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The protonation enthalpies of some polycarboxylate anions (malonate, citrate, 1,2,3-propanetricarboxylate,
and 1,2,3,4-butanetetracarboxylate) were studied calorimetrically at different ionic strengths, 1 e I e 5
mol kg-1 , in NaCl aqueous solutions. Some potentiometric measurements were also made at 15 and 55
°C. Both calorimetric and potentiometric data (including previously reported data) were used to obtain
complete sets of ∆G, ∆H, and T∆S values for the protonation of carboxylate anions. The dependence of
∆H on ionic strength was modeled by simple linear equations and using the Pitzer equations. Both ∆H
values and their dependence on ionic strength follow regular trends as a function of the protonation
steps, and general empirical relationships are proposed.

Introduction

Speciation studies require a knowledge of the depen-
dence on ionic strength of protonation and complex forma-
tion constants (see, e.g., ref 1). In the past two decades
several studies have been carried out in this field (ref 2
and references cited therein) in our laboratory. The depen-
dence on ionic strength of the protonation constants of
carboxylate ligands was studied at different temperatures
and in different ionic media: Me4NCl,3 Et4NI,4 NaCl, and
KCl.5 Although these papers reported some ∆H values and
parameters for the dependence of ionic strength on tem-
perature, no direct attention was paid to the problem of
the dependence of ∆H protonation on I. This problem can
be dealt with, however, (i) by studying the simultaneous
dependence of log K H on T and I or (ii) by performing direct
calorimetric measurements at different values of I. Some
recent studies of the effect of medium on the protonation
thermodynamics of mono-, di-, and tricarboxylate anions
were performed6-12 using the potentiometric technique
alone. In this work we decided to use both methods (also
using previously reported data) to build a complete picture
of the dependence on I of ∆H protonation values for
carboxylate ligands. The carboxylate anions taken into
account were malonate (mal), citrate (cit), 1,2,3-propane-
tricarboxylate (tricarballylate, tca), and 1,2,3,4-butane-
tetracarboxylate (btc). To correctly calculate ∆H values for
the protonation of carboxylate anions at different ionic
strengths, exact ∆H values for the ionization of water in
the same conditions must be known. We therefore per-
formed some ∆HW measurements at high I values and
systematically analyzed the data reported in the literature.
We chose NaCl as the background salt because it is the
most important salt in speciation studies of natural waters.

Experimental Section

Materials. Malonic acid (H2mal, Fluka puriss.), citric
acid (H3cit, Fluka puriss.), 1,2,3-propanetricarboxylic acid
(H3tca, Fluka puriss.), and 1,2,3,4-butanetetracarboxylic

acid (H4btc, Fluka purum) were used without further
purification; their purity was checked alkalimetrically and
was always g99.5%. Na2(mal), Na3(cit), Na3(tca), and
Na4(btc) solutions were prepared by adding standard NaOH
to H2(mal), H3(cit), H3(tca), and H4(btc) solutions up to
neutralization. The purity of these reagents was tested by
potentiometric titration. Sodium chloride solutions (Fluka
puriss.) were prepared by weighing previously oven-dried
pure salts at 110 °C. Standard solutions of NaOH and HCl
were prepared by diluting concentrated Fluka ampules and
were standardized against potassium hydrogen phthalate
and sodium carbonate, respectively. Grade A glassware and
twice-distilled water were used for all solutions.

Potentiometric Measurements. Potentiometric mea-
surements were carried out with a Metrohm 654 potenti-
ometer coupled with a combination Ross type electrode
8102; the titrant was delivered by a Metrohm dosimat 665
dispenser, and a computer program was used for the
acquisition of potentiometric data. The titration program
allows the evaluation of equilibrium potential values and
determines the amount of titrant based on the actual
buffering properties on the titrated solution, so that there
is a difference in pH values of 0.05-0.08 between two
successive readings; the emf was considered to be stable
when the variation was <(0.1 mV within 5 min. A volume
of 25 mL of the solution containing mal or cit or tca or btc
and the background salt was titrated with standard NaOH
up to =90% neutralization. Experimental conditions were
as follows: Cacid ) 10 mmol L-1, CNaOH ) 0.2 mol L-1, 1 e
I (NaCl) e 5 mol kg-1, T ) 15 and 55 °C. Separate titrations
of HCl at about the same ionic strength value as the sample
under study were carried out to calculate the standard
electrode potential E° of the electrodic cell. A stream of
purified and presaturated N2 was bubbled through all
solutions in order to exclude the presence of CO2 and O2.

