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A B S T R A C T   

A quantitative understanding of pH, acid-base equilibria, and chemical speciation in natural waters including 
seawater is needed in applications ranging from global change to environmental and water quality management. 
In a previous study (Humphreys et al., 2022) we implemented a model of solutions containing the ions of 
artificial seawater, based upon the use of the Pitzer equations for the calculation of activity coefficients and 
including, for the first time, the propagation of uncertainties. This was extended (Clegg et al., 2022) to include 
the Tris buffer solutions that are used to calibrate the seawater total pH scale. Here we apply the same methods to 
develop a model of solutions containing the ions of standard reference seawater, based upon studies by Millero 
and co-workers. We compare the predictions of the model to literature data for: the dissociation of dissolved CO2 
and bicarbonate ion; boric acid dissociation; saturation with respect to calcite, the ion product of water, and 
osmotic coefficients of seawater. Estimates of the uncertainty contributions of all thermodynamic equilibrium 
constants and Pitzer parameters to the variance of the calculated quantity are used to determine which elements 
of the model need improvement, with the aim of agreeing with properties noted above to within their experi
mental uncertainty. Further studies are recommended. Comparisons made with several datasets for carbonate 
system dissociation in seawater suggest which are the most reliable, and identify low salinity waters (S < 10) as a 
region for which dissociation constants of bicarbonate are not yet accurately known. At present, the model is 
likely to be most useful for the direct calculation of equilibria in natural waters of arbitrary composition, or for 
adjusting dissociation constants known for seawater media to values for natural waters in which the relative 
compositions of the major ions are different.   

1. Introduction 

Acid-base equilibria, particularly those of the carbonate system, are 
central to inorganic and organic speciation in natural waters generally 
as well as the subject of particular concern due to uptake of rising at
mospheric CO2 by the world’s oceans. The total pH scale, a measure of 
([H+] + [HSO4

−]), has been calibrated for salinities from 20 to 40 and 
temperatures 0 to 40 ◦C (DelValls and Dickson, 1998), and stoichio
metric equilibrium constants consistent with that scale (or the related 
seawater pH scale) have been measured for both carbonate and borate 
dissociation (e.g., Millero et al., 2006; Dickson, 1990). For practical use 
the equilibrium constants are represented by empirical equations as 

functions of salinity and temperature (e.g., Waters and Millero, 2013; 
Waters et al., 2014), and the variations of these stoichiometric constants 
with natural water composition are not known thus limiting their 
applicability to solutions of seawater stoichiometry. The same is true for 
the total pH scale, which is only calibrated for media of seawater 
composition. Furthermore, the empirical fitted equations for equilib
rium constants in seawater are not subject to the constraints implied by 
solution theory for values at low salinities approaching freshwater 
conditions. 

Turner et al. (2016) have elaborated the need for a chemical speci
ation model for seawater and related natural waters, based on the Pitzer 
equations (Pitzer, 1991), with potential applications in diverse areas 
including ocean acidification, trace metal availability, coastal and 
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estuarine water quality, and pore water chemistry. The equations 
contain interaction parameters whose values are determined from 
thermodynamic data from single solute solutions and simple mixtures. 
They can be used to calculate activities, and thermal and volumetric 
properties, of solutions of arbitrary composition if the required param
eters and thermodynamic values of equilibrium constants are known. 
Pitzer-based chemical speciation models have been developed for solu
tions containing the ions of seawater electrolyte by Millero and Roy 
(1997) (focusing on the dissolved carbonate system), Millero and Pierrot 
(1998), and by Pierrot and Millero (2017) who added trace metals. 
Models of acid-base equilibrium in solutions containing the ions of 
artificial seawater have been produced by Waters and Millero (2013), 
and by Clegg and Whitfield (1995) who included dissolved ammonia 
speciation. 

A unified model of pH buffers and acid-base equilibria both in 
seawater and in natural waters containing the ions of seawater, but in 
differing stoichiometries, is desirable for the applications noted above. 
Recently, Humphreys et al. (2022), hereafter referred to as paper (I), 
have implemented an amended version of the model of Waters and 
Millero (2013), including for the first time the propagation of un
certainties. They validated the model against available measurements of 
HCl activities for acidified artificial seawater. The significance and 
possible applications in the field of pH are described by Clegg et al. 
(2022), hereafter referred to as paper (II), who extended the model of 
Humphreys et al. (2022) to include the Tris buffers used to calibrate the 
total pH scale. 

In this work we implement an amended version of the Pitzer 

speciation model of Millero and Pierrot (1998) for solutions containing 
the ions of standard seawater. Some later modifications by Pierrot and 
Millero (2017) are included. The model incorporates the propagation of 
uncertainties for all calculated quantities, using the methods described 
in paper (I). We compare model predictions, for different salinities and 
temperatures, with measured values of the two carbonate dissociation 
constants, the dissociation constant of borate, the solubility product of 
solid calcite, the ion product of water, and the osmotic coefficient of 
seawater. Analysis of the individual uncertainty contributions of ther
modynamic equilibrium constants and Pitzer interaction parameter 
enables us to identify elements of the model for which further work is 
needed in order that the model reproduce the measurements for 
seawater solutions to close to or within experimental uncertainty. These 
comparisons also yield insights into the differences between some of the 
datasets for dissociation of the carbonate system in seawater, including 
the need for improved values for the dissociation constant of bicar
bonate at low salinities. 

2. The speciation model 

The model of artificial seawater described in papers (I) and (II) 
contains the principal solutes Na+, Mg2+, Ca2+, K+, Cl−, and SO4

2−. There 
are, in addition, the species H+, OH−, MgOH+, and HSO4

− that take part 
in acid-base equilibria. In the model of seawater presented here (based 
on the Reference Composition of Millero et al., 2008) there are the 
further species Sr2+, Br−, F− and HF, carbonate (as CO2*, HCO3

−, and 
CO3

2−), and borate (B(OH)4
− and B(OH)3). The species CO2* is the 

Glossary of symbols 

Pitzer interaction parameters 
βca

(0), βca
(1), βca

(2), Cca
(0), Cca

(1) For interactions between cation c and anion 
a. Not all of these may be used, e.g., β(2)

ca is usually for 2:2 
charge types only (e.g., CaSO4), and is set to zero 
otherwise. 

αca, αca
(2), ωca Coefficients associated with the ionic strength terms in 

the functions that use parameters βca
(1), βca

(2), and Cca
(1), 

respectively. 
θcc’, θaa’ For interactions between dissimilar cations c and c’, and 

between dissimilar anions a and a’, respectively. 
ψcc’a, ψaa’c For interactions between anion a and dissimilar cations c 

and c’, and between cation c and dissimilar anions a and a’, 
respectively. 

λnc, λna For interactions between neutral solute n and cation c, and 
between neutral solute n and anion a, respectively. 

λnn, μnnn For the self-interaction of neutral solute n. 
ζnca For interaction between neutral solute n, cation c and 

anion a. 

Other symbols used in the text 
aX Activity (molality basis) of species X, equivalent to mX⋅γX 

where γX is the activity coefficient of X. 
E Electrode potential (V) in a Harned cell. 
E0 Standard electrode potential (V) of a Harned cell. 
ƒ This prefix denotes the fugacity of a gas phase species. 
F The Faraday constant (96,485.33212 C mol−1). 
I Ionic strength, on a molality basis (0.5Σi mi|zi|2, where zi is 

the charge on ion i and the summation is over all ions). 
K Thermodynamic equilibrium constant (molality basis), 

expressing the relationship between the quotient of the 
activities of the product(s) and reactant(s). It is a function 
of temperature and pressure. The species in parentheses is 
the reactant in an acid or base dissociation. Example:  

K(HCO3
−) = aH+ ⋅ aCO3

2− / aHCO3
−, where a denotes 

activity. 
Kf Thermodynamic equilibrium constant, as for K above, but 

for the formation of an ion pair or complex. In this case the 
species in parentheses is the product of the reaction. 
Examples: Kf(MgOH+), Kf(CaCO3

o). 
K* Stoichiometric equilibrium constant (on a molality basis), 

expressing the relationship between the quotient of the 
molalities of the product(s) and reactant(s). It varies with 
temperature, pressure, and solution composition. Example: 
K*(HCO3

−) = mH+⋅mCO3
2− / mHCO3

− = K(HCO3
−)⋅γHCO3

−/ 
(γH+⋅γCO3

2−). 
mX Molality of species X (moles per kg of pure water solvent, 

with the units “mol kg−1”). 
pH*T,m The quantity −log10(mH+ + mHSO4

−), where mH+ and 
mHSO4

− are the conventional thermodynamic H+ and 
HSO4

− molalities. See Clegg et al. (2022) (paper II) for the 
relationship of this quantity to the operationally defined 
total pH (which is the measure in practical use), and the 
formal total pH. 

pK −log10(of a thermodynamic equilibrium constant, K) 
pK* As above, but for the stoichiometric equilibrium constant 

K*. 
R The gas constant (8.31446 J mol−1 K−1) 
T Temperature (K). 
γX Activity coefficient of species X, on a molality basis. 
ν+ (or νc), ν− (or νa) Stoichiometric numbers for the cation and anion 

respectively in a salt. 
σ Standard uncertainty of a measured or predicted property. 
ϕ Molal osmotic coefficient of a solution. 
ϕfp Molal osmotic coefficient of a solution at its freezing point 

with respect to ice, determined from measurements of the 
freezing point and the thermodynamic properties of pure 
water and ice.  
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combined amounts of CO2(aq) and H2CO3(aq), which are not distin
guished. The former is by far the dominant species (Soli and Byrne, 
2002). The following ion pairs and minor species were also found to be 
necessary by Millero and Pierrot (1998) and are included in the model: 
MgF+, CaF+, MgCO3

o, CaCO3
o, and SrCO3

o. There are a total of 12 equi
libria in this system, which are summarised in Table 1. In the table we 
also list the symbols used for the various thermodynamic equilibrium 
constants and, for convenience, those for the corresponding stoichio
metric constants defined in the second chapter of Dickson et al. (2007). 
We have not yet included in the model other minor components from the 
work of Millero and Pierrot (1998) or Pierrot and Millero (2017). 

The major species noted above, and therefore many of the Pitzer 
model interactions, are common to the models of Waters and Millero 
(2013) and of Millero and Pierrot (1998). However, a number of the 
parameter values (for the same interactions) differ, which can be 
attributed partly to the fact that there are fifteen years separating the 
two publications. In this work we have not attempted to make the two 
models consistent, i.e., use the same sets of parameter values for the 
species they have in common, although this is desirable as a long-term 
goal. The differences are described in Section 2.2. 

The Pitzer expressions for the activity coefficients (γ) of ions and 
uncharged species are described by Pitzer (1991, and references 
therein), and in the Appendix to Clegg et al. (1994) for ion-ion in
teractions, and are not reproduced here. They include parameters, 
which vary with temperature and pressure, for the interactions of pairs 
and triplets of solute species. The parameters for ion interactions are: 
βca

(0), βca
(1), βca

(2), Cca
(0), and Cca

(1) for combinations of each cation c and each 
anion a; θcc’ and ψcc’a for each pair of dissimilar cations c and c’, and 
anion a; and θaa’ and ψaa’c for each pair of dissimilar anions a and a’, and 
cation c. The parameters for the interaction of ions and neutral solutes 

(such as CO2* and B(OH)3, or ion pairs such as MgCO3
o) are λn,i and ζn,c,a, 

where n is the neutral species, and i is any cation or anion. These pa
rameters are listed in the Glossary of Symbols, together with definitions 
of other symbols used in this work. 

It should be noted that parameters λn,c and λn,a can only be deter
mined as combinations [(ν+)λn,c + (ν−)λn,a], where ν+ and ν− are the 
stoichiometric numbers of cation c and anion a in an electrolyte. Because 
of this, it is conventional to set the λn,i parameter to zero for one ion i for 
each electrolyte. In this model of seawater, λn,i are set to zero for the 
interaction of H+ with CO2* and B(OH)3, and for Cl− with HF and 
MgCO3

o (parameters λn,i for CaCO3
o and SrCO3

o are unknown). The choice 
of interactions to set to zero in this way does not affect the calculation of 
the mean activity coefficients of pairs of ions, or chemical speciation 
(i.e., concentrations at equilibrium), but does change formal calculated 
single ion activities. 

The model is solved, to obtain the equilibrium speciation and solute 
and solvent activities, using the same Gibbs energy minimisation 
approach used by Humphreys et al. (2022) (see the Supporting Infor
mation to that paper) and, earlier, by Wexler and Clegg (2002). Further 
information, for the additional species in the present model, are pro
vided in the Supporting Information to this work. 

2.1. Changes to the model 

The primary source of parameters and equilibrium constants is 
Millero and Pierrot (1998), and references cited therein. We have 
checked values against those in the original cited articles, and have 
identified a number of corrections. These are documented in the Sup
porting Information. There are also some ambiguities in citations, and 
interaction parameters whose values we were not able to reconcile with 

Table 1 
Equilibrium reactions in the model of standard seawater, and the assumed uncertainties of the equilibrium constants at 25 ◦C.  

