampled the XZ plane, see section 3.6, while Harned & Ehlers 

[77] restricted themselves to essentially the main body diagonal going through the origin of the 

cube, in order to optimize the determination of o
aK . Such selective approaches did lead to simple 

analysis methods, perhaps appropriate for the days before computers or even mechanical calcula-

tors were available, but a limited data base can also lead to dead ends. Considering that 

e to extract several thermodynamic quantities, such as mH, Ka , ClHHCl γγγ =± , 

AcHHAc
~~ γγγ =±  and γ HAc or, at least, mH, Ka , HCl±γ , and HAcAcH

~~ γγγ , we may have to cast a 

much wider net, and certainly sample 

~~

o

option of the Bates-Guggenheim approximation has shifted the scientific interest away from 

thermodynamic measurements. 

A program along the above lines would be very useful, and you may well ask why such data 

are not presented here. The answer is simple: an octogenarian I no longer have access to the 

necessary experimental facilities, nor the likelihood of seeing such a research program through to 

its completion. Activity coefficients are relatively small corrections on concentrations, and electro-

chemical measurements, by their interfacial nature, are very sensiti e to nterference -

n of c ity effects in dilute sol s there s careful procedures and 

data taken from other regions in that cube. This will require 

additional measurements beyond these often-quoted but seldom extended old data. Perhaps the 

ad

as 

v i s. The accu

rate determinatio a tiv ution fore require

measurements, which inherently take facilities, manpower and, especially, time to develop, im-
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plement and validate. Such a task is therefore best left to younger researchers, preferably in labo-

ratories somewhat shielded from the demands of short-term do-or-die grant cycles.  

And there is another complication. A much-used source of mean activity coefficients as a 

function of salt molality is that of Robinson & Stokes [81] which, revealingly, only starts at m = 

0.1

sults. In this 

co
−1

As described in section 3.6, we can combine the Debye-Hückel formalism with Brønsted’s 

 coefficients as intermediates in com-

pu

is-

 mol kg−1. There is a good reason for this: measurements below 0.1 mol kg−1 are typically 

much more difficult to make, whether by potentiometry or by isopiestic measurements, than 

those at higher concentrations. This is clearly illustrated by the measurements discussed in sec-

tion 3.5, where the data of Güntelberg [87] were an order of magnitude better than those of 

Harned [88] and Hawkins [90] in the same concentration range. But then, Güntelberg spend 

years producing a limited set of high-quality measurements, but Harned stole the show with his 

quicker (and, yes, at low concentrations dirtier) measurements over a much wider concentration 

range. For the type of analysis called for here one needs patience, persistence and, above all, per-

fectionism, quantities in short supply in a fast-moving science focused on quick re

ntext it doesn’t help that the IUPAC standards all rely on the Bates-Guggenheim approximation, 

and therefore require measurements below 0.1 mol kg .   

4.4 A model for electrolyte mixtures   
The experimental data discussed so far are by now some 80 years old, often (with some notable 

exceptions) of sub-optimal quality, and in many instances too few to draw conclusions beyond 

what their authors envisioned. The purity of our chemicals has improved much since then, our data 

analysis tools certainly have, and no longer need to rely on large-scale graphs and “French” curves.  

Here, then, is an alternative approach, inspired by a recent paper by Partanen & Covington [115], 

mostly using the same experimental data discussed so far, but using model assumptions of the type 

proposed by Brønsted [92,93] and Guggenheim [99] for the various single ionic and molecular ac-

tivity coefficients. It is encouraging to see one of the coauthors of the IUPAC recommendation real-

ize the need for mH-values.    

principles of ionic interaction, and use single ionic activity

ting measurable quantities, which in this case (where we consider equilibrium properties such 

as pmH) must be thermodynamic ones. There is, of course, an inherent problem: the more soph
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ticated the models, the more model parameters will need to be introduced and determined, in-

cluding ones for second-order effects, and this will require more as well as higher-quality data. 

Th

 we neglect OH− (because mOH is too small) and H2O, and therefore 

on

is, of course, underscores the need for more and better experimental data. 

Using the nomenclature of Partanen & Covington [115], we will use different symbols for the 

different types of interactions: β for those between anions and cations, θ for anion-anion and 

cation-cation effects, and λ for the interplay between ions and neutral molecules where, usually, 

β>θ >λ. In our example

ly consider the solution species H+, Na+, Cl−, Ac−, and HAc, for which we write      

HAcHAcH,NaNaH,AcAcH,ClClH,H 1
~

IBa
IA

+

−

HAcHAcNa,HHNa,AcAcNa,ClClNa,Na 1
~

IBa
IA

+

−

HAcHAcCl,AcAcCl,NaNaCl,HHCl,Cl 1
~

IBa
IA

+

−

log mmmm λθββγ ++++=  (4.4.1) 

log mmmm λθββγ ++++=  (4.4.2) 

log mmmm λθββγ ++++=  (4.4.3) 

HAcHAcAc,ClClAc,NaNaAc,HHAc,Ac 1
~log mmmm

IBa
IA λθββγ ++++

+

−
=  (4.4.4) 

AcAcH c,ClClHAc,NaNaHAc,HHHAc,HAc

where the order of the subscripts on the interaction coefficients is immaterial, i.e., βH, Cl = 

and 

Alog mmmm λλλλγ +++=  (4.4.5) 

βCl, H, etc.  

Harned cells measure )~~log()log( ClClHH
o2

HCl,
o γγ mmkEakEE −=−= ± , so that 

     

  

)~(log)'~(log2)log(/)(" ClHClH
o A'AA'mmkEEE +−+−=−+−≡ γγ

NaClNa,AcAcH,ClHClH, )({ mmmm βββ +++−=  

           })( HAcHAcCl,HAcH,AcAcCl,NaNaH, mmm λλθθ ++++  (4.4.6) 

where we have used ten-based logarithms throughout, and the abbreviation A′ )1( IBaIA += . 

The other thermodynamic relation of relevance here is 

    A'A'mmmKK'' a 2)/~~(log(2)/log(log HAcAcHHAcAcH
o −−=−−≡ γγγ 

  ClClNa,AcAcH,ClHClH, )({ mmmm  βββ +++−=
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         NaH,θ+ })( HAcHAcCl,HAcH,AcAcCl,Na mmm λλθ +++

of the model cetic acid and acetate, com-

 (4.4.7) 

Note that A′  as used in (4.4.6) and (4.4.7) is not a constant, but is an explicit, non-linear func-

tion of the ionic strength I as well as of Ba. We will here assume all terms Ba to be equal, as re-

quired by (3.6.1) for electrolyte mixtures, especially when the coefficients β, θ, and λ must be 

ansfe le fro e type of aqueous solution to another, i.e., from aq

g either Ba or β (o

 by the example in section 3.5, where 

Güntelberg, Harned, and Hawkins measured for HCl + NaCl mixtures at 

constant ionic strength I.  

 thermodynamic result; the question here is how to interpret it in terms 

 expressions (4.4.1) and (4.4.3) which, in the absence of a

bine to 

) 

ients 

 

of ei-

t answers for the distan nd 

 not only depend on the data range used, but also show a strong mutual 

dependence (i.e., large covariances and hence relative correlation coefficients close to ±1) in a least 

squ               e 

d 

lyzed in terms of (4.4.6). (We have deleted two points that show obvious 

typesetting & proofreading errors, viz. the point for m = 0.005314 mol 

lik

i

tr rab m on ueous HCl to aqueous HCl + 

NaCl, HAc + NaCl, NaAc + NaCl, and HAc + NaAc + NaCl. The need for fixin r, 

if one so desires, some combination thereof) is illustrated

 ClH
2 ~log~loglog γγγ +=±  

 NaNaH,ClNa,ClHClH,HCl, )()(2)log( mmmA' θββγ +++=+±  (4.4.8

 In these HCl + NaCl experiments, we can ascribe the observed effect to the various coeffic