Calorimetric Measurements. Calorimetric measure-
ments were performed at (25.000 ( 0.001) °C using a
Tronac isoperibol model 450 titration calorimeter coupled
with a Keithey 196 system Dmm digital multimeter. The
titrant was delivered by a 2.5 mL capacity model 1002TLL
Hamilton syringe. A computer program was used for the
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acquisition of calorimetric data. Its accuracy was checked
by titrating a Tris [tris(hydroxymethyl)aminomethane]
buffer with HCl. Calorimetric experiments were performed
by titrating 50 mL of the solution (i) of mal or cit or tca or
btc and the background salt with standard NaOH [experi-
mental conditions: Cacid ) 10 mmol L-1, CNaOH ) 1.2 mol
L-1, 1 e I (NaCl) e 5 mol kg-1] and (ii) of Na2(mal) or
Na3(cit) or Na3(tca) or Na4(btc) and the background salt
with standard HCl [experimental conditions: CNa(carbox) )
10 mmol L-1, CHCl ) 1.2 mol L-1, 1 e I (NaCl) e 5 mol
kg-1]. Measurements for water ionization were performed
by adding standard NaOH to 50 mL of HCl solution and
the background salt [experimental conditions: CHCl ) 25
mmol L-1, CNaOH ) 1.0 mol L-1, I (NaCl) ) 4.32, 5.54 mol
kg-1]. The heat of dilution was measured in separate
experiments at each ionic strength.

Calculations. The computer program BSTAC13 was
used to calculate protonation constants from measurements
carried out at variable ionic strengths. Calorimetric titra-
tion data were analyzed by the computer program
ES5CMI.14 Using the computer program LIANA,15 we were
able to calculate the thermodynamic parameter values of
the carboxylate ligands at I ) 0 mol kg-1, starting from
the relative conditional thermodynamic parameters using
different equations.

Results and Discussion

Experimental Protonation Constants and Protona-
tion Enthalpies. The experimental results of potentio-
metric and calorimetric measurements are shown in Tables
1 and 2, respectively. Three examples of the effects of ionic
strength on log âH and ∆H are reported in Figure 1. As
can be seen, protonation constants are strongly dependent
on ionic strength and, in turn, this dependence is a function
of temperature.

Potentiometric and calorimetric data (including previous
potentiometric values5) were fitted collectively using dif-
ferent equations for dependence on temperature and on
ionic strength. Temperature dependence was accounted for
using the Clarke and Glew16 equation

(∆H/kJ mol-1; ∆Cp/J K-1 mol-1; θ ) reference temperature/
K) or by the polynomial-like equation

Debye-Hückel type2 and Pitzer17 equations were used
to describe ionic strength dependence. Mean smoothed ∆G,
∆H, and T∆S values (using different equations) are re-
ported in Tables 3-6 for malonate, citrate, 1,2,3-propan-
etricarboxylate, and 1,2,3,4-butanetetracarboxylate, re-
spectively.

Debye-Hu1 ckel Type Equation (DHT). The Debye-
Hückel type equation2 used in this work is (I/mol kg-1)

Table 1. Experimental Values of Overall Protonation
Constants of Carboxylate Anions at Different
Temperatures and Ionic Strengths

T I

°C mol kg-1
log â1

H ( 3sa log â2
H ( 3sa log â3

H ( 3sa log â4
H ( 3sa

mal
15 1.00 4.99 ( 0.02 7.57 ( 0.02
15 2.00 4.98 ( 0.02 7.58 ( 0.02
15 3.05 5.09 ( 0.02 7.76 ( 0.04
15 5.19 5.39 ( 0.02 8.38 ( 0.03
55 0.99 5.05 ( 0.04 7.63 ( 0.05
55 2.20 5.05 ( 0.02 7.65 ( 0.02
55 3.08 5.08 ( 0.02 7.73 ( 0.02
55 5.30 5.29 ( 0.02 8.24 ( 0.02

tca
15 0.98 5.46 ( 0.02 9.79 ( 0.02 13.18 ( 0.02
15 1.47 5.44 ( 0.02 9.78 ( 0.02 13.20 ( 0.02
15 1.97 5.46 ( 0.02 9.86 ( 0.02 13.31 ( 0.03
15 3.00 5.55 ( 0.02 10.08 ( 0.02 13.64 ( 0.04
15 5.13 5.84 ( 0.02 10.69 ( 0.02 14.54 ( 0.02
55 0.99 5.60 ( 0.02 9.92 ( 0.02 13.32 ( 0.04
55 1.47 5.55 ( 0.02 9.89 ( 0.02 13.26 ( 0.02
55 1.98 5.53 ( 0.02 9.89 ( 0.03 13.28 ( 0.04
55 3.01 5.60 ( 0.02 10.07 ( 0.02 13.55 ( 0.02
55 5.14 5.77 ( 0.02 10.48 ( 0.02 14.20 ( 0.02