Thermodynamic equilibrium constant Type a Reaction b Std. uncert. (σ) in ln(K) Corresponding stoichiometric quantity c Note 

K(HSO4
−) d HSO4

− ↔ H+ + SO4
2− 0.048 KS 

d 

K(CO2*) d CO2* + H2O ↔ HCO3
− + H+ 0.005 K1 

e 

K(HCO3
−) d HCO3

− ↔ CO3
2− + H+ 0.007 K2 

f 

K(B(OH)4
−) d H+ + B(OH)4

− ↔ B(OH)3 + H2O 0.0046 1/KB 
g 

K(HF) d HF ↔ H+ + F− 0.015 KF 
j 

K(H2O) d H2O ↔ H+ + OH− 0.023 KW 
h 

Kf(MgOH+) f Mg2+ + OH− ↔ MgOH+ 0.022 – i 

Kf(MgF+) f Mg2+ + F− ↔ MgF+ 0.0576 – k 

Kf(CaF+) f Ca2+ + F− ↔ CaF+ 0.0576 – l 

Kf(MgCO3
o) f Mg2+ + CO3

2− ↔ MgCO3
o 0.055 – m 

Kf(CaCO3
o) f Ca2+ + CO3

2− ↔ CaCO3
o 0.055 – n 

Kf(SrCO3
o) f Sr2+ + CO3

2− ↔ SrCO3
o 0.055 – n 

Notes: Equations for the equilibrium constants as functions of temperature are presented in the Supporting Information. 
a Indicates whether the reaction is formation ‘f’ of the indicated species, or dissociation ‘d’ of the species. 
b The reaction to which the equilibrium constant applies. 
c This column lists the symbols used for the stoichiometric equilibrium constants in the Guide to Best Practices for Ocean CO2 Measurements (Dickson et al., 2007). Note 

that these are defined on an amount content (moles per kg of seawater) basis rather than molality. 
d The value of σ is the 25 ◦C value given in Table II of Dickson et al. (1990) (converted to a natural logarithm). 
e The assigned value of σ is that for an approximate 2σ precision of fit to the data for “freshwater values” for the dissociation of CO2* to HCO3

− (K1), see Section 7 of 
Lewis and Wallace (1998). We contrast these values with standard deviations equivalent to 0.003 in ln(K(CO2*)) obtained by Harned and Davis (1943), and 0.0037 in 
ln(K(HCO3

−)) by Harned and Scholes (1941). In both cases these standard deviations are of measured values about their fitted equations (functions of temperature). 
f The value of σ is that for the 2σ precision of a fit to the data, for a freshwater value of the equilibrium constant (Lewis and Wallace, 1998). See also note (e) above. 
g The source of σ is the observation of Owen (1934), referring to the pKa of boric acid, that: “The internal consistency of the various series points to an accuracy of 

about ±0.002 in pK” (hence ±0.0046 in ln(K)). 
h The value of σ (equivalent to ±0.01 in log10(K)) is that given by Marshall and Franck (1981) for their expression for the ion product of water which was used in the 

model of Clegg and Whitfield (1995). It is assumed to apply to the simpler expression used by Millero and Pierrot (1998), based upon the work of Harned and Owen 
(1958), for the present model. 

i The uncertainty in ln(Kf(MgOH+)) is essentially unknown. The value σ used both in this work and in paper (I) is based upon the fact that Harvie et al. (1984) 
assigned a pKd of 2.19, which implies an uncertainty of at least 0.0115 in ln(Kf(MgOH+)). We approximately doubled this value to an assumed σ equal to 0.022. 

j The source of σ is the uncertainty given for 15 ◦C by Broene and De Vries (1947). 
k The value of σ was estimated as follows: the average of the standard deviations listed in Table 1 of Elgquist (1970) is 1.2 in Kf*(MgF+) (on a molarity basis) for ionic 

strengths 0.1 to 1.0 mol dm−3. Applying this average to the thermodynamic value at 25 ◦C yields an uncertainty of about 0.025 in log10(K), hence 0.0576 in ln(K). 
l Assumed to be the same as for ln(Kf(MgF+)) above. 
m The value of σ is from Millero and Thurmond (1983) (0.024 in log10(K*), over a range of ionic strengths). 
n Assumed to have the same uncertainty as ln(Kf(MgCO3

o)). 
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those in the source articles. In these cases it was necessary to make as
sumptions, or to refit the data. The more important of the changes we 
have made are summarised below. 

First, the parameters for interactions between Na+ and HSO4
− in the 

model were obtained from measured EMFs of HCl-Na2SO4 solutions over 
a range of temperatures (Pierrot et al., 1997). We redetermined their 
values in this study in order to be consistent with the revised values of 
θH,Na and ψH,Na,Cl obtained in paper (I) (the same values of these pa
rameters were used in the models of both Millero and Pierrot (1998) and 
Waters and Millero (2013)). 

Second, Millero and Pierrot (1998) list temperature dependent 
β(0)

Ca,SO4 and β(1)
Ca,SO4 parameters from Møller (1988) in their table A1. 

However, the model of Millero and Pierrot does not include the ion pair 
CaSO4

o used by Møller (1988), and the use of values of β(0)
Ca,SO4 and β(1)

Ca,SO4 
alone to quantify Ca2+-SO4

2− interactions would therefore not yield 
correct results. For this reason, we have adopted interaction parameters 
from paper (I), which include a β(2)

Ca,SO4 term to account for the effects of 
ion association (e.g., Pitzer, 1991). Interactions between Sr2+ and SO4

2−

are treated identically to those for Ca2+ and SO4
2− (i.e., their interaction 

parameters are assumed to be the same). 
Third, we have followed the recommendation of Hain et al. (2018), 

and adopted values of β(0)
Ca,HCO3 and β(1)

Ca,HCO3 from the study of He and 
Morse (1993). 

Fourth, Millero and Pierrot (1998) cite Millero and Thurmond 
(1983) for the relationship log10(γMgCO3

o) equal to 0.0560⋅I (where I is 
the molality-based ionic strength) at 25 ◦C in aqueous NaCl containing 
small additions of MgCl2. We obtained a value of λMgCO3,Na equal to 
0.0745 from the Pitzer equation for the activity coefficient of a neutral 
solute (e.g., eq. (75) of Pitzer (1991)) by attributing all of the ionic 
strength of the solutions to NaCl (hence I equal to 1.156⋅mNaCl), and 
setting λMgCO3,Cl equal to zero. 

Values and equations for all model parameters are presented in the 
Supporting Information to this work. 

2.2. Differences from the model of artificial seawater 

The model of seawater electrolyte described in this work differs in 
some respects from that described in papers (I) and (II) for artificial 
seawater. The model of artificial seawater includes the solute species 
H+, Na+, Mg2+, Ca2+, K+, MgOH+, Cl−, SO4

2−, HSO4
− and OH−; and 

equilibria for MgOH+ formation, and HSO4
− and water dissociation. The 

model in paper (II) adds the buffer species TrisH+ and Tris, and the 
equilibrium between them, but is otherwise the same. The present model 
contains the same equilibria as in paper (I), and the same expressions for 
the equilibrium constants as functions of temperature. The cation-anion 
interaction parameters in the models that differ are those for: Na+-SO4

2−, 
Na+-HSO4

−, Mg2+-HSO4
−, Mg2+-Cl−, Ca2+-HSO4

−, K+-SO4
2−, and K+-OH−. 

There are other differences for the ternary cation-cation-anion and 
anion-anion-cation interactions that are not listed here (the values, and 
all sources, are listed in the Supporting Information to this work and to 
paper (I)). It is desirable that both models eventually converge on the 
same set of interaction parameters, and equilibrium constants, for the 
common constituent species on grounds of simplicity and for self- 
consistency. The latter may be particularly important because solu
tions of Tris buffer in artificial seawater are used to calibrate the total pH 
scale used by marine scientists, which is the basis of the stoichiometric 
equilibrium constants that have been determined for the carbonate and 
borate systems in seawater. We envisage further development of both 
the model of Tris buffer in artificial seawater and that for seawater 
electrolyte, and some of the required improvements – for example in the 
representation of HSO4

−/SO4
2− equilibrium – are the same for both 

models. The eventual use of a common set of parameters and equilib
rium constants, for the ions present in artificial seawater, will make 
future extensions to include other species simpler and ensure consis
tency between model calculations for seawater solutions and for Tris pH 
buffer in artificial seawater. 

3. Treatment of uncertainties 

Estimated variances of model-predicted pH, activities, and other 
properties are calculated by standard methods of error propagation such 
as used by Orr et al. (2018). Their application to the speciation model 
used here is described in detail in paper (I). As is the case for the model 
of Waters and Millero (2013) for artificial seawater, variances and co
variances of the Pitzer interaction parameters are not available, and we 
have adopted the same simplified method of estimating them. This is 
based upon the assumption that all parameters were obtained by fitting 
to single datasets of osmotic coefficients (ϕ), which were assumed to be 
subject to the random and systematic errors that are typical of isopiestic 
measurements of water activity. This measurement is one of the main 
methods of activity determination for solutions of non-volatile electro
lytes at room temperature and above (Rard and Platford, 1991). 
Parameter variances and covariances were determined from the statis
tics of multiple fits of artificial datasets of osmotic coefficients generated 
by the model and then perturbed by randomly generated errors both for 
individual points (random error) and affecting the entire artificial 
dataset (systematic error). 

In the model of artificial seawater in paper (I) there are only ten 
solute species and two chemical equilibria. The addition of Tris buffer 
substances to that model (paper (II)) adds two further species, and one 
equilibrium. In the present model of seawater electrolyte there are nine 
cations, nine anions, six uncharged solute species, and thirteen equi
libria. This is a greatly more complex system, and there are potentially a 
very large number of binary and ternary Pitzer ion-ion and ion-neutral 
interaction parameters – more than an order of magnitude more than 
for the other two models. There are many potentially significant inter
action parameters whose values are unknown (and therefore set to zero), 
and it is important both to be able to assess their possible contribution to 
the uncertainties of model-calculated quantities and, particularly, to 
determine which of the unknown interactions might account for de
viations between measured and model-calculated properties and there
fore require further study. In the next section we characterise the 
unknown ion-ion and ion-neutral interactions, in order to determine 
which of these should be included in the treatment of uncertainties. In 
Section 3.2 we briefly describe the procedure for simulating parameter 
variances, including some additions to that used in papers (I) and (II) in 
order to include some key ion-neutral interactions. 

3.1. Pitzer interaction parameters whose values are unknown 

It is necessary, first, to reduce the very large set of unknown possible 
ion-ion and ion-neutral interactions to a smaller group consisting only of 
those which are likely to have a significant influence on calculated 
properties of natural waters of broadly seawater composition, and which 
are likely to be determinable from measurements. All unknown in
teractions were therefore characterized according to a simple set of 
criteria based upon their relative molality (fraction of the total molality) 
in standard seawater, their participation in chemical reactions (which 
usually renders interaction parameters for the reactants and product 
redundant), and whether the interaction parameters were explicitly set 
to zero in the application of the model to a particular subset of species. 
These categories are defined in Section 1, and in Tables S2 to S6, of the 
second document of the Supporting Information. The unknown in
teractions that are possibly significant in the model of seawater elec
trolyte are identified in the tables. These include three cation-anion 
interactions, sixteen θcc’ and ψcc’a, fifteen θaa’ and ψaa’c, three λnc, and 
three λna. Many of these parameters are only significant if properties of 
the solute species involved (e.g., Br−, F−) are of interest. This is because 
minor and trace species such as these are at very low concentration in 
seawater and do not significantly affect the principal acid-base equi
libria, although we note that HF is included in the definition of pH on the 
seawater scale. Unknown values of parameter ζnca have been ignored in 
this assessment, because they do not have a significant influence at 
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seawater molalities. 
We identified three ways of addressing the possible influence of 

unknown parameters on calculated speciation and on the uncertainties 
of model-calculated quantities.  

(i) Set the unknown parameters to zero (the usual approach), and 
their variances and covariances to zero so that they neither in
fluence the calculated equilibrium speciation in the solution nor 
the estimated uncertainties of any calculated properties. This is 
the simplest possible approach, and is reasonable given that 
values of some of the interaction parameters in the model were 
derived on the assumption that others are equal to zero. An 
example is the mixture H+-Na+-SO4

2−-HSO4
−-H2O: in the work of 

Harvie et al. (1984) the ternary parameters ψH,Na,SO4, ψHSO4,SO4,H 
and θHSO4,SO4 are all zero. The latter two parameters are zero 
because they were also set to this value in the model treatment of 
aqueous H2SO4, and ψH,Na,SO4 because it was found to be un
necessary or redundant.  

(ii) Set the unknown parameters to zero in the same way as for (i), but 
assume that they have been determined in the same way as other 
(non-zero) parameters. Thus their uncertainties are simulated in 
the same way, and are found to have variances and covariances 
that are comparable. In this approach calculated equilibrium 
speciation and activities are the same as for the previous 
case – because the values of the unknown parameters are still zero 
– but the estimated uncertainties of calculated quantities are 
increased to some degree. Examples of unknown, but potentially 
significant, interaction parameters are θNa,MgOH, λCaCO3,Na, and 
λB(OH)3,Mg. These are all interactions of major seawater ions with 
minor species that are significant in the estimation of several 
properties (the ion product of water, carbonate acid-base equi
librium and calcite saturation, and borate acid-base equilibrium, 
respectively).  