β and θ or, equally plausible, to the different distances of closest approach in HCl and NaCl. Or

are both perhaps involved? The model does not show how to allot the observed thermodynamic 

effect. And we know from trying to fit a simple model such as (1.2.4) to aqueous solutions 

ther HCl or NaCl that these yield ambivalen ce of closest approach a a

the Hückel term b, which

Harned’s rule is not a

2

kg–1 for which E is most 

ares analysis. In other words, a change in a can rather easily make up for a change in b, and vic

versa. This is clearly demonstrated in the data for aqueous HCl at 25 oC from Table I in Harne

& Ehlers [77], here ana

ely 0.49545 V, and the point for m = 0.09751 mol kg–1 which most likely should be 0.07951 V 

nstead, a simple transposition.) The corresponding results for other values of Ba are shown in 

Fig. 4.4.2, and illustrate that the value obtained for β depends strongly on that assumed for Ba, and 

vice versa. 
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In view of (3.6.1) we therefore assign Ba a fixed value, as Güntelberg [87] and Guggenheim 

[99] did by selecting Ba = 1, or Pitzer [100,101], who used Ba = 1.2. We will here adopt the latter 
value, which is closer to the average of usually reported values, so that )2.11(' IIAA += . Figure 

4.4.2 illustrates that the choice of Ba strongly affects the curves, but not their intercepts at E′′ = 0, a 
thermodynamic value, and thus independent of any (consistently applied) model assumptions. 

Fig. 4.4.1: A plot of E′′ = )1(2)log(/)( Cl
o IBaIAmmkEE +−+−  

vs. mHCl for the data of Harned & Ehlers [77] for aqueous HCl at 25 C for 
½ −½

with solid dots: least squares fit to a line through the origin.   
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Ba = 1.2 kg  mole . Open circles: experimental data points. Straight line 

Fig. 4.4.2: Plots of E′′ = 

1.2

)1(2)log(/)( ClH
o IBaIAmmkEE +−+−

o
 vs. mHCl 

for the data of Harned & Ehlers [77] for aqueous HCl at 25 C for various values of 

Ba as indicated (in kg½ mole−½) with the curves. Experimental data: open circles, 
connected by Excel’s “smoothed line” cubic spline fits which are near-linear.   
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After these preliminaries, we can proceed as follows. For the mixture of HCl + NaCl at con-
stant ionic strength I we have the constraints mCl = mH + mNa = I so that mNa = I – mH, and (4.4.8) 
reduces to  
  )~(log)~(log2)log( ClH

2
*HCl, A'A'A' +++=+± γγγ  

straigh

  HNa H,ClNa,ClH,NaH,ClNa,ClH, )()( mI θββθββ −−+++=

5

 (4.4.9) 

The data listed for this system by Güntelberg [87] are analyzed in Fig. 4.4.3. 

Fig.  4.4.3: Plot of E  vs. m  for Güntelberg’s data [87] for m  mol kg  HCl + m  

 k = 0.058165 V, Ba = 1.2 kg½ mole−½. Open circles: the experimental data; 
t line with small black dots: their linear least squares fit to a line, which yields 

an intercept of −(0.03014 ± 0.00022), and a slope of −(0.08474 ± 0.003 ) kg mol−1.   

β β θ  its intercept and 

(βH,Cl − βNa,Cl  − θH,Na) from its slope, which upon addition and subtraction yield βH,Cl and (βNa,Cl  + 

θH,Na) respectively where, mo  obtained at 20 
oC, but their 

general agreement with Harned’s  dependence is small. 

Now we should be ready  for an aqueous solution con-

taining m1 mol kg–1 HAc + m mH is much smaller than 

either m1, m2, or m3, so that only a c ry to generate close initial 

values for mHAc = m1 − mH ate mH provisionally by 

 and also use it to mH needed for computing A′. 

The mH-v f cour

-0.040

-0.035

-0.030

0 0.05 0.1

E'

m H

′′ H H
−1

Na

mol kg−1 NaCl at I = mH + mNa = 0.1 mol kg−1 at 20 oC. Constants used: Eo = 0.22550 
V,

We can extract two quantities from these data, viz. ( H,Cl + Na,Cl  + H,Na) from

st likely, βNa,Cl >> θH,Na. These data were

 results indicates that their temperature

to tackle the data of Harned & Ehlers [77]

2 mol kg–1 NaAc + m3 mol kg–1
 NaCl. Here, 

rude initial value for mH is necessa

 and mAc = m2 + mH. We can again approxim

estimate the ionic strength I = m2 + m3 + 

be r ned later. 
2

o
1 / mKm a ,

alue must o se efi
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Using ments on 

aqueous HCl solutions. Assuming that the various interaction coefficients β, θ, and λ are the same 

in 

 

Η,Cl Na,Cl  H,Na H

1 HAc 2 Na mCl ≈ 

mA

HAc NaAc NaCl

  
16       1.0243 1.0643 

       0.04922   0.04737      0.05042       1.0244 1.0644 
 
       0.09056   0.08716      0.09276       1.0243 1.0642 

d va f 

(smaller than the number of yet undetermined parameters!), and in this case therefore does not 

mic . Partanen & Coving-

umber of approxima-

ons t d be ir ith our (4.4.1) through 

4.4.5) n they tion ith Ac− was neglected 

in their eqs.(1) and (3), while that between Na  and Ac  was taken into account, as were the pre-

sum ise, 

they if-

ferent Ba-values (Ba = 1.4 kg½ mole−½ for H+
 and Cl−

 but 1.8 kg½ mole−½ for Ac−), and made other, 

Ba = 1.2 kg½ mole−½ we already found βH,Cl = 0.3741 kg mol–1
 from the measure

HCl, HCl + NaCl, and HAc + NaAc + NaCl, we can then formulate the problem as a linear one.  

Equations (4.4.6) and (4.4.7) contain eight coefficients, of which we have so far only found 

β  and the combination (β + θ ). The problem involves one unknown concentration, m , 

but the three concentration variables used by Harned & Ehlers [77], m  ≈ m , m  = m  − 

c, and m3 = mCl, were highly correlated, as can be seen from Table 4.4.1, a problem we already 

encountered in section 4.3.     

   m1 = m   m2 = m     m3 = m        m3/m1 m3/m2 

       0.004779   0.004599      0.004896       1.0245 1.0646 
     0.012035   0.011582      0.012326       1.0242 1.0642 

       0.021006   0.020216      0.0215

      0.08101   0.07796      0.08297       1.0242 1.0643 

Table 4.4.1: the ratios m3/m1 and m3/m2 of the data on HAc + NaAc + NaCl of Harned & Ehlers 
[77] show that these can be represented for all practical purposes by one single parameter, m, 
where m1 = (0.97628 ± 0.00011) m, m2 =  (0.93955 ± 0.00012) m, and m3 = m. Please note that we 
have “corrected” the secon lue o m3 from 0.012426 to 0.012326.  

The use of model expressions for single ionic activity coefficients introduces many additional 

parameters, which is of little help when the basic problem is the small experimental data base 

appear to have any advantages over the traditional thermodyna  method

ton [115] did come up with results for mH, but apparently had to made a n

ti o o so, as can  seen by comparing the eqs. (1) through (4) w      

( . U fortunately  did not explain why, e.g., the interac  of H+ w
+ −

ably much weaker interactions between H+
 and Na+, and between Ac−

 and HAc. Likew

 did not justify why θ H, Na was taken into account, but not θ Cl, Ac, they mixed results with d
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ad

In the preceding sections we have seen that the potentiometric measurements in cells without 

or hydrogen ionic activity coefficient, simply because those are extra-thermodynamic concepts. 