cit
15 0.98 5.18 ( 0.02 9.28 ( 0.02 12.09 ( 0.02
15 1.46 5.12 ( 0.02 9.21 ( 0.02 12.02 ( 0.04
15 1.97 5.10 ( 0.02 9.21 ( 0.04 12.04 ( 0.05
15 2.98 5.13 ( 0.05 9.33 ( 0.05 12.23 ( 0.05
15 5.06 5.36 ( 0.03 9.80 ( 0.04 12.92 ( 0.05
55 0.98 5.20 ( 0.05 9.21 ( 0.05 11.90 ( 0.05
55 1.46 5.12 ( 0.03 9.10 ( 0.05 11.76 ( 0.05
55 1.97 5.08 ( 0.02 9.07 ( 0.03 11.76 ( 0.04
55 3.03 5.08 ( 0.02 9.12 ( 0.02 11.86 ( 0.02
55 5.11 5.25 ( 0.05 9.48 ( 0.05 12.40 ( 0.05

btc
15 0.97 5.76 ( 0.02 10.58 ( 0.02 14.49 ( 0.03 17.57 ( 0.03
15 1.45 5.72 ( 0.03 10.52 ( 0.02 14.45 ( 0.04 17.54 ( 0.03
15 1.95 5.72 ( 0.02 10.54 ( 0.03 14.50 ( 0.04 17.61 ( 0.03
15 2.94 5.78 ( 0.04 10.67 ( 0.06 14.71 ( 0.05 17.91 ( 0.05
15 4.95 6.04 ( 0.04 11.22 ( 0.05 15.57 ( 0.05 19.05 ( 0.05
55 0.98 5.88 ( 0.02 10.69 ( 0.02 14.58 ( 0.02 17.61 ( 0.02
55 1.45 5.80 ( 0.02 10.58 ( 0.02 14.47 ( 0.03 17.50 ( 0.05
55 1.96 5.80 ( 0.02 10.58 ( 0.02 14.50 ( 0.02 17.56 ( 0.01
55 2.87 5.85 ( 0.02 10.69 ( 0.04 14.69 ( 0.04 17.82 ( 0.05
55 4.96 5.96 ( 0.03 10.98 ( 0.05 15.18 ( 0.05 18.51 ( 0.05

a s ) standard deviation.

Table 2. Experimental Values of Overall Protonation
Enthalpiesa at T ) 25 °C and at Different Ionic Strengths
(NaCl)

I ∆H1 ∆H2 ∆H3 ∆H4

mol kg-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1

mal
1.03 3.42 3.02
1.54 2.38 0.78
2.09 0.61 -2.12
3.26 -1.3 -4.4
5.42 -7.79 -14.72

tca
1.04 2.46 1.96 -2.14
1.55 1.35 0.14 -5.13
2.08 0.36 -1.72 -7.49
3.17 -2.17 -6.25 -13.41
5.39 -8.72 -16.25 -26.21

cit
1.03 0.94 -2.86 -7.46
1.55 0.00 -4.60 -10.09
2.08 -0.81 -6.23 -12.00
3.17 -3.00 -10.04 -16.28
5.41 -4.16 -14.37 -21.91

btc
1.05 4.28 2.75 1.27 -2.72
2.09 1.92 -1.77 -4.86 -10.28
3.21 0.25 -5.36 -9.88 -16.35
5.46 -6.14 -15.18 -23.98 -34.07

a In all cases the fitting standard deviation ranges between 0.05
and 0.3 kJ mol-1.

log K ) log Kθ + ∆Hθ (1θ - 1
T) 52.23 +

∆Cpθ(θ
T

- 1 + ln(Tθ))/19.145 (1)

G(T) ) a0 ln T + ∑
i)-2

n

aiT
i (2)

log K ) log K 0 - z*AI1/2/(1 + 1.5I1/2) + CI + EI2 (3)
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with

and

(K ) formation constant; K0 ) formation constant at
infinite dilution; C and E ) empirical parameters, z )
charge). Preliminary calculations showed that C is a
function of z* for all of the carboxylate anions studied in
this work:

A similar equation can also be considered for E:

Values for empirical parameters e1, e2, and e0 are reported
in Table 7. The same order of magnitude (quite low) is
observed for these parameters, and a general equation can

be written for all of the carboxylate anions:

Pitzer Equations. The Pitzer equations17 for the sys-
tems studied here can be written as3-5

In general A ) Az-, HA(z-1)-..., Hn-1A(z-n+1)- (A ) carboxy-
late anion; z ) anion charge; j ) 1, ..., n; n ) maximum
number of carboxylic groups). For j ) n, the eq 7 becomes
(âNa,Hn-1A

(0) ) λNa,HnA)

with

where I is ionic strength in the molal scale, â(0), â(1), and
C(φ) represent interaction parameters between two ions of
opposite signs, Θ is the interaction parameter between two
ions of the same sign (+ +, - - interactions), Ψ is the
triplet interaction parameter (+ - +, - + -), λ is the
interaction parameter of neutral species, and Aφ is the
Debye-Hückel coefficient [Aφ ) 0.3912 + 6.636 × 10-4(T
- 25) + 3.562 × 10-6(T - 25)].17 At I e 3 mol kg-1, Θ and
Ψ parameters can be neglected. Literature interaction
parameters for HCl and NaCl were used in these calcula-
tions [âH,Cl