(iii) Set the unknown parameters to averaged values determined from 
published results for the same interaction parameters but for 
many different species, and assign variances equal to the squares 
of the standard deviations of the averaged values. Such variances 
are very much larger than those for category (ii) above, but may 
be more representative of the influence of unknown, but probably 
non-zero, parameters on the uncertainty of model-calculated 
speciation. Because of the use of average parameter values 
(rather than zero), the calculated speciation will differ from the 
base case. Averaged values, and their standard deviations, are 
listed in Appendix A of paper (I) for different parameter types. We 
note that the averaged values for most ternary interaction pa
rameters (table A2 of paper (I)) differ from zero by less than one 
standard deviation, so an alternative approach would have been 
to retain zero as the values of the unknown parameters, but use 
the larger uncertainty (i.e., the standard deviation associated 
with that average). The behaviour of βca

(0) and βca
(1) parameters for 

cation-anion interactions is more complex: values of the two 
parameters are correlated, and we have taken this into account in 
their treatment (table A1 of paper (I)). 

In the majority of calculations presented in this work we have taken 
approach (i) above, for simplicity and to easily assess the performance of 
the base model. The second and third approaches are necessary to 
determine the significance of unknown interaction parameters for 
various calculated quantities, and where they have been used it is stated 
explicitly. 

3.2. Simulations to obtain estimated variances and covariances of 
interaction parameters 

The method for estimation of variances and covariances used here is 
the same as described in Section 3.2 of paper (I). It corresponds to how 

Pitzer-based chemical speciation models of mixtures are typically devel
oped, and is briefly summarised in this section. We also describe some 
additional procedures that were used for the principal neutral-ion inter
action parameters. Variances and covariances of ion-ion binary and 
ternary interaction parameters were obtained as follows: first, for cation- 
anion interactions and up to five of the parameters βca

(0–2), and Cca
(0,1); 

second, for parameters θcc’ and ψcc’,Cl from simulations of ternary chloride 
solutions (e.g, aqueous Na+-Mg2+-Cl−); third, for parameters θaa’ and ψaa’, 

Na from simulations of ternary solutions containing Na+ and two dissim
ilar anions (e.g, aqueous Na+-Cl−-SO4

2−). Next, variances of θcc’ obtained 
previously were used in simulations of ternary solutions containing the 
same cations c and c’, and anion a (where a ∕= Cl−), to obtain a variance 
for ψcc’a and its covariance with θcc’. Similarly, variances of parameters 
θaa’ were used in simulations to obtain variances of ψaa’c (where cation 
c ∕= Na+), and its covariance with θaa’. Details of the methods and pro
grams used are given in the Supporting Information to paper (I). 

In the present model there are six uncharged species, and the most 
important ones for acid-base equilibrium are CO2* (which is not 
distinguished from the very small fraction present as H2CO3) and 
B(OH)3. For both species n some ζnca parameters are known, in addition 
to λnc and λna. For these species we have obtained estimates of the 
variances of non-zero values of ζnca only, in addition to variances of 
parameters λnc and λna for interactions with ions Na+, Mg2+, Ca2+, K+, 
Cl− and SO4

2−. For CO2* and B(OH)3 the reference ion for the in
teractions is H+ (thus λCO2,H and λB(OH)3,H are defined to be zero), 
whereas for the other neutral solutes it is Cl− (hence λn,Cl is equal to zero 
in these cases). 

We first assumed that variances and covariances of interaction pa
rameters for CO2* and B(OH)3 could be obtained from simulations that 
corresponded to the fitting of parameter values in the following order:  

(i) Values for λn,Cl and ζn,H,Cl (n is CO2* or B(OH)3) from simulations 
for CO2* -HCl and B(OH)3-HCl solutions.  

(ii) Values for λn,SO4 only from simulations for CO2* -H+-SO4
2− and 

B(OH)3-H+-SO4
2− solutions. These simulations were simplified in 

that HSO4
− formation was ignored, and the only ions present were 

therefore H+ and SO4
2−.  

(iii) Values for λn,M and ζn,M,Cl from data for solutions containing CO2* 
or B(OH)3 and the chloride salts of the major seawater cations M 
(Na+, Mg2+, Ca2+, and K+). The variance of λn,Cl is already 
known, which enables covariances with λn,M and ζn,M,Cl to be 
obtained.  

(iv) Variances of ζn,M,SO4, and covariances between λn,SO4 and λn,M, 
and between these two binary parameters and ζn,M,SO4, from data 
for solutions containing CO2* or B(OH)3 and the sulphate salts of 
cations M (Na+, Mg2+, and K+). 

In this way it is possible to obtain estimates of the variances and 
covariances of the groups of parameters [λn,M, λn,Cl, and ζn,M,Cl], and 
[λn,M, λn,SO4, and ζn,M,SO4]. However, this procedure fails to capture a 
large positive covariance between parameters λn,c and λn,c’ (where c and 
c’ are two seawater cations) resulting in overall uncertainty contribu
tions being too low. We therefore chose to simplify the treatment of 
these groups of parameters by re-deriving the variances setting co
variances cov(λn,M, λn,Cl) and cov(λn,Cl, ζn,M,Cl) to zero for all seawater 
cations M. We left the variances and covariances involving the corre
sponding SO4

2− parameters unchanged (their contributions to total un
certainties are much less, given that the ratio of Cl−:SO4

2− in seawater is 
1:0.052). This is reasonable given the other assumptions and approxi
mations inherent in the estimation of uncertainties for these ternary 
parameters. Further information concerning the determination of vari
ances for neutral-ion interaction parameters, and the positive covariance 
noted above, can be found in the third document of the Supporting 
Information. 

For other neutral species (for which only a few ion interactions have 
been quantified) we have simulated variances of λnc and λna only, for a 
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smaller set of major seawater ions in accordance with the classification 
scheme for unknown parameters described earlier. Variances of pa
rameters λn,M, where M is a seawater cation, were obtained from sim
ulations of mixtures containing chloride salts of the metal cations. 
Variances of parameters λn,SO4 and λn,HCO3 were obtained from simula
tions of mixtures containing Na2SO4 and NaHCO3, respectively. For 
simplicity, no covariances were estimated. 

Values of all variances and covariances are listed in the fourth and 
fifth documents of the Supporting Information. 

3.3. Equilibrium constants 

The estimated uncertainties (σ) of the logarithms of these quantities, 
at 25 ◦C, are listed in Table 1 together with brief explanations of how 
these were assigned. The uncertainties are themselves poorly quantified, 
and in several cases assumptions have had to be made. 

4. Acid-base equilibria in seawater electrolyte 

The conventional thermodynamic total pH (which is also the value 
calculated using the speciation model), pH*T,m, is given by: 

pH*T,m = − log10(mH+ + mHSO4
−) (1)  

where prefix (and subscript) m denotes molality, and quantity mH+ is 
the free hydrogen ion molality. A similar expression can be written for 
pH on the seawater scale, pH*SWS,m, which includes the associated 
species HF: 

pH*SWS,m = − log10(mH+ + mHSO4
− + mHF) (2) 

The superscript * is used to indicate that both measures of pH are 
conventional thermodynamic values. This measure of total pH (Eq. (1)) 
should be distinguished from the pHT established by DelValls and 
Dickson (1998). They differ because of assumptions made in both the 
definition of the total pH scale and its calibration using Tris buffers, and 
are related to the fact that mean activity coefficients of HCl and values of 
the stoichiometric dissociation constant of HSO4

−, K*(HSO4
−), in the 

artificial solutions containing finite amounts of Tris and TrisH+ are not 
the same as in pure artificial seawater of the same nominal salinity and 
temperature. The difference between pH*T,m and pHT (when also 
expressed on a molality basis) has been quantified, for the first time, by 

Clegg et al. (2022) and is found to be 0.0045 ± 0.0014 in pHT for a 
0.04 mol kg−1 Tris buffer at salinity 35 and 25 ◦C. This is small compared 
to the uncertainties in the experimental values of the stoichiometric 
dissociation constants of the carbonate system in seawater, and is not 
considered further here. In the model calculations in this work only the 
conventional thermodynamic free and total H+ molalities are used. 

In addition to acid-base equilibria involving carbonate species, 
borate, sulphate, and fluoride there are a number of ion pairing re
actions: F− with Mg2+ and Ca2+, OH− with Mg2+, and particularly CO3

2−

with Mg2+, Ca2+ and Sr2+. The latter influence the modelled pH of 
seawater electrolyte, and also the degree of saturation with respect to 
calcite. In a seawater similar to the Reference Composition (table 4 of 
Millero et al., 2008), pH*T,m equal to 8.1, and 25 ◦C, we obtain the 
following speciation: HSO4

− and HF are 28% and 2.8% of the free H+

molality, respectively; CO2*, HCO3
−, and CO3

2− are 0.48%, 87.7% and 
5.06% of the total dissolved inorganic carbon, respectively, and MgCO3

o, 
CaCO3

o, and SrCO3
o ion pairs together are 6.75%; and B(OH)3 is 76% of 

total boron (the remainder is B(OH)4
−). Small amounts of fluoride are 

also present as MgF+ (about one third of total F−) and CaF+. 
A satisfactory model of pH, carbonate speciation, and calcium car

bonate saturation in seawater needs to model most of the above equi
libria accurately. The data we use to evaluate the model have been 
chosen with this in mind, although we note that there are no direct 
measures of ion pairing equilibria. 

5. Data used to assess the model 

We compare the model to measurements of osmotic coefficients and 
various stoichiometric dissociation constants in seawater and artificial 
seawater in order to assess its performance for the calculation of key 
acid-base equilibria and also the degree of calcite saturation. Osmotic 
coefficients are chiefly a test of the ability of the model to calculate the 
interactions of major ions (Na+, Mg2+, Cl− and SO4

2−) and their effect on 
water activity, which is also relevant to the prediction of the ion product 
of water. The data sources are listed in Table 2, and include the principal 
studies of dissolved carbonate speciation (seven sources), and single sets 
of measurements of the ion product of water (K*(H2O)), borate disso
ciation (K*(B(OH)4

−)), and calcite saturation (K*(CaCO3(s)). We did not 
include the EMF data for borate dissociation in seawater of Roy et al. 
(1993a) because they state that their measurements are in excellent 
agreement with those of Dickson (1990). 

Table 2 
Sources of data with which the model is compared.  

Quantitya pHb t (◦C) Salinityc Mediumd F−e Study Note 

ϕ – 25 17.054–37.96 seawater/ASW yes Robinson (1954)  
ϕfp – −0.208 to −2.220 3.78–40.20 seawater yes Doherty and Kester (1974)  
ϕfp – −0.954 to −1.921 17.74–35.00 seawater yes Fujino et al. (1974)  
K*(H2O) – 5–35 10.43–47.78 ASW yes Dickson and Riley (1979)  
K*(B(OH)4

−), EMF total 0–45 5.01–45 ASW no Dickson (1990)  
K*(CO2*), K*(HCO3

−) total 0–45 5–45 ASW no Roy et al. (1993b) f 

K*(CO2*), K*(HCO3
−) SWS −1.21–40.67 9.858–49.731 ASW yes Goyet and Poisson (1989)  

K*(CO2*), K*(HCO3
−) total 2–35 19.16–42.94 seawater yes Lueker et al. (2000)  

K*(CO2*) × K*(HCO3
−) SWS 9.948–44.976, 4.923–44.976 14.993–39.96, 5.023–41.838 seawater yes Prieto and Millero (2002)  

K*(CO2*) SWS 14.9–24.99 10.08–39.96 seawater yes Prieto and Millero (2002)  
K*(CO2*), K*(HCO3

−) SWS 1.0–50.4 0.953–50.754 seawater yes Millero et al. (2006)  
K*(CO2*) × K*(HCO3

−) total 15.05–35.02 19.62–40.98 seawater yes Schockman and Byrne (2021) g 

K*(CaCO3(s)) – 5–40 5–44 seawater yes Mucci (1983)  

Notes: 
a Measured osmotic coefficients (ϕ, and ϕfp), and stoichiometric equilibrium constants as indicated. 
b The pH scales are total and seawater (SWS). 
c The listed salinities are practical salinities (seawater media), and nominal practical salinities (ASW). The seawater samples in the measurements of Robinson (1954) 

were both natural and artificial. They were converted to salinity by multiplying the listed chlorinities by the factor 1.80655 (Millero et al., 2008). 
d Seawater – natural seawater; ASW – artificial seawater. 
e Indicates whether the medium contains fluoride or not. 
f Including errata for both ln(K*) determined from the measured EMFs (Roy et al., 1994), and the fitted equation for ln(K*(CO2*)) (Roy et al., 1996). 
g These results, which were obtained spectrophotometrically, were adjusted so that they are based upon pK2

Te2 of either Douglas and Byrne (2017) (for salinity 19.62) 
or Liu et al. (2011) (the rest). 
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All salinities listed in the tables in this work, and used in figures, are 
practical salinities (or nominal practical salinities in the case of artificial 
seawaters) unless otherwise stated. When comparing with quantities 
measured in natural seawater we have used the composition listed by 
Millero et al. (2008) in their table 4. 