Approaches based on the Guggenheim or Pitzer approach, as in section 4.4, can yield ionic activ-

n, because they are basic 

n electrolyte solutions, are prerequisites to the defini-

tion of the activity coefficient and the ionic strength, and are required for the application of the 

De  

   

-hoc assumptions, such as for θ H, Na. It is therefore not clear what benefit accrues in general by 

starting from thermodynamic measurements, and then making a detour through model assump-

tions, in order to find a thermodynamic result such as mH. Instead we should focus on determining 

the needed additional thermodynamic data. In that case, there may well be a practical advantage 

in using (4.4.1) through (4.4.7) because they allow for an efficient solution using matrix algebra. 

This has the added advantage that the variances and covariances are easily computed, so that the 

experimental uncertainties in the results can be evaluated more readily. 

4.5 An interim perspective   

liquid junctions indeed allow the determination of many thermodynamic properties, including (at 

least in principle) the hydrogen ion concentration mH. Note that the “classical” methods use the 

Debye-Hückel law only for the purpose of extrapolation to zero ionic strength, where all activity 

coefficients must be zero by definition, but do not otherwise rely on or impose any model as-

sumptions on the data. However, they do not yield anything resembling a hydrogen ionic activity 

ity coefficients, but these will be model-dependent (e.g., their β-terms will depend on the com-

mon value of Ba used), and can only be tested and verified by their thermodynamic results. 

The measurability of ionic concentrations was never really in questio

to the mass and charge balance equations i

bye-Hückel theory (including its Bates-Guggenheim approximation) and its successors, such

as Pitzer’s equations. As Bates [116] noted,  

“The concentration of hydrogen ion is, of course, a well-defined concept, …”   

Consequently the exclusive reliance of the IUPAC pH recommendation on the fictional, admit-

tedly immeasurable activity H
~a of a single ionic species, instead of on its concentration mH, is 

without any scientific basis. One cannot define the very practical unit of pH in terms of an im-

measurable hydrogen ionic activity, specified in terms of an approximation [70] to the Debye-
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Hückel expression, especially since, as shown in sections 3.4 through 3.6, that approximation 

cannot withstand scientific scrutiny, not even when applied to a simple solution such as aqueous 

HC

 to do with whether we use either hydrogen ionic ac-

tivitie s of pH buffers in 

Harned cells. This is so because Harned cells do not have liquid junctions. Moreover, the Bates-

Guggenheim approximation has not led to any better quantitative understanding of the liquid junc-

tion potential, because that is a partially kinetic problem rather than a thermodynamic quantity 

(as misleadingly suggested by the often-used symbol E ). No matter how we define pH in the 

Harned cell, practical pH measurements with a glass electrode and some external (even when 

built-in) reference electrode require the user to assume (i.e., hope) that the liquid junction poten-

tial is either negligibly small or is otherwise the same for sample and reference.  

hat  

“In possibly all but one case in a thousand it is not necessary to consider the meaning of pH 

 

 

l (section 3.2) What was wrong with the hydrogen ion concentration, as proposed by Sørensen, 

and fully consistent with chemical measurements?   

Even if one concedes the argument of Bates [71] that “the cell with liquid junction, in spite of 

its theoretical difficulties, remains the most convenient and widely used means for measuring the 

acidity of aqueous solutions”, this has nothing

s Ha or hydrogen ionic concentrations mH in defining the standard value~

in terms of solution theory at all, but only to accept the numbers as a practical scale of acid-
ity and alkalinity.”  

Maybe so, but it certainly has caused the confusion mentioned by Camões [1]. For such a rou-

tine measurement, performed millions of times all over the world, one in a thousand thoughtful 

applications isn’t a negligible score anyway. Moreover, it is not even a relevant consideration. 

What fraction of distance measurements make one question the origins of the meter? How often 

do we ask what defines our time units when consulting our watch? 

 

 

 

 

            

j

Bates [117] approvingly quoted MacInnes [118] t

 

 74



5. M
5.1. What’s wrong with a purely metrological definition of pH? 

ar day as the standard unit of 

tim . 

In China, 26 centuries ago, a common unit of length, the tehid, was apparently a decimal av-

erage of sorts: the length of 100 sorghum grains neatly placed next to each other. In the West, 

units of length were often based on measurements of the human body. The Egyptian (and later 

Roman) cubit (of about 18 inches) was based on the length of the male forearm, and later became 

the “ell” or “elle” in Western Europe, from fingertip to elbow. The Greek δάκτυλος (“daktulos” 

or finger) represented the width of a finger, and was described by Herodotus at about 450 BC. 

ed by King Henry I in the twelfth century. In tiny 17th-century 

Flanders, land areas used identical terms in at least 14 different regions and townships, even 

s 

municipalities and principalities jealously protected their own definitions of weights and 

me

The meter was introduced during the French revolution to overcome these unnecessary trade 

barriers, and was defined in terms of the length, measured at 0 C, between two scratch-marks on 

a platinum-iridium rod kept in Sèvres, a suburb of Paris. It was based on what was then the best 

estimate of the circumference of the earth, defined as 40,000,000 m, assuming the earth to be a 

pe

iscellany  

The development of modern science has often used somewhat arbitrarily chosen metrological 

definitions to facilitate the exchange of ideas, concepts, and measurement results. There is noth-

ing ‘fundamental’ about 1/40,000,000th of the diameter of the earth, idealized as a perfect sphere, 

as the unit measure of distance, or 1/24th of 1/60th of 1/60th of a sol

e

The British foot was introduc

though these represented somewhat different sizes [119], and in Germany the variou

asures. Such local definitions became problematic in commerce, and especially in long-

distance trade. 

o

rfect sphere at sea level, and its adaptation was enforced in France and in the countries con-

quered by Napoleon. It has since been refined and redefined repeatedly, e.g., in 1960 in terms of 

the wavelength of a particular Kr86 emission line. Since 1983 the meter is no longer a primary 

measure. Instead, it is now a derived quantity, specified in terms of the distance traveled by light 

in vacuum in a given time, 1 / 299,792,458 seconds. Clearly its definition has been updated, and 

made both more precise and more easily reproducible over time, though no less arbitrary. Even 

the possible effects of relativity on the measured speed of light have been considered, although 
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these were judged to be too small to require incorporation at the present time. The US inch is 

now officially defined as 2.54 cm.  

That brings us to the second. The Babylonians used a sexagesimal (base 60) counting system, 

and for many centuries the second was defined as 1/24th of 1/60th of 1/60th of a solar day. Be-

cause the solar day is not sufficiently stable, and the development of the atomic clock allowed a 

more accurate definition, the second was redefined in 1967 as the duration of 9,192,631,770 ± 20 

periods in the radiation emanating from the transition between the two hyperfine levels of the 

ground state of 133Cs. In 1980 it was corrected to apply to the gravitational field at mean sea level.      

Compare those with the definition of a pH unit, based on a concept that, from its very incep-

tion, was considered immeasurable, and therefore cannot be specified in terms of an experimen-

tal physical or chemical property, or refined on the basis of subsequent measurements. Instead, 

the pH has been defined in terms of a particular measurement technique and, moreover, is based 

on a set of standard buffer solutions, each covering a particular segment of the pH range, in such 

a way [120] that a pH unit between two adjacent standard buffers is measurably different from 

that between two others. Perhaps it is also [118] “not necessary to consider the meaning of pH in 

terms of solution theory at all” for “all but one case in a thousand”, while remaining an unan-

swerable question for the curious 0.

 

1%, but that seems a rather lame argument for an official, 

IU

“It must be remembered, however, that the fundamental meaning of these measured pH val-

PAC-endorsed metrological unit. 

Its stated precision is ±0.01 to ±0.02 pH units (at room temperature corresponding to roughly 

±0.6 to ±1.2 mV) or, given the IUPAC-specified pH range from 2 to 12, at best ±0.1% of its full 

range. Yet [121], despite this low precision,  

ues is considerably less certain than the precision with which the numbers can be obtained.”  