(0) ) 0.1775 - 3.081 × 10-4(T - 25), CH,Cl
(φ) )

0.00080 - 6.213 × 10-5(T - 25), âH,Cl
(1) ) 0.2945 + 1.419

× 10-4(T - 25); CNa,Cl
(φ) ) 0.00127 - 10.54 × 10-5(T - 25),

âNa,Cl
(1) ) 0.2664 + 7.005 × 10-4(T - 25); ΘH,Na ) 0.036;

ΨH,Na,Cl ) -0.004].17 Preliminary calculations showed that,
for all of the carboxylate anions, â(0) is a function of z2,
according to the relationship

(fairly independent of temperature). Parameters C(φ) and
â(1) can be expressed as a function of T/°C and z2 by the
simple relationships:

where ci and bi are the empirical parameters reported in
Table 8. These parameters are fairly similar for all of the

Figure 1. Dependence on ionic strength of protonation constants
of (A) malonate (first step), (B) 1,2,3-propanetricarboxylate (second
step), and (C) 1,2,3,4-butanetetracarboxylate (fourth step) at (0)
15 °C and (O) 55 °C.

A ) 0.51 + 9.1 × 10-4(T - 25) + 5.0 × 10-6(T - 25)2

z* ) Σz2
reactants - Σz2

products

C ) [(0.0204 ( 0.0029) + (1.56 ( 0.069) ×
10-4(T - 25)]z* + (0.031 ( 0.013) (4)

E ) [e1 + e2(T - 25)]z* + e0 (5)

E ) [-(1.7 ( 0.2) × 10-3 - (5.1 ( 0.7) ×
10-5(T - 25)]z* + (0.0127 ( 0.0009) (6)

ln Kj ) ln TKj + 2zAf γ + 2I(âH,Cl
(0) + âNa,A

(0) -

âNa,HA
(0) + ΘH,Na + ΘA,Cl - ΘHA,Cl) + I2[CH,Cl

(φ) +

CNa,A
(φ)(|zA|1/2)-1 - CNa,HA

(φ)(|z HA|1/2)-1 + CNa,Cl
(φ) +

ΨH,Na,Cl + ΨA,Na,Cl - ΨHA,Na,Cl] + (âH,Cl
(1) + âNa,A

(1) -

âNa,HA
(1))f1 + zAâNa,Cl

(1)f2 (7)

ln Kn ) ln TKn + 2f γ + 2I(âH,Cl
(0) + âNa,Hn-1A

(0) -

λNa,HnA + ΘH,Na + ΘHn-1A,Cl) + I2[CH,Cl
(φ) + CNa,Hn-1A

(φ) +

CNa,Cl
(φ) + ΨH,Na,Cl + ΨHn-1A,Na,Cl] +

+ (âH,Cl
(1) + âNa,Hn-1A

(1))f1 + âNa,Cl
(1)f2 (7a)

f γ ) -Aφ[I
1/2(1 + 1.2I1/2)-1 + 1.667 ln(1 + 1.2I1/2)] (7b)

f1 ) 1 - (1 + 2I1/2) exp(-2I1/2) (7c)

f2 ) -1 + (1 + 2I1/2 + 2I) exp(-2I1/2) (7d)

âNa,A
(0) ) (-0.06 ( 0.03) + (0.043 ( 0.002)z2 (8)

CNa,A
(φ) ) [c1 + c2(T - 25)]z2 + c0 (9)

âNa,A
(1) ) [b1 + b2(T - 25)]z2 (10)
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carboxylate anions, and we can calculate mean values as
follows:

We demonstrated in previous papers that it is possible
to define Pitzer interaction parameters for carboxylate
versus charge,3-5 and Sastre de Vicente and co-workers18

analyzed the acid-base equilibria of monocarboxylate
anions in various ionic media, obtaining very similar Pitzer
parameter values for all of the acids.

Dependence of ∆H on Ionic Strength. The depen-
dence on ionic strength of enthalpy changes can be obtained
from the temperature coefficients of eqs 4 and 6 or 8-10
or by fitting ∆H values to an empirical polynomial equa-
tion:

As a first approximation, a single term is sufficient to fit
calorimetric data to eq 13, i.e., i ) 1, or, at the most, two
terms are needed (i ) 1, 2). These empirical coefficients
are very similar for the same protonation step of different
anions and are linearly proportional to z*. Therefore,
general empirical equations can be written as follows:

Table 3. Thermodynamic Parametersa of Malonate Anion at Different Temperatures and Ionic Strengths