6. Assessment of the model 

Here the predictions of the model are compared with measured 
stoichiometric equilibrium constants, EMFs, and other data from sources 
in Table 1. We have also determined mean deviations and standard 
deviations for pK*, for the first and second acid dissociation constants of 
carbon dioxide, K*(CO2*) and K*(HCO3

−), with respect to both model 
predictions and the empirical fitted equation of Millero (2010) as cor
rected by Waters and Millero, 2013; Waters et al., 2014). We have done 
the same for the dissociation of borate (both data and empirical fitted 
equation taken from Dickson, 1990). 

The inclusion of many studies of dissolved carbonate equilibria al
lows the measurements to be compared to each other, as well as to the 

model, and for both data and empirical fitted equations to be assessed to 
determine whether their behaviour is realistic at low salinities and in the 
approach to infinite dilution (pure water). We have combined the pre
sentation of these comparisons, below, with the results of calculations of 
the uncertainty contributions of individual Pitzer parameters and ther
modynamic equilibrium constants to model-calculated properties in 
order to determine which elements of the model are most likely to ac
count for observed deviations between the model and data. 

6.1. Total pH and the stoichiometric carbonate dissociation constants 

We first consider the relative uncertainty contributions of the Pitzer 
model parameters, and thermodynamic equilibrium constants, to the 
estimated total variance of model-calculated pH*T,m, ln(K*(CO2*)), ln 
(K*(HCO3

−)), and ln(K*(CO2*)⋅K*(HCO3
−)). These contributions are 

shown in Fig. 1, for salinity 35 seawater electrolyte and 25 ◦C, and can 
be considered as an indicator of those model elements most likely to 
account for errors (differences between model predictions and mea
surements). Only the top fifteen values are shown, in each case, because 

Fig. 1. Percentage contributions of individual Pitzer model interactions, and equilibrium constants, to the variances of several model-calculated quantities in salinity 
35 seawater at 25 ◦C. (a) pH*T,m, total pH (−log10(mH+

+ mHSO4
−)); (b) ln(K*(CO2*)), the log of the stoichiometric dissociation constant of CO2; (c) ln(K*(HCO3

−)), 
the log of the stoichiometric dissociation constant of HCO3

−); (d) ln(K*(CO2*)⋅K*(HCO3
−)) the log of the product of the two dissociation constants. The parameters 

associated with each of the interactions are listed down the left-hand sides, and contributions of about 2% and below are noted on the plots. Symbols K(species) and 
Kf(species) denote the thermodynamic equilibrium constants of the named solute species, as defined in Table 1. Only the fifteen largest contributions are shown. The 
estimated combined standard uncertainty of the calculated quantity is given on each plot. 
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these account for almost all of the calculated total variance. More than 
50% of the total estimated variance of pH*T,m, see Fig. 1a, is accounted 
for by uncertainties in: (i) the thermodynamic equilibrium constant 
Kf(MgCO3

o) (formation of the magnesium carbonate ion pair); (ii) the 
Pitzer parameters for Na+-CO3

2− interactions, and (iii) the thermody
namic equilibrium constant K(HSO4

−). The next most important contri
butions are those of the Pitzer parameters for the interactions of the 
major ions Cl− and Na+ with H+ and HCO3

−, respectively, and a set of 
mixture parameters that includes θCl,HCO3. The constant Kf(MgCO3

o) is 
also a major contributor to the uncertainty of ln(K*(HCO3

−)), and is 
discussed further in Section 6.1.2. 

The inclusion of averaged parameter values (see Section 3.1) from 
Appendix A of paper (I), in place of those that are unknown and normally 
set to zero, increased the standard deviation of the modelled pH*T,m only 
slightly. The most important of the unknown interactions appear to be 
those between B(OH)4

− and Mg2+ (a 2.5% variance contribution), and 
between ion pair CaCO3

o and Na+ (2% variance contribution). 
The largest uncertainty contributions to the model calculated 

ln(K*(CO2*)), in Fig. 1b, are: the Na+-HCO3
− interaction, which in

fluences the degree of CO2* dissociation through the activity coefficient 
of HCO3

−; ternary interactions involving Cl− and HCO3
−; and the disso

ciation constant K(HSO4
−). This dissociation constant is present because 

the modelled K*(CO2*), is expressed on the total pH scale: 

K*(CO2*) = (mH+ + mHSO4
−)⋅mHCO3

−/mCO2* (3) 

This can also be expressed as: 

K*(CO2*) = K(CO2*)⋅[γCO2*/(γH+⋅γHCO3
−) ]⋅aH2O

×
(
1 + mSO4

2−⋅
[
γH+⋅γSO4

2−
/

γHSO4
−

]/
K(HSO4

−)
) (4)  

where K(CO2*) and K(HSO4
−) are the thermodynamic values of the 

dissociation constants, aH2O is the water activity, mSO4
2− is the molality 

of free sulphate (i.e., excluding the amount taken up by HSO4
−), and γ 

indicates an activity coefficient. The second expression above shows 
more clearly how K*(CO2*) depends on activity coefficients and there
fore those interactions in the Pitzer model that can be expected to be 
important for the calculation of this quantity. 

The variance contributions of ln(K(CO2*)) and ln(K(HCO3
−)) to 

ln(K*(CO2*)), Fig. 1b, are both <10% of the total variance, and lower 
than that of ln(K(HSO4

−)), reflecting their lower uncertainties (Table 1). 
The assignment of the averaged values of Pitzer parameters (from paper 
(I), Appendix A) in place of those that are set to zero because they are 
unknown, does not introduce any variance contributions above 1%. 

The uncertainty profile for the dissociation of HCO3
− is shown in 

Fig. 1c. This stoichiometric dissociation constant can be written as: 

K*(HCO3
−) = mH+(T)⋅mCO3

2−(T)
/

mHCO3
− (5)  

where superscript (T) indicates total molalities of both species. This 
expression expands to: 

K*(HCO3
−) = (mH+ + mHSO4

−)⋅
(
mCO3

2− + mMgCO3
o

+ mCaCO3
o + mSrCO3

o)/
mHCO3

− (6)  

where total carbonate ion consists of both free CO3
2− and the amounts of 

the three ion pairs. Equation (6) can also be written in a similar way to 
Eq. (4), in terms of the thermodynamic equilibrium constant and activity 
coefficients (those of H+ and CO3

2− should both be on a total basis). The 
uncertainty contributions to the model calculated ln(K*(HCO3

−)) in 
Fig. 1c are dominated, at about 30%, by the contribution of the ther
modynamic value of the ion pairing constant for MgCO3

o (which was also 
found to have a strong influence on pH*T,m). As expected, interactions of 
Na+ − the major cation of seawater – with CO3

2− and HCO3
− are also 

major contributors to the total variance. The small contribution of the 
ion pairing constant for CaCO3

o relative to that of MgCO3
o (despite the fact 

that they are assigned the same uncertainty) is mostly due to their 

relative concentrations in seawater (about 5:1, Mg2+:Ca2+). The intro
duction of averaged parameter values into the calculation, in place of 
those that are unknown and set to zero, increases the estimated standard 
deviation in ln(K*(HCO3

−)) from 0.042 to 0.043. The cause of this is 
uncertainty contributions (2.5% of the variance) of parameters for the 
interactions of ion pair CaCO3

o with major ions Na+ and SO4
2−. (The ion 

Cl− is the reference for all λni Pitzer parameters for interactions between 
these carbonate ion pairs and cations and anions, hence λCaCO3,Cl is zero 
by definition.) The unknown interaction between MgCO3

o and SO4
2− adds 

about 1.3% to the total variance. We note that the interaction of this ion 
pair with Na+ is quite poorly quantified (Section 2.1). 

Figure 1d shows the uncertainty profile for the logarithm of the 
product K*(CO2*)⋅K*(HCO3

−). This quantity can be measured directly 
(e.g., Prieto and Millero (2002), and Schockman and Byrne (2021)). 
Because the equilibrium relates the molalities of total H+ (H+(T)), CO2*, 
and CO3

2−(T) directly there are no uncertainty contributions that include 
the ion HCO3

−: 

K*(CO2*)⋅K*(HCO3
−) =

[
mH+(T)

]2⋅mCO3
2−(T)

/
mCO2* (7a)  

=(mH+ +mHSO4
−)

2⋅
(
mCO3

2− +mMgCO3
o +mCaCO3

o +mSrCO3
o)/

mCO2*
(7b) 

Consequently, comparisons with data for this quantity are a good test 
of the parameters for Na+-CO3

2− interactions in the model and the two 
thermodynamic equilibrium constants that together account for 44% of 
the estimated variance. The principal change in the uncertainty profile 
caused by the use of averaged parameter values in place of these that are 
unknown is the appearance of parameters λCaCO3,Na and λCaCO3,SO4 (~2% 
of the total variance) and λMgCO3,SO4 (~1%). This is a similar result to 
that obtained for ln(K*(HCO3

−)). 
We have also calculated the uncertainty profile of the logarithm of 

the dissolved CO2 molality, mCO2*, which is related to CO2 fugacity for 
equilibrium between the gas and aqueous phases by 
mCO2* = ƒCO2(g)⋅KH(CO2)/γCO2*, where prefix ƒ denotes fugacity and 
KH (mol kg−1 atm−1) is the Henry’s law solubility constant. This uncer
tainty profile is shown in Fig. S7 of the eighth document of the Sup
porting Information. The principal contributors to the estimated 
variance of 0.00167 in ln(mCO2*) are: Na+-HCO3

− interactions (30%); 
Cl−-HCO3

− and related ternary interactions (26%); ln(Kf(MgCO3
o)) 

(15%), ln(K(HCO3
−)) (7.6%); Na+-CO3

2− interactions (6.6%), and 
ln(K(CO2*)) (4.1%). This variance, and the uncertainty contributions to 
the calculated ln(mCO2*), are also a measure of the ability of the model 
to relate the speciation of dissolved carbonate to the equilibrium 
fugacity of CO2 via the Henry’s law constant of the gas. These results are 
quite similar to those for ln(K*(HCO3

−)), with the exception that 
ln(K(HSO4

−)) does not contribute. 
In the sections below we compare model predictions of the two 

carbonate dissociation constants and other properties with data from the 
sources listed in Table 2. 

6.1.1. Variations of ln(K*(CO2*)) with salinity and temperature 
In Fig. 2a we compare model predictions with measured values of ln 

(K*(CO2*)) (and empirical fits as functions of T and S) from five different 
sources as a function of salinity, for temperatures close to 25 ◦C. A 
similar comparison is made in part (b), as a function of temperature, for 
salinities close to 35. The shaded area in Fig. 2a represents the uncer
tainty envelope of the model prediction. At infinite dilution (zero 
salinity) this is equal to the uncertainty in ln(K(CO2*)) only. This pair of 
plots captures, in a simple way, the concentration and temperature de
pendencies of deviations of the model from experimental measurements. 
Comparisons of data for all temperatures and salinities are shown in Fig. 
S1 in the eighth document of the Supporting Information. Note that 
results of Roy et al. (1993b) for salinity 5 are omitted from the plot 
because they appear to be in error (as noted by Millero et al., 2006). 

First, the deviations of the measurements of Goyet and Poisson 
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(1989) from the model are not consistent with those of other data, and 
are more scattered. This behaviour is even more apparent in the com
parisons for ln(K*(HCO3

−)) (see next section), so they are not further 
considered. Deviations of other measurements from the model are 
almost all negative, but with a trend to smaller deviations at the highest 
and perhaps the lowest salinities. Such behaviour suggests that the cause 
is poor representation of solute interactions in the model, and the un
certainty profile in Fig. 1b shows that those for Na+-HCO3

− make the 
largest contribution to the uncertainty. These are taken from the study of 
Peiper and Pitzer (1982) of the EMFs and other literature data for so
lutions containing dissolved CO2, NaHCO3, Na2CO3 and chloride. The 
activity coefficients of NaHCO3 that are obtained from these data, and 
which were used to determine the Na+-HCO3

− interaction parameters, 
depend upon assumptions regarding the activity coefficients of dissolved 
CO2. The paper of Peiper and Pitzer predates the work of He and Morse 
(1993), which is the source of the CO2* and B(OH)3 Pitzer interaction 
parameters used in this work. A comparison of the simple treatment of 
γCO2* in the analysis of Peiper and Pitzer with values obtained using the 
parameters of He and Morse suggests that a correction of the Na+-HCO3

−

parameters i.e., a re-evaluation using γCO2 from the work of He and 
Morse) is likely to bring the model into better agreement with the 
measurements at 25 ◦C. 

Deviations of the model predicted values from measurements at 
different temperatures, Fig. 2b, also show a clear trend. The variation of 
the Na+-HCO3

− parameter values in the model with T also comes from 
the study of Peiper and Pitzer (1982) and therefore the same comments 
regarding model revisions apply. 