Voltages can be measured to a much higher precision, but the uncertainty estimate of the 

IUPAC-defined pH (which excludes the systematic uncertainty inherent in the Bates-

Guggenheim approximation, which is at least as large) are predominantly based on rather opti-

mistic estimates of the (equally systematic, sample-dependent and unknowable) liquid junction po-

tentials. Moreover, because the hydrogen ionic activity is immeasurable, the accuracy of the 

IUPAC pH definition is unknowable. The IUPAC-defined pH is simply not a player in the same 

league as distance and time!  
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Its estimated imprecision may suffice for agriculture, but is already borderline for, e.g., blood 

pH measurements, where the total safe range for humans is only between about 7.35 to 7.45. 

Co

Th orced 

by ou irect 

co

e there never was a good reason to tinker with Sørensen’s original 

de

f concentration, moles of solute per liter of solution (c) or per kg of 

solvent (m), are globally agreed-upon and not in question, there is no need for edicts in this respect:

IUPAC already specifies globally uniform measures for mol, kg, and L (= 10  m ), and should 

just withdraw its prescription of pa  measurements. 

 at the internal contradiction of measuring and report-

ing experimental values for an in principle immeasurable quantity. The illogic of the situation is 

perhaps best illustrated by the following quote [120]:  

can be measured by electrochemical cells, …”.  

nsequently, blood pH-measurements are routinely made (and apparently interpreted) to three 

decimal places, in which case the IUPAC definition is clearly numerically (and therefore 

metrologically) inadequate.  

ere are other differences. We have a good, intuitive sense of distance and time, reinf

r daily experience, but the hydrogen ion activity is an artificial construct without any d

nnection with experience. Moreover, as we have seen, it doesn’t really exist, because it is a 

thermodynamic concept that defies a thermodynamic definition, and is therefore merely a fig-

ment of the imagination. Is that the proper way to define the globally used experimental measure 

of acidity in the 21st century that is [1] “most likely the most measured chemical parameter and 

the one most people hear or talk about”?  

Should IUPAC redefine pH as –log[H+] and stop its insistence on defining pH as –log aH? I 

certainly would hope so, sinc

finition.  Should IUPAC redefine the measurement (rather than the definition) of pH? I see no 

more need for IUPAC to specify how the hydrogen ion concentration (or its logarithm) should be 

measured than there is for it to specify the method for determining any other concentration. 

Chemistry is a living science, and it is continuously updating its instrumentation, accuracy, and 

precision. Because the units o

               

  
–3 3

     H

5.2. Is the current IUPAC pH convention teachable?  

Didactically, teaching students the nature of pH has been a nightmare, and many students (to 

their credit) have expressed bewilderment

“… the concept of pH … is not based on straightforward thermodynamics, but … involves a 
single ion activity, which, in principle, is immeasurable. Since the hydrogen ion activity, on 
the other hand, is indicated by the Pt,H2 electrode in a thermodynamically correct way, pH 
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Regardless of how pH is defined, that argument is false, because it requires that the potential 

of the hydrogen electrode by itself can be measured by means of electrochemical cells, which it 

cannot. The Pt,H2 electrode indeed responds to the hydrogen activity, but that response is not ex-

perimentally accessible, because it can only be observed and measured in combination with that 

of a second electrode, with or without liquid junction, and the latter also responds to the hydro-

gen ion concentration or activity. Moreover, these two sentences clearly represent a logical con-

ld no longer be im-

lvents of low dielectric permittivity. And, 

when  pri-

mary nant 

chem nal problems of paH. And we should not have 

to deal anymore with conceptual absurdities such as “mixed” complexation constants [122]. 

tensive 1948 review of pH, Bates [50] 

sum

hydrogen is a very suitable measure of acidity.”  

In a 1961 paper, Bates & Gary [123] wrote:  

tradiction: if the second sentence were true, the hydrogen ion activity wou

measurable, not in practice, and certainly not in principle. 

We will still need to explain to our students the presence of long-distance, coulombic interac-

tions in dilute electrolyte solutions and, in more concentrated solutions, additional causes of de-

viations from idealized behavior, such as the competition for solvent, the possible formation of 

complexes, and ion pairing, the latter especially in so

, why, and how otherwise inert electrolytes can affect chemical kinetics. However, the

emphasis in introductory courses can and should remain on these latter, often domi

ical complications, rather than on the definitio

           

The IUPAC recommendation disconnects pH from the theoretical and computational frame-

work of chemistry. The resulting confusion must be even worse in the general public. As cur-

rently defined, the concept of pH is simply unteachable.  

5.3. Is the current IUPAC convention desirable?  

It is interesting to read what Roger Bates, the main architect of the present IUPAC recom-

mendation, had to say on this subject. At the end of an ex

marized his views as follows:  

“Unfortunately, the pH computed from the electromotive force of cells can only be defined 
as a unit on an arbitrary scale. Until the character of the ionic activity coefficient is precisely 
defined, the residual liquid-junction potential will remain indeterminate. Definitions of pH 
therefore rest upon arbitrary assumptions that enable the liquid junction potential to be 
evaluated or eliminated or that permit the activity coefficient of a single ionic species to be 
derived from measurable combinations of activity coefficients. In itself, the concentration of 
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“Although the proton activity cannot be evaluated thermodynamically, the pH value of 
aqueous solutions derives some fundamental meaning from the arbitrary convention on
which the numerical values of pH are based. If one wishes to estimate thermodynamic equi-

 

gen ion would be much less useful than the hydrogen ion concentration or certain other re-
H

termed pcH.”  

“It is now well recognized that the activity of a single ionic species plays no real part in the 

junction. It is probable that the same is true of other phenomena influenced by hydrogen ion.” 

o define pH as –log(aH) rather than as the ten-based logarithm 

of the hydrogen ion concentration (c or m ), is neither supported by experimental evidence, nor 

based who 

took a  fol-

lowin

a true physical constant? Thermodynamics 
leads us to believe that there can be none.”  

Bates may have been misguided in his obsessive focus on the hydrogen ionic activity, but he cer-

tainly

Yo about 

half a peri-

menta f pH 

have eceding years of research 

on ursuit of the Elusive Single-Ion Activity”, Bates 

[82] w

          

librium data through measurements of acidity, the individual activity of the proton or hydro-

lated functions. The simplest “acidity function” is therefore probably m , the hydrogen ion 
concentration, or its negative logarithm, which has been 

And in his 1964 book Bates stated [68] that  

development of the e.m.f. of a galvanic cell, whether or not that cell is of the type with a liquid 

The idea that we would need t

H H

 on any firm theoretical underpinning. It was not even so in the view of Roger Bates, 

 dim view of the possibility of finding the physical significance of paH, as shown by the

g passage in his 1964 book [124]:  

“Is there any possible means, still awaiting discovery, of determining –log aH exactly and 
thus endowing pH with the full significance of 

               

 was an honest man. 

u might want to dismiss the above comments as being too old to be pertinent now, 

 century later, but that would be a mistake. To the best of my knowledge, no new ex

l evidence or substantial arguments supporting the current IUPAC recommendation o

been offered since then. Instead, in his 1989 review of the 75 pr

 individual ion activities, tellingly entitled “P

rote that  

“ … the inaccessibility of these quantities to thermodynamic measurement has been amply 
confirmed.”  

And this is how Pitzer, perhaps the most successful developer of an extended model for ionic 

activity coefficients, in the last (1995) edition of his Thermodynamics book [125] commented on 

a then recent paper by Mesmer [126], who had suggested a return to the original definition of pH:  
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 “Mesmer suggests an alternative that merits serious consideration. He proposes that the mo-
lality of H+ rather than the activity of +

AgCl/Ag cell, ln m + = (E
o
 – E) F / RT

H  be the basis, i.e., pH = –log mH+. Then for the H2 – 
H   – ln mCl- –2 ln γHCl.     

 all, practical purposes the Mesmer alternative 

Possibly a modified symbol such as pHm should be used for the Mesmer alternative.”  