T I -∆G1 -∆G2 ∆H1 ∆H2 T∆S1 T∆S2

°C mol kg-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1

10 0 32.3 48.0 1.3 -2.8 33.6 45.2
25 0 32.5 48.0 5.0 4.9 37.5 52.9
40 0 32.8 48.4 8.7 12.5 41.5 60.9
50 0 33.1 48.9 11.2 17.6 44.3 66.5
10 0.1 29.9 45.5 1.2 -3.0 31.1 42.5
25 0.1 30.1 45.5 4.9 4.6 35.0 50.2
40 0.1 30.4 45.9 8.6 12.3 39.0 58.2
50 0.1 30.7 46.4 11.0 17.4 41.7 63.8
10 1 28.4 43.4 -0.3 -5.2 28.1 38.2
25 1 28.5 43.3 3.4 2.5 31.9 45.8
40 1 28.7 43.6 7.1 10.1 35.8 53.7
50 1 28.9 44.0 9.6 15.2 38.6 59.2
10 2 28.5 43.3 -2.2 -8.1 26.3 35.2
25 2 28.5 43.1 1.5 -0.5 30.0 42.6
40 2 28.6 43.3 5.2 7.2 33.8 50.4
50 2 28.8 43.6 7.7 12.3 36.5 55.8
10 3 29.0 44.2 -4.5 -11.7 24.5 32.5
25 3 28.9 43.8 -0.8 -4.0 28.1 39.8
40 3 28.9 43.7 2.9 3.6 31.8 47.4
50 3 29.0 43.9 5.4 8.7 34.4 52.7
10 5 30.7 47.9 -10.2 -20.4 20.5 27.4
25 5 30.3 47.0 -6.5 -12.8 23.8 34.2
40 5 30.0 46.5 -2.8 -5.2 27.2 41.4
50 5 30.0 46.5 -0.3 -0.1 29.7 46.4

a Errors, expressed as 3 standard deviations, are as follows: for ∆G, (0.05-0.1; for ∆H, (0.5-2.5, for T∆S, (1-3.

Table 4. Thermodynamic Parametersa of Citrate Anion at Different Temperatures and Ionic Strengths

T I -∆G1 -∆G2 -∆G3 ∆H1 ∆H2 ∆H3 T∆S1 T∆S2 T∆S3

°C mol kg-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1

10 0 36.4 63.8 81.9 -0.1 -4.8 -10.8 36.3 59.0 71.2
25 0 36.5 63.7 81.5 3.3 1.0 -3.3 39.8 64.7 78.2
40 0 36.7 63.9 81.6 6.6 6.8 4.1 43.4 70.7 85.7
50 0 37.0 64.1 81.7 8.8 10.7 9.1 45.8 74.8 90.8
10 0.1 32.7 57.7 74.6 -0.4 -5.3 -11.3 32.4 52.4 63.3
25 0.1 32.8 57.6 74.2 3.0 0.5 -3.9 35.8 58.1 70.4
40 0.1 33.0 57.8 74.2 6.3 6.4 3.6 39.4 64.1 77.8
50 0.1 33.3 58.0 74.4 8.6 10.3 8.5 41.8 68.2 82.9
10 1 29.6 53.1 69.1 -2.7 -9.1 -15.9 26.9 43.9 53.2
25 1 29.6 52.7 68.5 0.6 -3.3 -8.5 30.2 49.4 60.0
40 1 29.7 52.7 68.2 4.0 2.5 -1.0 33.7 55.2 7.2
50 1 29.8 52.8 68.3 6.2 6.4 3.9 36.1 59.2 72.2
10 2 29.0 52.6 68.7 -4.7 -12.7 -20.2 24.3 39.9 48.5
25 2 28.9 52.0 67.8 -1.4 -6.9 -12.8 27.5 45.2 55.1
40 2 28.9 51.8 67.4 2.0 -1.0 -5.3 30.9 50.8 62.1
50 2 29.0 51.9 67.3 4.2 2.9 -0.4 33.2 54.7 66.9
10 3 29.1 53.1 69.6 -6.1 -15.5 -23.6 23.1 37.6 46.0
25 3 28.9 52.4 68.6 -2.7 -9.7 -16.2 26.2 2.8 52.4
40 3 28.8 52.1 68.0 0.6 -3.9 -8.8 29.5 48.3 59.2
50 3 28.9 52.1 67.8 2.9 0 -3.8 31.8 52.1 64.0
10 5 30.5 55.9 73.8 -6.9 -19 -27.9 23.6 37.0 45.9
25 5 30.2 55.1 72.5 -3.5 -13.1 -20.5 26.7 42.0 52.0
40 5 30.1 54.6 71.7 -0.2 -7.3 -13.0 29.9 47.3 58.7
50 5 30.1 54.4 71.4 2.0 -3.4 -8.1 32.2 51.0 63.3

a See footnote to Table 3.