Of the fitted curves shown in Fig. 2a,b that of Millero et al. (2006) 
appears to give the best representation of the data (excluding the results 
of Roy et al. (1993b) and Goyet and Poisson (1989)). This equation 
yields similar values to that of Millero (2010), as amended by Waters 
and Millero, 2013; Waters et al., 2014). 

6.1.2. Variations of ln(K*(HCO3
−)) with salinity and temperature 

Figure 3 contains the same comparisons as above but for 
ln(K*(HCO3

−)). The results of Goyet and Poisson (1989) and Roy et al. 
(1993b) deviate by up to about 0.1 in ln(K*(HCO3

−)) from the other two 
studies, and are not further considered. At salinities above 10 the model 
agrees with the measurements at ~25 ◦C to within its estimated uncer
tainty but there are also clear trends in the deviations. The results for 
different temperatures, and salinity ~35, show a monotonic trend in the 
deviations which are greatest at the lowest temperature. 

The uncertainty profile for ln(K*(HCO3
−)) shows that the largest 

uncertainty contribution is that of ln(Kf(MgCO3
o)), as it also was for total 

pH. The value of this constant at 25 ◦C was obtained by Millero and 
Thurmond (1983) from measurements in solutions of NaCl containing 
low molalities of MgCl2. The variation of ln(Kf(MgCO3

o)) with respect to 
temperature given in table II of Millero and Pierrot (1998) could not be 
found in the cited reference, but it is similar to values from Plummer 
et al. (1988) and from Nordstrom et al. (1990) at 25 ◦C. 

Although the interaction parameter λMgCO3,Na does not appear in the 
uncertainty profile in Fig. 1c, its value was estimated in this work from 
the results of Millero and Thurmond (1983) at only the single temper
ature of 25 ◦C (and for which deviations of model predicted 
ln(K*(HCO3

−)) from the measurements are therefore relatively small). It 
is likely that a revised treatment of the variation with T of ln(Kf(MgCO3

o)) 
and the MgCO3

o-Na+ interaction will improve model predictions of the 
variation of ln(K*(HCO3

−)) with temperature (Fig. 3b). The parameters 
for both Na+-CO3

2− and Na+-HCO3
− interactions are significant contrib

utors to the uncertainty in the model calculated ln(K*(HCO3
−)), at about 

the 10% to 15% level. Revisions to these sets of interaction parameters 
(both of which come from the study of Peiper and Pitzer (1982) which 
was discussed above) may improve the model with respect to the trend 
with salinity of the deviations shown in Fig. 3a. 

Finally, we consider the deviations for salinities below 10 (Fig. 3a). 
These are large and negative, for a concentration range for which the 

Fig. 2. The difference between measured and calculated values of ln(K*(CO2*)) (measured – calculated), for data from various sources. The equivalent scale in pK* 
units is indicated on the right hand side. (a) Values at or close to 25 ◦C, plotted against salinity; (b) values at or close to salinity 35, plotted against temperature (t). 
Sources are as follows: open circle and dash-dot line – Goyet and Poisson (1989); triangle and dotted line – Roy et al. (1993b); shaded dot and solid line – Millero 
et al. (2006); shaded square and dashed line – Lueker et al. (2000); asterisk – Prieto and Millero (2002) (their table 7). The measurements of Roy et al. (1993b) are in 
artificial seawater not including F− (and therefore on the total pH scale), those from other sources are in either natural seawater, or artificial seawater including F−

(and on the seawater pH scale). The shaded area in (a) indicates the estimated total uncertainty in the calculated values of ln(K*(CO2*)) at 25 ◦C, and is centered on 
the zero line. 

S.L. Clegg et al.                                                                                                                                                                                                                                  



Marine Chemistry 250 (2023) 104196

10

model would be expected to be subject to the smallest errors. The fitted 
equation of Millero et al. (2006) passes through these values, and shows 
a maximum negative deviation of about −0.09 in ln(K*(HCO3

−)) at a 
salinity of about 1.5, and then a positive peak of about +0.03 extremely 
close to zero salinity. This behaviour is examined further in the eighth 
document of the Supporting Information, and found to be unphysical: 
that is to say, we believe the data at these very low salinities to be in 
error. Plots of deviations for all salinities and temperatures, shown in 
Fig. S4 of the same document indicate that this appears to be true at all 
the temperatures measured (from 0 to 40 ◦C). 

Measurements of both K*(CO2*) and K*(HCO3
−) at low salinities 

appear to be problematic, and it is likely that an improved model of 
carbonate dissociation equilibria in seawater – one that agrees with the 
data at all temperatures and at all higher salinities to within or close to 
experimental uncertainty – will yield more accurate values of the two 
constants for salinities below about 10 than have been determined to 
date. 

6.1.3. Variations of ln(K*(CO2*) ⋅ K*(HCO3
−)) with salinity and 

temperature 
Model calculations of the logarithm of the product of the two stoi

chiometric equilibrium constants are compared in Fig. 4 with data from 
three studies (Prieto and Millero, 2002; Millero et al., 2006; and 
Schockman and Byrne, 2021). In the case of the Millero et al. (2006) 
study the products were calculated from the values of the individual 
constants listed in their table 4. Prieto and Millero (2002) and Schock
man and Byrne (2021) measured pK*(CO2*) + pK*(HCO3

−) directly. 
Results at ~25 ◦C are shown in Fig. 4a. It is clear that, first, the 

pattern of residuals is very similar to that for ln(K*(HCO3
−)). Second, the 

data are widely scattered below salinity 10, and the fitted equations of 
Millero et al. (2006) (solid line) show the same anomalous behaviour as 
for ln(K*(HCO3

−)). This is to be expected as the values shown on the plot 
were obtained from the equations for the two individual constants. The 
results in Fig. 4b, which shows residuals as a function of temperature at 

salinity ~35, are also very similar to those for ln(K*(HCO3
−)). The 

principal contributors to the uncertainty in model calculated 
ln(K*(CO2*) ⋅ K*(HCO3

−)), Fig. 1d, are K(MgCO3
o) and Na+-CO3

2− inter
action parameters. (The H+-Cl− interaction is much less likely to be a 
cause of the observed differences between model and data because it is 
much better characterized.) 

The inclusion in the model of averaged Pitzer parameter values for 
those that are unknown yields variance contributions of ~1% for 
λCaCO3,Na and λCaCO3,SO4 (combined), and ~ 0.5% for λMgCO3,SO4. The 
plots of deviations for data at all temperatures and salinities, shown in 
Fig. S3 in the eighth document of the Supporting Information, are 
similar to those in Fig. 4a,b, except that the more comprehensive plot 
shows that the large positive deviations at the lowest temperatures are 
associated with salinities of about 20 and above. 

6.2. The stoichiometric solubility product of calcite, CaCO3(s) 

The stoichiometric solubility product of calcite K*(CaCO3(s)) 
(mol2 kg−2), in a solution in solubility equilibrium (i.e., saturated) with 
respect to the solid, is given by: 

K*(CaCO3(s)) =
{

mCa2+(T)⋅mCO3
2−(T)

}

sat. (8a)  

=
(
mCa2+ + mCaCO3

o + mCaF+
)
⋅
(
mCO3

2− + mMgCO3
o + mCaCO3

o

+ mSrCO3
o) (8b)  

where the superscript (T) denotes total molalities that include those of 
various ion pairs, and the inclusion of the molality product within {}sat. 
indicates that it refers to the special condition of a saturated solution. 

The value of K*(CaCO3(s)) can also be expressed in terms of the 
thermodynamic solubility product, and total activity coefficients of Ca2+

and CO3
2−: 

K*(CaCO3(s)) = K(CaCO3(s))
/(

γCa2+(T)⋅γCO3
2−(T)

)
(9) 

Fig. 3. The difference between measured and calculated values of ln(K*(HCO3
−)) (measured – calculated), for data from various sources. (a) Values at or close to 

25 ◦C, plotted against salinity; (b) values at or close to salinity 35, plotted against temperature (t). Sources are as follows: open circle and dash-dot line – Goyet and 
Poisson (1989); triangle and dotted line – Roy et al. (1993b); shaded dot and solid line – Millero et al. (2006); shaded square and dashed line – Lueker et al. (2000). 
The measurements of Roy et al. (1993b) are in artificial seawater not including F− (and therefore on the total pH scale), those from other sources are in either natural 
seawater, or artificial seawater including F− (and on the seawater pH scale). The shaded area in (a) indicates the estimated total uncertainty in the calculated values 
of ln(K*(HCO3

−)) at 25 ◦C, and is centered on the zero line. 

S.L. Clegg et al.                                                                                                                                                                                                                                  



Marine Chemistry 250 (2023) 104196

11

where: 

γCa2+(T) = γCa2+
/(

1 + mCO3
2−⋅Kf*(CaCO3

o) + mF−⋅Kf*(CaF+)
)

(10)  

γCO3
2−(T) =γCO3

2−
/(

1 + mMg2+⋅Kf*(MgCO3
o) + mCa2+⋅Kf*(CaCO3

o)

+ mSr2+⋅Kf*(SrCO3
o)

)

(11) 

In the model we use the expression of Plummer and Busenberg 
(1982) for the thermodynamic solubility product K(CaCO3(s)). In the 
above equations for the total activity coefficients there are stoichio
metric formation constants (K*) of the same ion pairs that are found in 
Eq. (8). As an example, the expression for K*(MgCO3

o) is given below: 

Kf*(MgCO3
o) = mMgCO3

o/(
mMg2+⋅mCO3

2−
)

(12a)  

= Kf(MgCO3
o)⋅γMg2+⋅γCO3

2−
/

γMgCO3
o (12b)  

where Kf(MgCO3
o) (kg mol−1) is the thermodynamic value of the ion 

pairing constant and the molalities are those of the free species (i.e., not 
total values). In salinity 35 seawater we calculate that the proportions of 
the various dissolved carbonate species are as follows: 46% (free CO3

2−), 
42% (MgCO3

o), 12% (CaCO3
o), and 0.1% (SrCO3

o). Free Ca2+ is >99.5% of 
the total Ca2+ molality. 

Figure 5a shows the calculated uncertainty profile of ln(K*(CaCO3(s))) 
in salinity 35 seawater at 25 ◦C. By far the largest contributor to the 
total estimated variance is the thermodynamic equilibrium constant 
(about 55%), followed by that for ion pair MgCO3

o (about 15%). Pitzer 
parameters for Na+-CO3

2− interactions contribute about 10%. The use of 
averaged parameter values from Appendix A of paper (I) introduces 
variance contributions from parameters λCaCO3,Na and λCaCO3,SO4 (about 
1.3% of the total variance) and λMgCO3,SO4 (about 0.65% of the total 
variance). 

Before comparing the model predicted K*(CaCO3(s)) to measured 

values, we carried out a series of calculations to examine the sensitivity 
of the activity coefficient product γCa2+(T)⋅γCO3

2−(T) in Eq. (9) to changes 
in pH and total carbonate ion. In these calculations, all at salinity 35, the 
input HCO3

− molality (0.0017803 mol kg−1, from table 4 of Millero et al. 
(2008)) was reduced by factors ranging from 0.5 to 0.0135. For each of 
these reductions, the acidities of the solutions were adjusted to yield 
pH*T,m ranging from about 7.5 to 8.5 or greater. We found that, in all 
these calculations, the value of the activity coefficient product varied by 
less than ±0.09%. This means that the stoichiometric molality product 
of total Ca2+ and CO3

2− in seawater of a specified salinity and temper
ature saturated with respect to calcite is almost invariant with pH and 
total dissolved inorganic carbon. This is because the values of the stoi
chiometric ion pairing constants in Eqs. (10) and (11) are determined 
mainly by interactions with major seawater ions, and the two products 
in the denominator of Eq. (10) are both much less than unity and 
therefore have little influence on γCa2+(T). 

Values of K*(CaCO3(s)), on an amount content basis (moles per kg of 
seawater), have been measured at three temperatures in seawaters of 
various salinities by Mucci (1983). We compare these values, after 
conversion to a molality basis, with the predictions of the model in 
Fig. 5b. Although the variation of ln(K*(CaCO3(s))) with temperature is 
reproduced quite well by the model, especially for salinity 35, there is a 
positive trend in the deviations with salinity which lies outside of region 
of uncertainty of the prediction. It seems likely that the deviations are 
related to two elements of the model: the value of K(CaCO3(s)), because 
otherwise it would be expected that deviations in Fig. 5b would tend to 
zero as salinity decreases; and also the formation of ion pair MgCO3

o that 
accounts for up to about half of total CO3

2−. In order to improve the 
model it will be necessary to examine the derivation of the value of 
K(CaCO3(s)) – which is itself dependent on the model used by Plummer 
and Busenberg (1982) – and the formation of MgCO3

o and its interactions 
with other ions. 