When both Bates and Pitzer, each after a lifetime devoted largely to studying, trying to define, 

and using ionic activities, near the end of their careers considered the hydrogen ionic concentration 

instead of its ionic activity to be useful for defining acidity, others might well want to pay attention. 

entific concepts. A scientific statement can never be verified: all swans were 

consi  the 

Ptolemaic worldview, and were themselves considered true until modified by Einstein. Popper 

the

 

truth 

Sin i ionic activity coefficients are not 

measu ine” 

them, sten-

cies o ates 

stated

potentials of single electrodes, liquid-junction potentials, and pH values derived with the use 

That neatly sums up the problem: verification of the validity of the IUPAC pH convention is 

neither necessary nor, even, possible. However, preconceived notions or wishful thinking cannot 

substitute for scientific arguments, and non-falsifiable concepts should not be maintained by edict, 

Now it is the activity coefficient of HCl which is involved, and this is a rigorously based 
quantity. For a mixed electrolyte of moderate or even high molality, it is given by eq. … in 
the ion-interaction system. For most, if not
should be satisfactory, although some adjustment from current practice would be required. 

5.4. A philosophical question  
The philosopher of science Karl Popper [127] specified a useful demarcation between scien-

tific and non-sci

dered white until the Australian black swans were discovered; Newton’s laws replaced

refore used falsifiability rather than verifiability as his criterion of valid (though not necessar-

ily “true for all time”) science. The underlying idea is an old one: Descartes apparently already 

“… undertook to produce twelve irrefutable arguments showing the falsity of any incontestable

…” [128].  

gle electrode potentials, single ionic activities, and s ngle 

rable quantities, and are therefore not falsifiable either. Anyone in authority can “def

 and nobody can disprove such assertions, as long as they do not harbor internal inconsi

r contradict experimental results, as the IUPAC recommendation actually does. As B

 [129]:  

“It must nonetheless be realized that the activity coefficients of individual ionic species, the 

of these conventions are to be regarded also as conventional. No detailed verification of the 
validity of the convention is necessary or possible.”  
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especially not when a perfectly good, thermodynamically valid, and fully verifiable alternative 

was and is available in the form of Sørensen’s pH = −log[H+].  

ntally falsifiable. These are the ones we should use. 

5.

iscussion to the limiting law region in, e.g., sections 2.3 through 2.5.  

Ho son. 

Even tivi-

ties in  arguments in this communication are ex-

pre

d 50 oC. Its most telling test, the 

va

lm of fruitful scientific dis-

cussion, and will therefore not be pursued here. 

By utilizing the electroneutrality condition we can reformulate the Guggenheim equations 

(1.6.1) in such a way that only directly measurable quantities (typically specific combinations of 

ionic activities or activity coefficients) are real, while immeasurable, extra-thermodynamic quan-

tities will be imaginary. The notational system for activity coefficients based on complex num-

bers developed in sections 2.6 through 2.8 can be used to indicate which of such quantities are 

real, i.e., strictly thermodynamic and therefore experimentally accessible. These are also the ones 

that are experime

5. Why restrict this discussion to dilute aqueous solutions?  
There are two reasons to keep this communication focused on dilute aqueous solutions. The 

first is that, especially in the region of the limiting law, the correctness of the Debye-Hückel 

treatment is beyond doubt [17]. For this reason, and because of the resulting simplicity, we have 

confined the d

wever, in the context of the present communication, there is a more compelling rea

though the differences between measured ionic concentrations and estimated ionic ac

 dilute aqueous solutions are relatively small, the

ssly restricted to such solutions because, by their very nature, non-falsifiable assumptions are 

not falsifiable! The only region where the validity (or even plausibility) of the “metrological” 

IUPAC recommendation can be tested is therefore within the range of its claimed applicability, 

which IUPAC specified [2] as an aqueous solution of ionic strength I not exceeding 0.1 mol kg
–1

, 

with a pH between 2 and 12, and at temperatures between 5 an

lidity of the Brønsted-Christiansen model rather than the “activity” model, is often even more 

restrictive because, in order to exclude secondary salt effects, it is best applied with an even 

stricter ionic strength criterion, in which one can apply the Debye-Hückel limiting law, because the 

latter does not contain any adjustable parameter. 

Of course, once the camel’s nose is in the tent, other claims of deriving ionic activities from 

potentiometric measurements can follow suit, and a number of them indeed have done so. But 

insofar as these are non-falsifiable, such assertions fall outside the rea
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5.6. The Lewis challenge, inverted  
Lewis carefully studied the mean activity coefficients of aqueous solutions of strong electro-

lytes, and observed that, in their dilute solutions, these appeared to be largely independent of 

their individual chemical natures. This led him to the simple hypothesis [130] that  

“In dilute solution the activity coefficient of any ion depends solely upon the total ionic 
strength of the solution”  

H Cl

But this leads to the following question. If indeed a single, unambiguous experimental deter-

mi

 How long should we have to wait 

uantity that, according to IUPAC, “cannot be 

measured independently” [132] and “is immeasurable” [133]?  Is ninety years not long enough to 

de

And here is its logical (and more interesting) counterpart. When there is no known measurement 

that can unambiguously yield a single ionic activity coefficient, there also will be no known phe-

nome s scientific explanation.  

 nobody can either find them, or 

needs them? What we cannot see (or measure) may in fact not be there. That was also the point 

of Hans Christian Anderson’s tale about the emperor’s new clothes. Have we forgotten? 

from which he then concluded that  

“It is evident that if we ascertain, or if we arbitrarily assume, the individual activity coeffi-
cient of some ion, at a given value of the ionic strength, we can then proceed to determine 
the values for other ions.” 

MacInnes had already proposed [131] that, in sufficiently dilute solutions, the activity coeffi-

cients of K
+
 and Cl

–
 should be equal, and Lewis used this idea to construct a table of provisional 

activity coefficients of 20 inorganic ions at ionic strengths up to 0.1 M. The assumption that, in suf-

ficiently dilute solutions, the ionic activity coefficients are independent of the nature of any other 

ions present, except for their general influence via the ionic strength, is implicit in the Bates-

Guggenheim approximation as well as in Bates’ method of determining p(a γ )o in various 

buffer mixtures, and therefore also in the present IUPAC pH recommendation.  

nation of an ionic activity coefficient in such a dilute solution, however defined (except at in-

finite dilution, where all activity coefficients must be 1 by definition) can yield all other ionic ac-

tivity coefficients at that ionic strength, how come that, to my knowledge, not a single such de-

termination has been reported in the almost 90 ensuing years?

until one such determination might be found, of a q

clare such a search futile?   

              

non that requires it for it

Why, then, would we still want to believe in fairies when
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5.7.
Fr  scale on the colors of pH indicator dyes, and Sørensen [8] elabo-

rat

     

H

Moreover, colorimetry has given way to ultraviolet, visible, and infrared spectroscopies, fluo-

rescence, and NMR, all of which can measure pH as –log [H ], because Beer’s law responds to 

concentrations, not activities.  

thods were excluded from the IUPAC pH recommendation?  

 over potentiometric pH measurement is 

tha +

(2) Spectrometric pH determinations can be used in dilute as well as in concentrated aqueous 

w often applies up to quite high concentrations. Of 

co

stimulated emission, and by single photon counting.  

 Including other methods  
iedenthal [7] based his pH

ed on both electrometric and spectrometric methods in his 1909 paper defining pH. At that 

time, spectrometry was largely restricted to colorimetry in the visual part of the spectrum.               

As the electrometric pH determination was then often more precise, its tentative extension to 

pH and pa  by Sørensen & Linderstrøm-Lang in 1924 [12] emphasized problems specific to its 

electrometric determination. However, some of the strongest early confirmations of the validity 

of the Debye-Hückel theory subsequently came from spectroscopy (see section 5.8), and spec-

troscopy still contributes a sizeable fraction of recent papers on pH.  