CNa,A
(φ) ) [-(4.8 ( 0.4) × 10-3 - (8.4 ( 1.5) ×

10-5(T - 25)]z2 + (0.0156 ( 0.0024) (11)

âNa,A
(1) ) [(0.345 ( 0.005) -

(0.0026 ( 0.003)(T - 25)]z2 (12)

∆Hj ) ∆Hj
0 + Σ aijI

i (13)

∆Hj ) ∆Hj
0 + ∑ zj*ajI

i (14)
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Different types of calculations are reported in Table 9:
(1) Parameters a1 and a2 are calculated for each protonation
step of each acid: the mean deviation on the fit ranges
between 0.08 and 0.54 (on average ) 0.28), which is
comparable with experimental errors, indicating, moreover,
that the simple eq 13 is sufficient to fit ∆H versus I. (2)
Parameter a1 is calculated as before while a2 ) 0: in this
case the mean deviation ranges between 0.07 and 0.67 (on

average ) 0.34); that is, the introduction of a quadratic
term into eq 13 takes into account a very small proportion
of experimental data. (3-5) Successive calculations were

Table 5. Thermodynamic Parametersa of 1,2,3-Propanetricarboxylate Anion at Different Temperatures and Ionic
Strengths

T I -∆G1 -∆G2 -∆G3 ∆H1 ∆H2 ∆H3 T∆S1 T∆S2 T∆S3

°C mol kg-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1

10 0 37.1 65.3 86.7 -3.2 -3.4 -13.6 33.9 61.9 73.1
25 0 37.1 65.3 86.3 3.5 4.2 0 40.6 69.4 86.3
40 0 37.4 65.7 86.6 10.2 11.7 13.7 47.6 77 100.3
50 0 37.8 66.1 87.1 14.6 16.8 22.7 52.4 82.9 109.9
10 0.1 33.5 59.3 79.5 -3.3 -3.6 -13.8 30.2 55.7 65.7
25 0.1 33.5 59.3 79.2 3.4 4.0 -0.2 36.9 63.3 78.9
40 0.1 33.8 59.7 79.5 10.1 11.5 13.4 43.9 71.2 92.9
50 0.1 34.2 60.1 80.0 14.6 16.6 22.5 48.7 76.7 102.5
10 1 31.1 55.8 75.4 -4.2 -5.8 -16.6 26.9 50.1 58.8
25 1 31.0 55.7 74.8 2.5 1.8 -3.0 33.5 57.5 71.9
40 1 31.3 56.0 75.0 9.2 9.4 10.6 40.5 65.4 85.7
50 1 31.7 56.3 75.5 13.6 14.4 19.7 45.3 70.8 95.2
10 2 31.1 56.4 76.2 -5.8 -8.8 -20.5 25.3 47.6 55.7
25 2 31.0 56.1 75.4 0.9 -1.2 -6.8 31.9 54.9 68.6
40 2 31.2 56.2 75.4 7.6 6.4 6.8 38.8 62.6 82.2
50 2 31.5 56.5 75.8 12.0 11.4 15.8 43.5 67.9 91.6
10 3 31.7 57.7 78.0 -8.0 -12.4 -25.2 23.7 45.2 52.9
25 3 31.4 57.2 77.1 -1.3 -4.9 -11.6 30.1 52.3 65.5
40 3 31.5 57.2 76.8 5.3 2.7 2.0 36.9 59.9 78.9
50 3 31.7 57.3 77.0 9.8 7.8 11.1 41.6 65.1 88.1
10 5 33.4 61.3 83.3 -14.2 -21.8 -37.2 19.2 39.5 46.1
25 5 32.9 60.3 81.7 -7.5 -14.2 -23.6 25.3 46.1 58.1
40 5 32.7 59.8 80.9 -0.8 -6.7 -10.0 31.8 53.2 70.9
50 5 32.7 59.7 80.7 3.6 -1.6 -0.9 36.3 58.1 79.8

a See footnote to Table 3.

Table 6. Thermodynamic Parametersa of 1,2,3,4-Butanetetracarboxylate Anion at Different Temperatures and Ionic
Strengths