Fig. 4. The difference between measured and calculated values of ln(K*(CO2*)⋅K*(HCO3
−)) (measured – calculated), for data from various sources. (a) Values at or 

close to 25 ◦C, plotted against salinity; (b) values at or close to salinity 35, plotted against temperature (t). Sources are as follows: asterisk and dashed line – Prieto and 
Millero (2002); diamond – Schockman and Byrne (2021); shaded dot and solid line – Millero et al. (2006). All measurements are in natural seawater. The seawater pH 
scale was used by Prieto and Millero (2002), and the total scale in the other two studies. The results of Schockman and Byrne (2021) (pH0, their Table 1) were 
converted so that they are based upon the term p(K2

Te2) in the expression for a spectrometric measurement of pH as follows: from Liu et al. (2011) (for salinities of 20 
and above) and from Douglas and Byrne (2017) (for lower salinities). The shaded area in (a) indicates the estimated total uncertainty in the calculated values of 
ln(K*(CO2*)⋅K*(HCO3

−)) at 25 ◦C, and is centered on the zero line. 
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6.3. Borate equilibria 

Stoichiometric dissociation constants of boric acid have been deter
mined by Dickson (1990) from EMFs of Harned cells containing artificial 
seawater and borax. Fig. 6a shows the uncertainty profile of the model 
calculated value of ln(K*(B(OH)4

−)) in salinity 35 seawater at 25 ◦C. The 
stoichiometric dissociation constant K*(B(OH)4

−), on a total hydrogen 
ion basis, is given by: 

K*(B(OH)4
−

) = K(B(OH)4
−

)⋅
(
γB(OH)4

−
/

γB(OH)3
)
⋅(1

/
aH2O)

×
[
γH+

/(
1 + mSO4

2−
/

K*(HSO4
−)

) ] (13)  

where K(B(OH)4
−) is the thermodynamic dissociation constant, and 

K*(HSO4
−) is the stoichiometric dissociation constant of HSO4

− at the 
salinity and temperature of interest. 

The greatest uncertainty contributions to the calculated value 
ln(K*(B(OH)4)−) in Fig. 6a, apart from the parameters for H+-Cl− in
teractions (which are well characterized), are those for 
Na+-B(OH)4

−, Cl−-B(OH)4
− and some related ternary interactions, and 

the thermodynamic dissociation constant of HSO4
−. Interactions 

involving SO4
2− and HSO4

− are present in the uncertainty profile because 
of their influence on the value of K*(HSO4

−). The Na+-B(OH)4
− param

eters in the model are from Simonson et al. (1987), who measured 
EMFs of NaCl solutions containing about 0.025 mol kg−1 of borate ion 
and boric acid. Although these molalities are quite low, it appears 
likely that some polyborate formation occurred. Simonson et al. (1987) 
discuss this, and also carried out test calculations in which the for
mation of two polyborate species were included. It was found that the 
fitted Pitzer interaction parameters were not strongly affected, but that 
the calculation was sensitive to assumptions made concerning the ac
tivity coefficients of the polyborate anions. It therefore seems likely 
that the uncertainty associated with the Na+-B(OH)4

− interaction pa
rameters in the model is larger than has been assumed. 

The presence of the Mg2+-B(OH)4
− interaction (at about the 1% level 

in Fig. 6a) deserves special mention. This very strong interaction can 
alternatively be treated as ion pair formation (and the same is true of 
Ca2+-B(OH)4

−). The parameters for these interactions were obtained 
from EMF measurements by Simonson et al. (1988), who state that the 
standard errors of fit were 0.65 mV for the solutions containing Mg2+. 
This value is comparatively large, about an order of magnitude larger 
than the precision of a typical Harned cell measurement of EMF. Also 
important is the fact that polyborate formation is likely in their solu
tions, which contain very similar borate and boric acid molalities to 
those studied by Simonson et al. (1987). Simonson et al. (1988) compare 
their results with those of Felmy and Weare (1986) and Hershey et al. 
(1986), and discuss the difficulties of modelling these solutions. They 
also point out that the coupling of parameters and the inability to 
determine values of some mixing terms increases uncertainty in 
calculated quantities far from experimental conditions. The 
uncertainty contribution of the strong Mg2+-B(OH)4

− interaction to 
modelled ln(K*(B(OH)4

−)) seems likely to be much greater than indi
cated in Fig. 6a, and requires further study. 

Model calculated ln(K*(B(OH)4
−)) are compared with values deter

mined by Dickson (1990) (his table 3) in Fig. 6b,c. The differences be
tween the two (Fig. 6c) greatly exceed the estimated uncertainties. This 
suggests, first, there may indeed be errors in the Na+-B(OH)4

− and Mg2+- 
B(OH)4

− interaction parameters for the reasons given above. Second, it is 
possible that polyborate formation in the solutions measured by Dickson 
(1990) may have influenced the values of ln(K*(B(OH)4

−)) derived from 
the data, although it is not clear that this would be so given that they are 
obtained by extrapolation to an artificial seawater medium containing 
no added borates. There is a clear negative trend in the deviations with 
salinity (Fig. 6c), and also variations with temperature. It is noted that 
the deviations do not tend to zero at zero salinity for the highest tem
peratures, which is unexpected given that the model uses the same 
values of the thermodynamic dissociation constant as did Dickson 
(1990) in his analysis. Dickson stated that there were some systematic 
deviations of the ln(K*) in his table 3 from the fitted equation used to 

Fig. 5. (a) Percentage contributions of individual Pitzer model interactions, and equilibrium constants, to the variance of calculated ln(K*(CaCO3(s))) in salinity 35 
seawater at 25 ◦C. The parameters associated with each of the interactions are listed down the left-hand sides, and contributions of about 1% and below are noted on 
the plots. Symbols K(species) and Kf(species) denote the thermodynamic equilibrium constants of the named solute species, as defined in Table 1. Only the fifteen 
largest contributions are shown. The standard uncertainty of the calculated quantity is given on the plot. (b) Differences between measured and calculated ln(K* 
(CaCO3(s))) in artificial seawater as a function of salinity, at three different temperatures (indicated on the plot). The data are from table 3 of Mucci (1983). The 
shaded area indicates the estimated total uncertainty in the calculated values at 25 ◦C, and is centered on the zero line. Inset: measured (points) and calculated (solid 
line) values at 25 ◦C only. 
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represent them (his eq. (23)), which may be relevant to this point. 
The EMFs of the Harned cells studied by Dickson (1990) are related 

to the activity product of free H+ and Cl− in the solutions by: 
(
E − E0)

= − (RT/F)⋅ln(aH+⋅aCl−) (14)  

where E (V) is the measured EMF, E0 (V) is the standard EMF of the cell 
at the temperature T (K) of interest, R (8.31446 J mol−1 K−1) is the gas 
constant, F (96,485.337 C mol−1) is the Faraday constant, and prefix a 
denotes activity. Replacing aH+ in the equation by a term including the 
constant for B(OH)4

− dissociation (Table 1), we obtain: 
(
E − E0)

= − (RT
/

F)⋅
[
ln(aCl−) + ln

(
aB(OH)3⋅aH2O

/(
aB(OH)4

−

⋅K(B(OH)4
−

)
) ) ] (15) 

The solutions measured by Dickson (1990) contain similar borate 

molalities to those studied by Simonson et al. (1988). We therefore 
carried out calculations to examine the possible influence of the for
mation of polyborate species by including in the model the primary 
polyborate species (B3O3(OH)4

−) obtained by Felmy and Weare (1986). 
The equilibrium constant, at 25 ◦C, was obtained from the values of 
μo/RT in their table 2, and interaction parameters from their tables 3–5. 
First, we compared measured EMFs with those calculated using the 
present model (without the additional species) and found there to be a 
strong dependence of the differences, Δ(E − E0), on the total borate 
molalities. The inclusion of the species B3O3(OH)4

− greatly reduced this 
dependence at salinities up to 25, and also reduced the magnitude of the 
deviations. For example, in salinity 5.01 artificial seawater, at 25 ◦C, 
values of Δ(E − E0) calculated using the present model ranged from 
about +0.3 to +1.5 mV. The inclusion of B3O3(OH)4

− formation reduced 
this range to about +0.2 to +0.55 mV. Similar improvements were 

Fig. 6. (a) Percentage contributions of individual Pitzer model interactions, and equilibrium constants, to the variance of the ln(K*(B(OH)4
−)) in salinity 35 seawater 

at 25 ◦C. The parameters associated with each of the interactions are listed down the left-hand side, and contributions of <1% are noted on the plot. Symbol 
K(B(OH)4

−)) denotes the thermodynamic dissociation constant of B(OH)4
−. Only the fifteen largest contributions are shown. The standard uncertainty of the calculated 

ln(K*(B(OH)4
−)) is given on the plot. (b) Measured and calculated stoichiometric dissociation constants of B(OH)4

−, ln(K*(B(OH)4
−), as a function of salinity. The data 

are from table 3 of Dickson (1990), and the calculations are for seawater of the composition given in table 4 of Millero et al. (2008). Symbols: values for six different 
temperatures, as indicated on the plot. Lines: calculated using the present model. (c) The differences between measured and calculated ln(K*(B(OH)4

−) (the same data 
as in panel (b)). The shaded area indicates the estimated total uncertainty in the calculated values of ln(K*(B(OH)4

−) at 25 ◦C, and is centered on the zero line. 
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obtained at salinities 15 and 25, but less so at salinity 35 and particularly 
salinity 45. These results suggest that it is necessary to include one or 
more polyborate species in order to predict accurately the EMFs of these 
solutions, and those measured by Simonson et al. (1987, 1988) which 
contain similar borate and boric acid molalities. The calculated pH*T,m 
of seawater solutions is insensitive to borate equilibrium, and 
Na+-B(OH)4

− interactions contribute <1% to the estimated variances, 
Fig. 1a. However, further investigation of both polyborate formation 
and interactions of B(OH)4

− with Na+ and Mg2+, in the thermodynamic 
studies from which borate interaction parameters are obtained (and 
which involve much higher borate concentrations than seawater), are 
likely to be worthwhile to improve the model. 

6.4. The ion product of water 

The ion product of water, K*(H2O), in seawater has been determined 
by Dickson and Riley (1979) by potentiometric titration from salinity 
10.43 to 47.78, at different temperatures. The seawater scale is used for 
H+ ion concentration. The uncertainty profile, and comparisons with the 
model, are shown in Fig. 7. 

The uncertainty profile is dominated by the Mg2+-Cl− interaction, 
and the thermodynamic equilibrium constants Kf(MgOH+), K(H2O), and 
K(HSO4

−). Relatively few interactions between MgOH+ and other ions 
have been characterized, and the use of averaged values of parameters 
from Appendix A of paper (I) in the place of those that are unknown 
yields parameter θNa,MgOH as the one with the largest uncertainty 

Fig. 7. (a) Percentage contributions of individual Pitzer model interactions, and equilibrium constants, to the variance of calculated ln(K*(H2O)) in salinity 35 
seawater at 25 ◦C. The parameters associated with each of the interactions are listed down the left-hand sides, and contributions of about 2% and below are noted on 
the plots. Symbols K(species) and Kf(species) denote the thermodynamic equilibrium constants of the named solute species, as defined in Table 1. Only the fifteen 
largest contributions are shown. The standard uncertainty of the calculated quantity is given on the plot. (b) Differences between measured and calculated 
ln(K*(H2O)) in artificial seawater as a function of salinity, at five different temperatures (indicated on the plot). The data are from table II of Dickson and Riley 
(1979), and the H+ molality in the ion product is the total on the seawater scale (the artificial seawater used in the experiments includes F−). The shaded area 
indicates the estimated total uncertainty in the calculated values of ln(K*(H2O)) at 25 ◦C, and is centered on the zero line. 
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contribution (24%), and 8% for the (βca
(0,1), Cca

(0,1)) parameters describing 
the MgOH+-SO4

2− interaction. The deviation plot, Fig. 7c, shows that 
while results are satisfactory at 25 ◦C, there is a clear trend with salinity 
at 5 ◦C. A possible cause of this is the fact that the parameters for the 
MgOH+-Cl− interaction are known only at 25 ◦C unlike the other in
teractions and equilibrium constants at higher positions in the uncer
tainty profile in Fig. 7a. 

6.5. The osmotic coefficient of seawater 

Calculations of the osmotic coefficient (ϕ) of seawater are a test of 
the accuracy of the model in representing interactions between the 
major ions of seawater: Na+, Mg2+, Cl−, and SO4

2−. A calculated uncer
tainty profile for the osmotic coefficient of salinity 35 seawater (not 
shown) yields the following contributions to the total variance: Na+-Cl−, 
86%; Mg2+-Cl−, 8%; Na+-SO4

2−, 2%; Na+-Mg2+ and related ternary in
teractions, 2%; Cl−-SO4

2− and related ternary interactions, 2%. The os
motic coefficient of an aqueous solution is related to its water activity 
by: 

ln(aH2O) = (MW/1000)⋅ϕ⋅Σi mi (16)  

where Mw (g mol−1) is the molar mass of water and the summation is 
over the molalities of all solute species i. In order to obtain a value of 
Σi mi for seawater we first determined a hypothetical mean molar mass 
of seawater of 31.4038 g for the listed speciation of salinity 35 seawater 
in table 4 of Millero et al. (2008). From this value, and the absolute 
salinity of any seawater sample, it is then possible to calculate a corre
sponding seawater molality. All osmotic coefficients calculated by the 
model, for which the solute speciation will differ (for the minor species) 

from that in the table of Millero et al., were converted to be on the same 
fixed speciation basis by recognizing that the osmolalities (the product 
involving the final two terms in Eq. (16)) have the same value on either 
basis. 