However, some of the strongest early confirmations of the validity of the Debye-Hückel the-

ory came from spectroscopy, see section 5.8, and spectroscopy still contributes a sizeable frac-

tion of recent papers on pH. 

+

Is that why spectroscopic me

While molecular spectroscopy may often be less convenient than potentiometry for routine pH 

measurements, what does it have to offer?  

(1) The most important advantage of spectrometric

t spectrometry needs no liquid junction. Even if one switches back to defining pH as –log[H ], 

routine potentiometric measurements may still require liquid junctions, with the associated un-

certainties.  

and non-aqueous solutions, because Beer’s la

urse, when color indicators are used, these require that the equilibrium constant(s) defining the 

spectrometric changes are known, just as their potentiometric equivalents do.  

(3) Spectrometric measurements can be used in small volumes, such as in biological cells.  

(4) The sensitivity of ultraviolet and visible spectrometry as well as of fluorescence is often 

equivalent or superior to that of potentiometric measurements, and can be enhanced further by 
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(5) NMR, while not yet very sensitive, can often provide site-specific molecular information 

that potentiometry cannot provide, by identifying molecular details such as carbon atoms closest to 

an acidic group.  

Already, spectroscopic pH measurements are no longer a sideshow. A Google search of “optical 

pH measurements and applications” yields a sizeable fraction (more than 38%) of those found by 

searching for “pH measurements and applications”. We can no longer afford to ignore them.  

         

e scale of their measurement. The Pt/H2 electrode is a near-ideal 

pro obe) 

always requires a second electrode to yield a measurable potential, and therefore only yields 

me a

 by Roberts and exploited to its fullest in the laborato-

rie 2  

alinomycin-based K+ electrode may well be the strongest candidate, although to my 

kn

drogen reduction 

sta  is 

wh

 quote a useful lower limit of 0.05 M for 

aq

n well-known since the extensive studies of Helmholtz, Kohlrausch, Lippmann 

and Gouy, and more recent studies by Heyrovsky et al. on the use of mercury jet electrodes, that 

uch 

a jet is operated at open circuit, as is typical for potentiometric measurements, that charging cur-

Potentiometry has the advantage of an accurate and precise thermodynamic method, but it is 

severely limited by the scarcity of “reversible” electrodes, i.e., electrodes that respond  

thermodynamically on the tim

be of hydrogen ion activity, even though it (or any other ion-specific potentiometric pr

an electrolyte activities, see section 1.5. It therefore worked miracles for pK -determinations 

of weak acids, using the method pioneered

s of Harned at Yale and of Bates at NBS, the predecessor of the current NIST. But the Pt/H    

electrode response is obviously restricted to hydrogen ions in solutions devoid of other redox 

couples. Among the few other cation-selective electrodes that may qualify as thermodynamic 

probes, the v

owledge its thermodynamic results have not yet been compared   rigorously against other well-

established thermodynamic methods, such as isopiestic measurements, see below. For other 

common cations, such as Na+, the situation is somewhat worse. Lewis already knew that the po-

tential of stationary sodium amalgam electrodes becomes unstable once hy

rts to reduce the pH of the adjacent aqueous solution layer past some threshold value, which

y Lewis & Kraus [134] developed the flowing sodium amalgam electrode. Unfortunately, 

even measurements with these, though highly reproducible, turned out to be unreliable in dilute 

solutions of sodium chloride. Harned & Owen, e.g.,

ueous NaCl [135] but present neither a reason nor a remedy.  

Yet, it has bee

a double-layer charging current is required in order to maintain an amalgam jet at a fixed poten-

tial away from its potential of zero charge, its so-called “electrocapillary maximum”. When s

 84



ren

Once the source of this problem is realized, a potential solution readily suggests itself: the   

potential should be measured at rious amalgam flow rates, and then extrapolated to zero flow 

  

imation) have never been rigor-

ou

−1

t must be provided by a net faradaic conversion, in this case through Na+ + e 
−  Na, which 

will then change the interfacial concentration of Na+ in the water phase adjacent to the amal-

gam/solution interface, and that of Na in the adjacent amalgam phase. Such mutually reinforcing 

changes will of course modify the resulting potential away from its equilibrium value for the 

bulk Na+ and Na concentrations. With fairly concentrated sodium amalgams, this effect is of 

course more pronounced at lower aqueous sodium ion concentrations, where the same charging 

current will affect a larger fraction of the interfacial Na+
 concentration, and hence generates a sys-

tematic error.  

va

rate, where the charging current vanishes and the potential therefore becomes its equilibrium 

potential. Such an extrapolation procedure would still minimize the above-mentioned problems 

with stationary amalgam electrodes, and might therefore be a suitable candidate for a thermody-

namic sodium ion probe, at least in neutral and basic solutions. To my knowledge, however, this 

has yet to be demonstrated.  

The sodium glass electrode has a similarly restricted pH range, and is certainly no better than 

the glass electrode on which it is based, which still suffers from severe drift problems that are 

euphemistically called “asymmetry potentials”. As a consequence, the activity coefficients of 

NaCl (which were the basis for the Bates-Guggenheim approx

sly established below 0.1 M, the very range in which the Bates-Guggenheim approximation 

was assumed to be valid. Instead, it is usually obtained by extending the measured isopiestic 

measurements for I ≥ 0.1 mol kg  to lower ionic strengths using the Debye-Hückel expression. 

So much for circular reasoning.  

The mean electrolyte activities for most non-volatile electrolytes have therefore been deter-

mined through isopiestic measurements, mostly by Robinson and Stokes and their coworkers 

[136, 137]. In this method, a common vapor phase is the equivalent of a vapor-selective mem-

brane, permeable only to volatile neutral molecules and neutral electrolytes such as H2O, HCl, 

HAc, etc. But because this method is insufficiently sensitive below our self-imposed limit of 0.1 

mol kg−1, see section 5.5, we will not discuss it here.   
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5.8. A spectroscopic example  
Starting in th  e 1920s, von Halban, Kortüm et al. [138-146] published a series of detailed studies 

of 

law holds for a strong aqueous electrolyte such as potassium nitrate 

as 

ectrometry with similarly weighed solutions of the same dye in 

5 m

o

,4-dinitrophenol concentrations C used are 

listed in Table 5.8.1, as are their spectrometrically measured 2,4-dinitrophenolate concentrations 

 

electrolyte solutions using precision spectroscopy. Through very careful measurements they 

established that this method could be used to determine the concentrations of light-absorbing 

molecules and ions in solution to precisions of the order of 0.01%, far superior to what can be 

achieved even today with potentiometry and, at least as importantly, without the need to make 

any extra-thermodynamic assumptions. The absence of such assumptions is bound to make their 

results also more accurate.  

They showed that Beer’s 

well as for a weaker acids such as picric and salicylic acids, with molar absorptivities that are 

virtually constant up to quite high concentrations, and are certainly constant (even within their 

quite small experimental errors) within the validity range of the Debye-Hückel limiting law. 

They then used pH indicators to determine pKa-values. This analysis also confirmed the pre-

dicted slope of the Debye-Hückel limiting law, and yielded the thermodynamic value of .p o
aK   

Here is a simple example, taken from von Halban and Kortüm [138,139]. Weighed amounts 

of 2,4-dinitrophenol were dissolved in carbonate-free water, and their absorptivities at 436 nm 

were compared by differential sp

M NaOH, in which 2,4-dinitrophenol is fully dissociated. The measurements were made at 436 

nm, a mercury vapor emission line; at that wavelength, the acid form of the indicator has near-

negligible light absorption. The temperature was controlled at 25 C, the dye and the water used 

had been purified meticulously, and the glassware carefully cleaned. The measurements were 

made in stationary cuvettes, and the various solutions were entered and removed by pumping the 

solutions through those cuvettes. The total analytical 2

[A–].  
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    C  [A ]    C  [A ]    C  [A ]    C   [A ] 

 677.3 200.6 39

– – – –

 701.5 204.9 441.8 155.04 262.77 111.78 136.36   72.74 
9.1 145.67 239.45 105.57 122.56   67.56 

 618.6 189.9 358.27 136.30 212.84   97.80 114.40   64.36  

Table 5.8.1: The total analytical concentration C of 2,4-dinitrophenol in water, 

s ca -

lat

 598.7 186.45 353.30 136.28 180.14   87.68   92.45   55.40 
 550.5 177.40 285.20 117.95 153.64   78.84  

and the resulting concentration of 2,4-dinitrophenolate as measured by differen-
tial spectrometry, both in µ M. Data from von Halban & Kortüm [133]. 