T I -∆G1 -∆G2 -∆G3 -∆G4 ∆H1 ∆H2 ∆H3 ∆H4 T∆S1 T∆S2 T∆S3 T∆S4

°C mol kg-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1 kJ mol-1

10 0 40.9 74.5 100.6 120.2 2.6 -1.7 -6.9 -14.7 43.5 72.7 93.7 105.6
25 0 41.2 74.7 100.8 120.1 6.4 5.9 4.8 1.1 47.6 80.7 105.6 121.2
40 0 41.6 75.1 101.1 120.3 10.1 13.6 16.5 16.8 51.7 88.6 117.6 137.2
50 0 41.8 75.3 101.3 120.6 12.6 18.7 24.3 27.3 54.4 94.0 125.6 148.0
10 0.1 36.1 66.1 89.8 108.3 2.4 -2.0 -7.2 -15.0 38.6 64.1 82.7 93.3
25 0.1 36.4 66.3 90.0 108.2 6.2 5.6 4.5 0.8 42.6 72.0 94.5 108.9
40 0.1 36.8 66.7 90.3 108.4 9.9 13.3 16.2 16.5 46.7 79.9 106.5 124.9
50 0.1 37.0 66.9 90.5 108.6 12.4 18.4 24.0 27.0 49.4 85.3 114.5 135.7
10 1 32.9 60.4 82.9 100.6 0.8 -4.9 -10.4 -18.5 33.6 55.5 72.4 82.0
25 1 33.1 60.5 82.9 100.2 4.5 2.7 1.3 -2.8 37.6 63.3 84.1 97.5
40 1 33.3 60.7 83.0 100.3 8.3 10.4 13.0 13.0 41.6 71.1 96.0 113.2
50 1 33.5 60.9 83.1 100.4 10.8 15.5 20.8 23.5 44.2 76.4 103.9 123.9
10 2 32.7 60.4 83.1 101.0 -1.3 -8.4 -14.8 -23.6 31.5 52.0 68.3 77.5
25 2 32.9 60.3 82.9 100.4 2.5 -0.8 -3.1 -7.8 35.3 59.5 79.8 92.6
40 2 33.0 60.3 82.8 100.2 6.2 6.9 8.6 7.9 39.2 67.2 91.4 108.1
50 2 33.1 60.4 82.8 100.2 8.7 12.0 16.4 18.4 41.8 72.3 99.2 118.7
10 3 33.2 61.4 84.8 103.2 -3.5 -12.2 -19.9 -29.8 29.7 49.2 64.9 73.4
25 3 33.2 61.1 84.3 102.3 0.2 -4.6 -8.2 -14.0 33.4 56.5 76.1 88.2
40 3 33.2 60.9 84.0 101.8 4.0 3.1 3.5 1.7 37.2 64.0 87.5 103.5
50 3 33.3 60.9 83.8 101.6 6.5 8.2 11.3 12.2 39.7 69.1 95.1 113.8
10 5 34.8 64.7 89.9 109.9 -8.6 -20.7 -32.5 -45.7 26.3 44.0 57.4 64.2
25 5 34.6 64.0 88.8 108.2 -4.8 -13.1 -20.8 -30.0 29.7 50.9 68.0 78.2
40 5 34.4 63.4 87.8 106.9 -1.1 -5.4 -9.1 -14.2 33.3 58.0 78.7 92.7
50 5 34.2 63.1 87.3 106.3 1.4 -0.3 -1.3 -3.7 35.6 62.8 86.0 102.5

a See footnote to Table 3.

Table 7. Empirical Parameters for Equation 5

anion e1 × 103 e2 × 105 e0

mal -2.7 ( 0.5a 8.0 ( 2.3 0.0160 ( 0.0013b

tca -4.8 ( 0.4 4.3 ( 1.5
cit -1.9 ( 0.4 5.4 ( 1.7
btc -2.1 ( 0.2 4.4 ( 0.4

a ( standard deviation. b The parameter e0 was made equal for
all of the carboxylate anions.

Table 8. Empirical Parameters for Equations 9 and 10

anion c1 × 103 c2 × 104 c0

mal -6.7 ( 0.4a -2.2 ( 0.2a 0.017 ( 0.08a,b

cit -7.41 ( 0.15 0
tca -3.1 ( 0.2 -1.2 ( 0.1
btc -4.9 ( 0.2 -0.9 ( 0.1

anion b1 b2 × 103

mal 0.423 ( 0.013a -2.8 ( 0.8a

cit 0.226 ( 0.004 -3.7 ( 0.3
tca 0.370 ( 0.004 -2.6 ( 0.2
btc 0.350 ( 0.002 -2.6 ( 0.1

a ( standard deviation. b The parameter c0 was made equal for
all of the carboxylate anions.
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performed considering the ai/z* parameters, which, in some
cases, were made equal for all of the protonation steps of
all the acids. In these calculations mean deviations become
significantly higher, but, considering the drastic approxi-
mation used, are still reasonable. In accordance with
previous findings, these calculations also demonstrate that
under the same conditions (temperature, medium) the most
important factor governing I dependence is the charge
parameter z*.

Other Empirical Relationships. As observed in this
paper, and as previously reported by ourselves and
others,3-5,18,19 thermodynamic parameters for the protona-
tion of low molecular weight ligands (such as the formation
of different classes of complexes) show interesting regulari-
ties. These are of three types, summarized as follows: (i)
dependence of one thermodynamic parameter on another
parameter, or constancy of a parameter in different condi-
tions for different ligands; (ii) empirical relationships
between thermodynamic parameters and different features
of different ligands taken into consideration; (iii) empirical
relationships between ionic strength parameters and anion
charge.