We first calculated seawater osmotic coefficients from the results of 
isopiestic measurements of Robinson (1954), using the model of Archer 
(1992) to calculate osmotic coefficients of the NaCl reference solutions. 
The results are compared with the model, and with values calculated 
using the equation of state for seawater TEOS-10 (Feistel, 2008), in 
Fig. 8a. There is excellent agreement with the data at this temperature. 
The predictions of TEOS-10 are lower, but also agree with this single 
dataset satisfactorily. 

Next, water activities at the freezing temperature of seawater were 
calculated from measured freezing point depressions (Doherty and 
Kester, 1974; Fujino et al., 1974) using standard relationships (Klotz and 
Rosenberg, 1972), and then converted to osmotic coefficients at the 
freezing temperature (ϕfp) using Eq. (16) above. These values are 
compared with model predictions, and with TEOS-10, in Fig. 8b. In this 
case the TEOS-10 predictions are in slightly better agreement with the 
data, suggesting that the model may not represent major ion interactions 
(chiefly Na+-Cl− and Mg2+-Cl−) close to 0 ◦C quite as well as it does at 
25 ◦C. 

7. Recommendations for future work 

Here we outline those elements of the model – equilibrium constants 
and Pitzer activity coefficient parameters – likely to need revision in 
order to improve agreement with the measured speciation to within, or 
close to, experimental uncertainty. The profiles shown in Section 6 

Fig. 8. (a) Osmotic coefficients (ϕ) of seawater at 25 ◦C. Symbol: data of Robinson (1954). Lines: solid – the present model; dashed – TEOS-10 (Feistel, 2008). The 
error bars are an assumed uncertainty of ±0.003, which is generally typical of an isopiestic experiment. The shaded area indicates the estimated uncertainty of the 
model prediction. (b) Osmotic coefficients of seawater at its freezing temperature (ϕfp), and plotted against salinity (and freezing temperature t, on the top axis). 
Symbols: open circle – Fujino et al. (1974); dot – Doherty and Kester (1974). The lines have the same meanings as in (a). The error bars correspond to experimental 
uncertainties of ±0.002 ◦C (Doherty and Kester, 1974), and ± 0.0025 ◦C (Fujino et al., 1974) in the freezing temperature. 
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identify the major contributors to the variances of model predictions of 
pH*T,m, carbonate and borate equilibria, calcite saturation, and the ionic 
product of water. These contributors are identified in Table 3 together 
with the predicted quantities for which they are most important. We 
classify them according to whether their variance contributions in the 
simulations for salinity 35 and 25 ◦C are >20%, 10–20%, 5–10%, or 
2–5% of the totals. 

Table 3, and the uncertainty simulations on which it is based, is 
intended as guide to assist future data analyses and experiments to 
improve the model for the calculation of total pH, and the equilibria 
listed in the table, for natural waters containing the ions of seawater. It is 
important to bear in mind the following limitations:  

(i) The uncertainty simulations are for 25 ◦C only. Some interaction 
parameters are available only for this temperature, and their use 
for calculations at other temperatures may introduce much larger 
errors into a calculated quantity than is suggested by their posi
tions in the uncertainty profile. An example is the MgOH+-Cl−

interaction in the calculation of ln(K*(H2O)).  

(ii) Basing the uncertainty estimations on the assumption of datasets 
of osmotic coefficients of typical quality does not take into ac
count the errors and uncertainties of the real datasets(s) used, the 
uncertainties associated with different types of data (for example 
EMFs as compared to osmotic coefficients, see paper (I)), nor the 
number of such datasets from which a set of interaction param
eters is derived. For example, there have been numerous studies 
of the thermodynamic properties of aqueous HCl and solutions 
containing the principal electrolytes of seawater, but the pa
rameters for the interaction of Na+ and B(OH)4

− are largely based 
upon a single EMF study.  

(iii) Pitzer parameters in the model that have been drawn from 
different studies of the many single solute solutions and simple 
mixtures comprising the ions of seawater may not be self- 
consistent. Common examples are the ternary interaction pa
rameters θii’ and ψii’j that depend on those used to calculate the 
binary cation-anion interactions in the solutions. The effect of the 
inconsistencies that can arise when θii’ and ψii’j are used with 
different sets of cation-anion parameters is not taken into account 
here. An important example in the model, of a similar kind, is the 

Table 3 
Percentage contributions of the principal interactions and equilibrium constants to the variances of pH*T,m and various stoichiometric constants, in salinity 35 seawater 
at 25 ◦C.  

Interaction or Eql. Constant pH*T,m K*(CO2*) K*(HCO3
−) K*(CO2*) × K*(HCO3

−) mCO2* K*(CaCO3(s)) K*(H2O) Borate (EMF) a 

K(CO2*)  5  2 2    
K(HCO3

−)  5 2  5    
K(CaCO3(s))      20   
K(B(OH)4

−)        5 
K(H2O)       10  
K(HSO4

−) 10 10 5 10   10  
Kf(MgOH+)       10  
Kf(MgCO3

o) 20  20 20 10 10   
Kf(CaCO3

o)   2 2      

(β,C)H,Cl 5 10 2 10   10  
(β,C)Na,Cl        20 
(β,C)Mg,Cl 5  5  2 2 20  
(β,C)Ca,Cl      10   
(β,C)Na,SO4  2  2   2  
(β,C)Na,HCO3 5 20 10  20    
(β,C)Na,CO3 10  10 10 5 2   
(β,C)Na,B(OH)4        20 
(β,C)Mg,B(OH)4        2 
(β,C)MgOH,Cl       5  
(θ,ψ)H,Na,X 

b 2 2  5   2  
(θ,ψ)Cl,HCO3,M

c 5 20 5  20    
(θ,ψ)Cl,CO3,M

c 2  2  2 2   
(θ,ψ)Na,MgOH,X

b       2  
(θ,ψ)Cl,B(OH)4,M 

c        20  

Other interactionsd         

(β,C)MgOH,SO4       5  
(θ,ψ)Na,MgOH,X

e       20  
λB(OH)3,M 

f 2        
λCaCO3,I 

g   2 2  2   

Notes: This table summarises the results of the uncertainty profiles shown in the figures in Section 6. Entries indicate that the percentage variance contribution of the 
interaction or ln(equilibrium constant) (left hand side) to the indicated quantity exceeds the value given. Hence, for example, the contribution of ln(Kf(MgOH+)) to the 
total variance of the natural log of the stoichiometric constant K*(HCO3

−) is ≥20%. Contributions of below 2% are not listed (and the entries in the table are blank in this 
case). 

a The stoichiometric dissociation constant of B(OH)4
− is determined from measurements of the EMFs of artificial seawater solutions containing borax, and it is 

therefore uncertainty contributions to the calculated EMF of such a solution (Fig. 6a) that are listed here. 
b These interactions are θcc’ between the two indicated cations, and ψcc’X where X is an anion (usually in the order of concentration in seawater: Cl−, SO4

2−, etc.). The 
first two or three ψaa’X can be found in the figure for the uncertainty profile for the quantity of interest. 

c The same as for note b above, except for anion-anion, and anion-anion-cation interactions, where M is a metal cation (usually in the order of concentration in 
seawater: Na+, Mg2+, Ca2+, etc.). 

d Parameters that are normally set to zero in the model, but may have non-zero values. They have been assigned averaged values and associated variances (from 
Appendix A in paper (I)) for these calculations. 

e Anions X are Cl− and SO4
2−. 

f Cations M are Mg2+ and Ca2+. 
g Ions I are Na+ and SO4

2−. 

S.L. Clegg et al.                                                                                                                                                                                                                                  



Marine Chemistry 250 (2023) 104196

17

Na+- B(OH)4
− and very strong Mg2+- B(OH)4

− interactions: ternary 
interaction parameters involving B(OH)4

− and these two cations 
are not the same as used in their determination, which is likely to 
introduce errors into model predictions. The identification of 
inconsistencies of these and other kinds, not all of which may be 
important, requires examination of the studies in which they have 
been determined. The uncertainty profiles presented in this work 
can be used to assess the relative contribution of a parameter to 
the quantity of interest, and therefore whether revision to obtain 
an improved value is likely to be worthwhile. The most important 
parameters are generally those that include, as one or more 
interacting species, the major ions of seawater (Na+, Cl−, Mg2+

and SO4
2−) because they have the highest molalities. Sources of all 

parameters and equilibrium constants are listed in the Supporting 
Information. 

Next, we briefly review some aspects of the equilibrium constants in 
the model that relate to uncertainties in model predictions and, sepa
rately, the model representation of the activity coefficients for the 
various equilibria. 

7.1. Thermodynamic equilibrium constants 

It is known that the value for K(HSO4
−) requires revision, together 

with the related Pitzer parameters for H+-SO4
2− and H+-HSO4

− in
teractions (see paper (I)). Revisions to K(HSO4

−) (probably of the order of 
3% at 25 ◦C) should improve predictions of pH*T,m, K*(CO2*), K*(H2O), 
and K*(HCO3

−). The trend in the deviations between measured and 
calculated ln(K*(B(OH)4

−)) in artificial seawaters containing borax, as 
salinity tends to zero (Fig. 6c), suggests that the derivation of 
ln(K*(B(OH)4

−)) may also be worth reviewing, although the behaviour of 
these solutions is complicated by the formation of polyborate species 
and the very strong interaction of B(OH)4

− with Mg2+. We have not 
critically examined the thermodynamic equilibrium constants for water 
dissociation, or those for carbonate dissociation. 

The ion pairing constant Kf(MgCO3
o) is a key contributor to the total 

estimated uncertainties of five of the quantities in Table 3. Its value at 
25 ◦C was determined by Millero and Thurmond (1983), and the vari
ation with temperature seems likely to be based upon an analysis of 
solubility data but we have been unable to find this described in the 
literature. We note that the constant slope of the change in 
log10(Kf(MgCO3

o)) with respect to temperature of 0.0066154 (table II of 
Millero and Pierrot (1998)) is close to that of Plummer et al. (1988) 
(0.006234 at 25 ◦C) and of Nordstrom et al. (1990) (0.00667). 

The value of Kf(CaCO3
o) in the model is slightly greater than 

Kf(MgCO3
o), which would not be expected simply from ion size consid

erations. However, formation of this ion pair is less than MgCO3
o in 

seawater because the Ca2+ concentration is lower than that of Mg2+. It 
has been assigned the same variation with temperature as Kf(MgCO3

o) by 
Millero and Pierrot (1998), although the reason for this isn’t clear. In the 
Pitzer model of Plummer et al. (1988) the expression for Kf(CaCO3

o) as 
function of temperature is taken from Plummer and Busenberg (1982), 
and this expression yields dlog10(Kf(CaCO3

o))/dT equal to 0.008715 at 
25 ◦C. 

The only quantity that the equilibrium constant Kf(MgOH+) con
tributes a significant uncertainty to is the ion product of water. The 
value of Kf(MgOH+) at 25 ◦C, based upon titration data for MgCl2 so
lutions, is from the study of Harvie et al. (1984). They comment that a 
detailed reversible cell study of the Mg(OH)2-MgCl2-H2O system would 
be useful in precisely characterizing the interactions of Mg2+, OH− and 
Cl−. The variation with temperature of Kf(MgOH+) was estimated by 
Clegg and Whitfield (1991) from the data of Dickson and Riley (1979) 

for K*(H2O) in seawater. This should be re-determined, from indepen
dent measurements. 

The thermodynamic equilibrium solubility constant for calcite in the 
model is that of Plummer and Busenberg (1982), determined from 
measurements of solubility under fixed partial pressures of CO2. Their 
treatment of speciation in the solutions involves both CaHCO3

+ and 
CaCO3

o ion pairs. The equilibrium constant for the latter, 
1675.3 kg mol−1 at 25 ◦C, is 18% greater than that in the present model, 
and the calculation of the activity coefficients differs. We found that the 
trend in the difference between measured and calculated ln(K*(CaCO3 

(s))) does not tend to zero as salinity decreases (Fig. 5b), which may 
indicate an incompatibility between the K*(CaCO3(s)) values of Plummer 
and Busenberg (1982) and the present model. 

7.2. Activity coefficient parameters 

Of the Pitzer parameters listed in Table 3, those for aqueous HCl, 
NaCl, MgCl2, CaCl2, and Na2SO4 are quite accurately known. For this 
group of pure (single solute) aqueous solutions, as well as for the 
mixture H+-Na+-Cl−-H2O, there are multiple sets of available parame
ters, evaluated from a wide range of activity and thermal data. For this 
reason, we do not consider them likely to be significant contributors to 
errors in model predictions, compared to parameters for other combi
nations of ions. 

Parameters for Na+-HCO3
− and Na+-CO3

2− interactions make large 
uncertainty contributions to the calculated pH*T,m and the two car
bonate equilibria. Both sets of parameters are from the study of Peiper 
and Pitzer (1982), and we identified in Section 6.1.1 that revisions to the 
Na+-HCO3

− parameters will probably yield improved predictions of K* 
(CO2*) across the salinity range. The two sets of parameters are not 
independent. 