Since these ionic concentrations [A–] are much larger than those of either [H+] or [OH–], the 

ionic strength I is simply equal to [A–], so that √ I = √ [A–]. The degree of dissociation α i lcu

ed as α = [A–] / C, the (concentration-based) acid dissociation constant Ka is obtained from each 

individual measurement pair as Ka = α2 C / (1 – α), and the corresponding pKa as – log Ka. The re-

sulting data are shown in Fig. 1 as pKa vs. √  I. No magic here, just a simple computation based 

on the mass action law and good data. But the essentially uniform precision of these data, all the 

way down to their lowest ionic strength of only 0.055 mM, showed the linear dependence of pKa 

on √  I  

g law. Significant deviations from the limiting law started to show only at I > 2 mM, i.e., 

at I1/2 > 0.05 M1/2, well beyond the range shown in Fig. 5.8.1. 

 the data in Table 
5.8 on 
ex

predicted by the Debye-Hückel limiting law. Fitting a least squares line through these 

data yielded an intercept of 4.0923 ± 0.0014 and a slope of –1.271 ± 0.125 L1/2 mol–1/2. This slope 

is within 2 standard deviations of the theoretically predicted value of  –2A =  –1.023 L1/2 mol–1/2. 

Including measurements with added salts (NaCl, KCl, NaClO4, KClO4, and BaCl2) extended the 

data range to higher ionic strengths, and yielded even better agreement with the Debye-Hückel 

limitin

4.07

4.08

4.09

4.10

0.016

pK a

0.000 0.004 0.008 0.012 I 1/2

Fig. 5.8.1: Open circles: the individual pKa-values computed from
.1 Straight line: the best-fitting least-squares line through these points, which up

trapolation intersects the vertical axis at pKa
⊗ = 4.0923 ± 0.0014  (solid circle). 
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This example illustrates the directness and precision that may be achieved with simple, we

designed, and carefully executed spectrometric experime

ll-

 

 

 

 

rol; 

re ed  

d  

 

t 

-

ercury emission line; (7) use of a 

reference solution closely matched in absorbance to the solution to be measured, both with ab-

sorbances of about 1; and (8) detailed consideration of all anticipated error sources. Subsequent, 

similarly careful measurements by Hamer, Bates and coworkers underlie the current IUPAC rec-

ommendations; however, as we have seen above, their problems lie elsewhere, viz. in their reliance 

on the Bates-Guggenheim approximation to define  rather than thermodynamic measurements 

of mH, and in their use of liquid junctions for practical measurements.  

Like many significant experiments that were done when they were technically difficult, these 

measurem lable, but 

with equ an most 

likely be improved upon with, e.g., tunable lasers to allow more optimal wavelength selection. 

Moreover, almost equally precise spectrometric pH determinations were subsequently made 

on spectroscopically inactive (i.e., non-absorbing) acid-base systems by the addition of suitable 

color indicators [144], and in mixtures of organic solvents and water [145]. However, in the latter 

case ion-pairing often interfered, as might also occur in EMF measurements, where it might 

more readily go unnoticed.     

nts. Unlike potentiometric measurements,

these spectrometric data did not show increased noise at low (≤ 10–4 M) ionic strengths, and no

unverifiable assumptions were required in interpreting their results. Interestingly, they were made

and published before the availability of commercial spectrometers. 

Specifically, the success of these measurements derived from the following aspects: (1) the

use of meticulous purification of all chemicals, and of water free of carbon dioxide; (2) weighing 

rather than volumetric preparation of the solution components; (3) rigorous temperature cont

(4) use of stationary cuvettes through which the solutions were entered and mov  by pumping,

in order to bypass the unavoidable changes in cuvette position when their composition woul be

changed by removing and subsequently re-inserting the cuvettes into their cell blocks; (5) use of a

chopped light beam that alternately directed the light through the carefully matched measuremen

and comparison cells, and was then redirected to a single detector, (6) use of a single, near

monochromatic light source, in this case the blue (436 nm) m

H
~a

ents were made and reported before commercial spectrometers were avai

al care they can now be implemented readily on modern instruments, and c
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The above results were widely known, especially since Kortüm wrote highly successful text-

books on solution thermodynamics, on colorimetry, photometry & spectrometry, on reflectance 

spectroscopy, and on electrochemistry, as well as (with Vogel & Andrussow) an IUPAC com-

pendium of dissociation constants of organic acids in aqueous solution. His books on col-

orimetry, on photometry & spectroscopy, and on electrochemistry were well-known, enjoyed 

multiple editions, and were all translated into English. 

  
Here I outline a simple, gradual way to return to the original definition pH = – log[H+] of 

Sørensen. The first item should of course be an official retraction of the exclusive association of 

pH with the hydrogen activity as untenable: we should not tie measurable quantities to immeas-

urable concepts. There is no need for IUPAC to do anything more in this respect: chemistry is a 

continuously evolving, self-correcting science, and particular scientific

5.9. A smooth way back to Sørensen

 concepts will rise or fall 

on

junction potentials) can be based on a thermodynamic analysis of 

eac

(4) Finally, one can use spectroscopic, isopiestic, and potentially other, yet to be developed 

methods based on measurements that can be related directly to the hydrogen ion concentration, 

 their own, and need no official endorsement.  

On the other hand, given the popularity and convenience of the potentiometric method, there 

is no reason to deny its current application as an approximate method to determine – log[H+]. 

Here are a few gradual steps I suggest chemists may take on their way back to Sørensen.  

(1) The simplest (and crudest) of these is simply to extend the Bates approach by adding the 

correction term – pγCl,B to the listed H
~pa values. These values merely require that the ionic 

strength I of the standard buffer used is known. The resulting values are approximations of pH. 

(2) A better approximation, still based on potentiometric measurements (and therefore still af-

fected by the unknown liquid 

h standard buffer mixture. This may require extending the old measurements of Harned et al.  

(3) The above-proposed method is not limited to strictly aqueous solutions, but can be used in all 

ionizing solvents in which reversible electrodes can be found. This may require new determinations 

of mean activity coefficients and/or concentration-based equilibrium constants as functions of 

ionic strength, but there is no reason to believe that such measurements are any different from 

those in water. 
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and don’t require the use of liquid junctions. Such methods may well become the preferred 

sources for precision pH values.  

ilute solutions, one might want to use a well-

defined buffer in a correspondingly concentrated solution as reference, thereby minimizing the 

liquid junction potential differences between the standard and the unknowns. Such additional 

reference buffer solution might be useful for routine measurements in media of fairly constant 

composition, such as seawater, blood, urine, etc. 

Regardless of whether the Bates-Guggenheim approach is used, or an approach based on 

thermodynamic measurements, the numerical differences in the resulting pH-values are relatively 

small, and often of a similar order of magnitude as the acknowledged experimental uncertainties in 

the

tig

posed by Sørensen, and its more recent redefinition in terms of the hydrogen ion 

act

namic concept, introduced by G. N. Lewis. However, it cannot 

be

that of an equivalent charge of other ionic species (1.5).  

There are also some more subtle advantages. Insofar as it is often practical to use an indicator 

and reference electrode separated by a liquid junction, there is at present often a mismatch, be-

cause the reference solution is dilute (in order to stay within the specified validity range of the 

Bates-Guggenheim approximation), whereas the sample solutions may be concentrated. Since 

the proposed method is in no way restricted to d

 current IUPAC convention. Consequently, the resulting shift back to the Sørensen definition 

need not be very consequential in many fields where crude pH-values (with uncertainties up to 

several tenths of a pH unit) are often acceptable. In other applications, where the pH requires 

hter control, the proposed numerical shift will of course have to be taken into account.  

6.  Summary & conclusions  
In this communication we have considered different aspects of the definition of pH as  – log[H+], 

as originally pro

ivity. These are summarized as follows, with the corresponding section numbers (shown in 

bold) where details can be found. 

(1) The activity (or, more precisely, the corresponding activity coefficient) of a single ionic 

species is a supposedly thermody

 defined thermodynamically, and therefore does not have a physical existence and cannot be 

measured. There is no real argument here, because even IUPAC concedes this point [132,133], 

which is a direct consequence of macroscopic electroneutrality, i.e., of the impossibility of 

changing the macroscopic concentration of one type of ions without simultaneously adjusting 
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(2) This does not preclude us from using the concept of a single ion activity coefficient and to 

utilize it in model calculations, as long as it is not considered a directly measurable quantity, al-

though certain combinations of ionic activities or ionic activity coefficients are experimentally 

accessible (2.6 through 2.8). Debye and Hückel already illustrated how to thread that needle: 

their famous derivation yielded an expression for the ionic activity coefficient of a single ionic 

spe

coeffi-

tions as products or ratios are. As 

McGlashan [147] emphasized, “Thermodynamics is an experimental science, and not a branch of 

me

he Debye-Hückel approach as the direct 

eff

cies, which they then combined with that of its counterions to the mean activity coefficient in 

order to validate their calculations by comparison with experimental data.  

However, any definition of pH as a practical measure in terms of the hydrogen ion activity 

requires that such a single-ionic activity be experimentally accessible.  

There is an analogy here with electronic wavefunctions, which are useful concepts but are not 

directly measurable as such either. However, their products with their complex conjugates yield 

electron densities that are in principle measurable. In a similar sense, single ion activity 

cients are not measurable, but some of their combina

taphysics.”  The IUPAC definition of pH may well be technologically useful because, as a 

purely metrological definition, it provides a common, widely accepted measure of acidity. How-

ever, it should be decoupled from the concept of a hydrogen ion activity, which is an immeasur-

able quantity. 

(3) One can always formulate chemical equilibrium expressions in terms of ionic activities or, 

equivalently, in terms of mean activity coefficients. In other words, ionic activities are not neces-

sary for the description of chemical equilibrium (2.1). Moreover, the suggestion of Lewis that 

the rates of chemical reactions involving ions would reflect their ionic activities often leads to 

demonstrably incorrect results (2.3). Instead, the common way to describe such reaction rates at 

sufficiently low ionic strengths is in terms of ionic concentrations, with a correction term for 

coulombic interactions which Christiansen derived from t

ect of ionic strength on the distance of closest approach (2.5).  

(4) We have dispelled the myth that a thermodynamic analysis of potentiometric measurements 

on cells without non-selective ionic junctions cannot provide the concentration of hydrogen ions 

in electrolyte solutions (4.1, 4.2), although the data to do so may not always be available yet, 

since this kind of research seems to have come to a rather abrupt halt some 80 years ago (4.3).  
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(5) We also discussed the problem of a purely metrological definition for thevfictitious concept 

of a hydrogen ionic activity (5.1), the corresponding didactic problems (5.2), the desirability of 

suc

l phenomena that require 

ionic activities (rather than concentrations plus mean activity coefficients and concentration-

ba

a conception which has no physical significance”. Harned & Owen [40] called ionic 

act

as as biological and other micro-

sca

-

ho

or single ionic activity coefficients as real quantities, no known experimental results require them 

h a definition in the opinions of its main developers (5.3), and the fact that the pH as currently 

defined is not falsifiable (5.4). Moreover, we know of no experimenta

sed equilibrium constants) for their scientific explanation (5.6).   

(6) We have very briefly indicated some advantages of using spectrometric measurements 

(5.7, 5.8). In the context of the present discussion, their main advantage is that they do not re-

quire a liquid junction, the potential of which is immeasurable.  

(7) Lewis [39] wrote in 1913 that “We have therefore no means of determining … partial molar 

quantities for such substances as sodium ion or chloride ion”. Taylor [25] considered the single ion 

activity a “purely mathematical device”. Guggenheim [30], upon defining the ionic activity, re-

ferred to it as “

ivities  “hypothetical”. We have taken these and other, equivalent statements to their mathemati-

cal consequence by defining single ion activities as specific, imaginary quantities. As defined here, 

all rules that we have so far encountered about the measurable combinations of ionic activities and 

ionic activity coefficients are readily recovered with this formalism (2.6-2.8).    

(8) On the basis of the above we conclude that there is no need to define the pH in terms of 

the hydrogen activity, and that much can be gained by IUPAC returning to the definition of 

Sørensen [8]. Moreover, this will significantly broaden the number of experimental methods 

available for measuring pH, especially in such fast-growing are

le and nanoscale systems. The numerical shift in pH values resulting from a return to Søren-

sen’s definition is relatively small, which can greatly facilitate such a transition. On the other 

hand, the gains in conceptual clarity, measurability, and computability will be significant.   

(9) In short: efforts to determine single ionic activity coefficients without some arbitrary, ad

c “convention” have consistently failed. The lament of Camões [1] is fully justified, but its 

origin lies with the IUPAC recommendation [2], e.g., with its pretense to measure something ap-

proaching a hydrogen ion activity, a claim that can neither be substantiated nor refuted, combined 

with its insistence on using cells with liquid junctions. We cannot measure single ionic activities 
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for their interpretation, and they would not do us any good even if we could measure them. Ionic 

activities are truly figments of the imagination.  

(10) As indicated in section 3, it is possible to base an acidity scale on the original Sørensen 

definition of pH, without severing any links with thermodynamics, one of the foundations of 

chemistry. The past half century we have taken a different path, driven by a desire to define acid-

ity

e no place in 
rred from the 

means are completely empty as regards reality. Because Galileo saw this, and particularly 

is a pleasure to acknowledge helpful suggestions 

by Jim Butler, Ron Christensen, Ron Fawcett, Lydia Hines, the late Normand Laurendeau, Jeff 

Nagle, Panos Nikitas, Keith Oldham, Roger Parsons, and Carl Salter. I am, of course, fully re-

sponsibility for its final form, and for the opinions expressed therein. 

 in terms of a quantity, paH, which is not needed in any scientific framework, and is admittedly 

immeasurable. Metrology per se is not concerned with the scientific meaning, or lack thereof, of 

any quantity we can possibly measure, but only with its repeatability. Even its supporters bemoan 

the consequences of the disconnect between the current IUPAC definition and the framework of 

experiment-based chemical science. This is unnecessary, self-inflicted damage.  

Newton wrote [148]:  

“For whatever is not deduced from the phenomena must be called a hypothesis; and hy-
potheses, whether metaphysical or physical, or based on occult qualities, hav
experimental philosophy. In this philosophy particular propositions are infe
phenomena, and afterwards rendered general by induction.”  

Einstein [149] mused,  

“Pure logical thinking cannot yield us any knowledge of the empirical world; all knowledge 
of reality starts from experience and ends with it. Propositions arrived at by purely logical 

because he drummed it into the scientific world, he is the father of modern physics − indeed, 
of modern science altogether.’’ 

And Feynman explained [150],  

“The principle of science, the definition almost, is the following: The test of all knowledge is 
experiment. Experiment is the sole judge of scientific “truth.” ” 

It is high time that the definition of pH reflects reality − we owe no less to Sørensen.  
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