Deviations of calculated ln(K*(CO2*)) from the measurements are 
also temperature dependent (Fig. 2b), especially for high salinities (Fig. 
S1 of the eighth document of the Supporting Information). This behav
iour could be associated with one or more interaction parameters, such 
as those for Na+-HCO3

−. Parameters θCl,HCO3 and ψCl,HCO3,Na also have a 
large influence on K*(CO2*), and their variation with temperature is 
unknown. However, Peiper and Pitzer (1982) found that only constant 
values were needed in order to fit their data. We note that, although the 
Mg2+-HCO3

− interaction parameters contribute only about 1% to the 
estimated total variance of the model calculated ln(K*(CO2*)) their 
variation with temperature is unknown (these parameters were deter
mined from data at 25 ◦C only, by Pitzer et al. (1985)). Consequently, 
they could contribute significantly more to the total variance at other 
temperatures. 

There are a number of inconsistencies in the sets of Pitzer parameters 
used for solutions containing B(OH)4

− that may explain features of the 
plots in Fig. 6 such as the fact that Δln(K*(B(OH)4

−)) do not tend to zero 
as salinity tends to zero. The Pitzer parameters for Na+-B(OH)4

− in
teractions are those of Simonson et al. (1987) who also determined 
θCl,B(OH)4 (−0.056) and ψNa,B(OH)4,Cl (−0.019). These mixture parame
ters do not vary with temperature. Simonson et al. (1988) determined 
Mg2+-B(OH)4

− parameters but set ψCl,B(OH)4,Mg to zero. However, in the 
model θCl,B(OH)4 varies with T (and is −0.0323 at 25 ◦C), ψCl,B(OH)4,Na is 
−0.0132 and ψCl,B(OH)4,Mg is −0.235. This is an inconsistency. The 
sources of data used by Pierrot (2002) to determine θCl,B(OH)4 and 
ψNa,Cl,B(OH)4 in the model are the results of Hershey et al. (1986) and 
Owen and King (1945), and for ψCl,B(OH)4,Mg the results of Hershey et al. 
(1986) and Simonson et al. (1988) were used. Pierrot (2002) also 
included the formation of ion pair MgB(OH)4

+ in his model. Simonson 
et al. (1988) discuss the differences between their results and those of 
Hershey et al. (1986), the significance of inconsistencies in the 
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thermodynamic treatments, and the differences between the composi
tions of the solutions on which measurements have been made and those 
typical in the environment (low borate and relatively high Mg2+). The 
Pitzer parameters for borate interactions in solutions containing sodium 
and magnesium chloride solutions should be re-examined, together with 
the influence of polyborate formation on the properties of the solutions 
from which these parameters have been obtained. 

Calculated saturation with respect to calcite, see Fig. 5b, is another 
example in which the deviations between measured and calculated ln 
(K*) both have a salinity dependence, and do not tend to zero at zero 
salinity. At salinity 35, about half of the total dissolved CO3

2− is predicted 
to be MgCO3

o. The only interaction parameter for this species is that with 
Na+ (relative to an interaction with Cl− that is set to zero), for the 
temperature of 25 ◦C. Studies to determine interactions with SO4

2− and 
those with Na+ at different temperatures (in addition to the value of 
Kf(MgCO3

o) itself) would be valuable and result in a more accurate value 
of the mMg2+⋅Kf*(MgCO3

o) term in the expression for the total activity 
coefficient of CO3

2− in Eq. (11). 
The principal feature of the deviation plot for ln(K*(H2O)) is the 

trend with salinity at 5 ◦C. Interactions of the ion pair MgOH+ with Cl−

are only known only at 25 ◦C (and those with SO4
2− are unknown). The 

only available ternary parameter is ψMg,MgOH,Cl. Studies to determine the 
Pitzer parameters for MgOH+-Cl− and MgOH+-SO4

2− at different tem
peratures would be valuable. 

Finally, we note that the thermodynamic equilibrium constants for 
many of the ion pairs, and for calcite, are determined from measure
ments of solution mixtures. The values derived from these measure
ments are dependent upon the treatment – generally a model – of the 
activity coefficients of the solute species involved, including any as
sumptions (such as being invariant with temperature, or set to zero). An 
examination of the calculation of these activity coefficients, to test their 
consistency with the present model and their influence on the derived 
equilibrium constants, is likely to be needed. 

7.3. Other considerations 

Here we summarise a number of general points to be considered 
when determining new or revised values of interaction parameters from 
measurements and data analysis. 

• Suitable thermodynamic data for the determination of Pitzer inter
action parameters are those that provide either directly, or indi
rectly, solute or solvent activities, or the thermal and volumetric 
properties that yield the temperature and pressure derivatives of the 
parameters (Pitzer, 1991). Experiments should be carried out on the 
simplest solutions (i.e., containing the fewest solute ions and/or 
neutral species) needed to determine the interaction parameters of 
interest. Thus, for example, parameters θH,Na and ψH,Na,Cl can be 
determined from measurements of the activity product aH+⋅aCl− in 
HCl-NaCl aqueous mixtures. This procedure cannot always be fol
lowed: a notable example is Na+-HSO4

− interactions for which the 
parameters are obtained from data for H2SO4-Na2SO4 solutions (e.g., 
Rard et al., 2000) in which the ions present are H+, Na+, HSO4

−, and 
SO4

2−. In such cases it is worthwhile considering the selection of so
lution compositions (e.g., the relative amounts of H2SO4 and 
Na2SO4) needed to best constrain the fitted parameters.  

• For seawater applications the model needs to be most accurate below 
ionic strengths of about 1 mol kg−1, but it is also true that Pitzer 
parameter values are determined most precisely from measurements 
in more highly concentrated solutions. Consequently, data over a 
wide range of molalities are desirable, but limited (at the upper end) 
so that model accuracy is not biased towards the representation of 
high ionic strength properties. Thermodynamic properties in general 

vary more steeply with temperature close to 0 ◦C than they do at 
higher temperatures (25 ◦C and above). Measurement at low tem
peratures, to determine values of interaction parameters close to 
0 ◦C, are therefore desirable, as are measurements of thermal prop
erties from which derivatives of interaction parameters with respect 
to temperature can be determined directly. 

• Pitzer and Kim (1974) have shown how measured osmotic and ac
tivity coefficients can be used to determine θii’ and ψii’j as the 
intercept and slope, respectively, of linear fits with respect to a 
measure of total molality, and the application of the approach should 
be considered when designing experiments so as to obtain fitted θii’ 
and ψii’j with the smallest variances. It can also be worth examining 
the equations expressing the measured thermodynamic property in 
terms of species molalities and Pitzer model expressions for their 
activity coefficients in order to identify pairs or groups of parameters 
that cannot be determined independently from the measurements. 
Examples of this include the analysis of the results of titrations to 
obtain values of the acid dissociation constant of TrisH+

(K*(TrisH+)) in salt solutions, and EMF measurements of cells con
taining dissolved TrisH+ and Tris (e.g., see Eqs. (13) and (16) of 
Lodeiro et al., 2021). Values of the parameters θTrisH,Na, θH,Na, and 
λTris,Na can only be determined from the titration measurements as 
the quantity (θTrisH,Na – θH,Na – λTris,Na). Of these three parameters, 
only θH,Na is known from other data. It is normal in such cases to set 
one of each pair of unknown parameters to zero (so that the other can 
be assigned a fitted value). It is important to explain these choices. 
The practical impact on model calculations depends upon the 
quantity of interest (there would be none, for example, on model 
simulations of K*(TrisH+)).  

• The determination of model parameters for interactions of solute 
species that take part in reactions are a particular difficulty, because 
these require fitting data for solutions containing multiple compo
nents, sometimes only weakly constrained with respect to the mo
lalities of individual ions and uncharged solutes. Examples include 
aqueous H2SO4 (containing H+, HSO4

− and SO4
2−) (Clegg et al., 1994), 

and Na+ - HCO3
− - CO3

2− - OH− - Cl− aqueous solutions (Peiper and 
Pitzer, 1982). Data for the H2SO4-Na2SO4 mixtures mentioned above 
are used to obtain Na+-HSO4

− interaction parameters, in combination 
with significant ternary parameters involving HSO4

−, and Na+ and/or 
SO4

2−. In such cases experimental design – the composition of the 
solutions – can benefit from modelling to estimate the dominant 
species for particular solution compositions and therefore the pa
rameters that have the greatest influence on the measured thermo
dynamic property.  

• The development of models of the solution mixtures often involves 
choices as to what parameters are set to zero (because one or more 
may be poorly constrained by the data), and the relative weights 
given to different types of data. It is important that the rationale 
behind the choices is explained, and it is preferable that the pa
rameters determined are fully consistent with others used in any 
larger model. We note, for example, that the Na+-Cl− and H+-Cl−

interaction parameters in the treatment of Peiper and Pitzer (1982) 
are not the same as those adopted in the present model. The effects 
seem likely to be small, but should be examined in future. 

• Variances, and covariances where possible, of fitted Pitzer parame
ters and/or equilibrium constants should be reported. Details of 
procedure (weights, rejected data) should also be presented, such 
that it is possible to reproduce the results. 

8. Summary and discussion 

In this work we have amended and documented the model of Millero 
and Pierrot (1998) and Pierrot and Millero (2017), and included the 
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propagation of uncertainties for the first time. We have assessed the 
performance of the model for acid-base speciation equilibria and iden
tified, from the calculated uncertainty contributions and a review of 
source literature, those elements of the model that should be revised. In 
our comparisons of the model with available measurements of dissoci
ation constants of the carbonate system in seawater it has become clear 
that for salinities below 10 improvements in the values of K*(HCO3

−) are 
needed. For example, the p(K*(HCO3

−)) from the dataset of Millero et al. 
(2006) are very scattered, and mostly appear to be too low. 

The differences between model-calculated and measured equilib
rium constants for the carbonate system and for borate are summarised 
in Table 4. The differences, in the ~ΔpK* column, are comparable in 
magnitude to the estimated uncertainties of the model-calculated values 
(last column), except for K*(B(OH)4

−) where the ~ΔpK* is a factor of two 
greater. Comparisons over a range of temperatures and salinities are 
shown in Figs. 2-4, 6, and Figs. S1–3 of the eighth document of the 
Supporting Information. Also listed in Table 4 are the calculated con
ventional thermodynamic pH for salinity 35 seawater at 25 ◦C. Of pri
mary interest here are the differences between the scales: about −0.01 
between pH*SW,m and pH*T,m, and + 0.11 between pH*F,m and pH*T,m. 
The difference between the total and seawater pH values is less than the 
scatter in the measured values of the carbonate constants at the same 
salinity and temperature, but not by a large margin. 

The most appropriate use for the model, in its present state of 
development, is to estimate the effects of changes in the natural water 
medium from a seawater stoichiometry to some different composition. 
This can be done, for the value of a carbonate or borate stoichiometric 
dissociation constant for example, by first calculating the pK* value for 
the temperature of interest and the required salinity using one of the 
available empirical equations, and then a ΔpK* between that salinity 
and the composition of interest using the model. The two values are 
added together to obtain an estimated pK* for the natural water 
composition. For example, the model of Millero and Pierrot (1998), in its 
MYAMI version, has been used in this way by Hain et al. (2015) to 
investigate the effect of Mg2+ and Ca2+ concentration changes on 
seawater acid-base equilibria in past oceans. For this procedure to be 
most accurate the model needs to contain the Pitzer parameters that are 
relevant to that composition change. For example, it is desirable for a 
calculation of pK*(HCO3

−) for a natural water with a different sulphate 
concentration than an equivalent seawater that the parameters for 
MgCO3

o-SO4
2− interactions are known (because MgCO3

o is calculated to 
account for about half of the total carbonate ion in seawater). If the 
model is used in this way it may be helpful to assess the likely sensitivity 
to the influence of the interaction parameters, especially those that 
remain unknown. 

Future work should focus, first, on the improvements in the repre
sentation of the carbonate and borate equilibria in seawater, as outlined 

in the previous sections. The calculation of total pH, and conversion 
between total and free pH (i.e., H+ amount content), are also important. 
The requirements for an improved model of solutions containing the 
ions of artificial seawater (particularly the HSO4

−/SO4
2− equilibrium), 

and the extension of model to include the Tris buffers used for calibra
tion of total pH, have been described in papers (I) and (II). Unification of 
both models, so they contain the same equilibrium constants and Pitzer 
interaction parameters for the set of solute species in common, is also 
desirable. 
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Appendix A. Supplementary data 

There are nine documents of supporting information. The first 
document summarises the contents of the others, and lists the tables and 
charts that appear in each one. The subjects covered are: an overview of 
the model, and details of the simulation of uncertainties; values of 
variances and covariances for interactions and equilibrium constants for 
all species; values of the Pitzer parameters and equilibrium constants 
and their sources; and calculated equilibrium solute molalities and ac
tivity coefficients for program verification. It is anticipated that software 
tools incorporating the models will be released during 2023 (see website 
marchemspec.org for future announcements, or contact the corre
sponding author). The supplementary data to this article can be found 
online at https://doi.org/10.1016/j.marchem.2022.104196. 
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