In some cases thermodynamic parameters may show
good constancy in the investigated range. For example, ∆G
for the first protonation step of malonate has a mean value
of -29.9 ( 1.5, with a fairly low standard deviation (in the
range 0 e I/mol kg-1 e 5, 10 e T/°C e 50), and all of the
carboxylate anions behave in the same way: in general, σ
< 7 kJ mol-1. T∆S variation, however, is quite consider-
able. Quite the opposite is true of the behavior of amines
for which T∆S is the constant parameter (or the parameter
least subject to variation). The strict relationship between
∆G and T∆S, already observed by many authors,19,20 is
particularly interesting. In a previous work5 for several
carboxylate anions we found the relationship

with A ) -9.5((0.2) and B ) -1.34((0.03), at T/°C ) 25
and I ) 0 mol kg-1. Because in this work we obtained ∆G
and T∆S values at different temperatures and ionic
strengths, we were able to investigate the dependence on
I and T of the parameters of eq 15. By considering all of
the data in Tables 3-6 we have

with a standard deviation on the fit of σ ) 2.5 kJ mol-1.

The empirical relationships (eqs 15a and 15b) indicate that
parameter A depends only on temperature and parameter
B depends only on ionic strength.

With regard to point ii, it may be observed that ∆H
values, among other factors, depend on j (protonation step),
n (maximum number of dissociable protons in the acid),
and m (number of -OH groups in the acid). By considering
all of the data reported in this work as well as those for
acetate, formate, benzoate, succinate, malate, and tartrate
ligands,6-12 we obtained the very simple relationship (I )
0 mol kg-1, T ) 25 °C)

with a ) 2.4 ( 0.3 and a standard deviation on the fit of σ
) 1.5 kJ mol-1.

Empirical relationships for ionic strength dependence
parameters have already been discussed in this paper. In
particular, we illustrated the strict dependence of these
parameters in eqs 4-6, 8-12, and 14 and in Tables 7-9.
A further empirical relationship can be obtained by simul-
taneously considering the dependence of ∆H on j, m, and
n and the dependence of ∆H on I. This leads to the equation

where ∆Hc
0 is the value calculated by eq 16: a1 ) -0.29 (

0.03 and a2 ) -(1.0 ( 0.7) × 10-3, with a standard
deviation on the fit of σ ) 2.5 kJ mol-1.

Literature Comparison. Protonation enthalpies for
1,2,3-propanetricarboxylate and 1,2,3,4-butanetetracar-
boxylate have already been reported by us5 and are in
excellent agreement with the present results, the differ-
ences being ,1 kJ mol-1. ∆H values for the protonation of
malonate have been reported by several authors8,21 and,
at low ionic strengths, are very close to each other (differ-
ences < 0.2 kJ mol-1). Kettler et al.8 have also reported
thermodynamic parameters for I e 5 mol kg-1 (NaCl) in a
wide range of temperatures. Their ∆H values are quite
close to those reported here for I e 3 mol kg-1, whereas
significant differences can be observed at I ) 5 mol kg-1

[∆H1 ) -2.9, ∆H2 ) -9.0 kJ mol-1 (our values -6.5 and
-12.8, respectively)]. For citrate there is also good agree-
ment on ∆H at low ionic strengths (differences e 0.6 kJ
mol-1), whereas at I ) 1 mol kg-1 there are significant
differences: our values are ∆H1 ) 0.6, ∆H2 ) -3.3, ∆H3 )
-8.5; ref 12: ∆H1 ) 3.9, ∆H2 ) 2.4, ∆H3 ) -2; ref 21: ∆H1

) -1.3, ∆H2 ) -5.7, ∆H3 ) -10.0 kJ mol-1).
In general it may be observed that relatively few proto-

nation enthalpies are reported at high ionic strength in the

Table 9. Empirical Parameters for the Dependence on Ionic Strength of ∆H (Equation 13)

1 2 3 4 5

anion i a1 a2 εa a1 εa a1/z* εa a1/z* a2/z* εa a1/z* a2/z* εa

mal 1 -1.46 ( 0.14b -0.17 ( 0.03b 0.19 -1.93 ( 0.05b 0.28 -0.29 ( 0.01b 1.44 -0.25 ( 0.01b -0.26 ( 0.02b 0.47 -0.26 ( 0.01b -0.01 ( 0.01b 2.33
2 -2.28 ( 0.10 -0.25 ( 0.02 0.54 -2.85 ( 0.08 0.60 2.15 -0.40 ( 0.02 0.70 3.57

tca 1 -1.03 ( 0.06 -0.23 ( 0.01 0.08 -1.59 ( 0.11 0.43 0.48 -0.13 ( 0.02 0.49 0.68
2 -2.24 ( 0.07 -0.29 ( 0.02 0.20 -2.97 ( 0.14 0.67 0.64 -0.24 ( 0.02 0.31 1.02
3 -2.76 ( 0.11 -0.39 ( 0.03 0.42 -3.75 ( 0.17 0.07 1.10 -0.34 ( 0.02 0.49 1.86

cit 1 -2.50 ( 0.11 0.21 ( 0.02 0.15 -2.00 ( 0.06 0.15 0.63 0.01 ( 0.03 0.97 1.12
2 -3.99 ( 0.13 0.21 ( 0.03 0.16 -3.50 ( 0.06 0.13 1.28 -0.08 ( 0.04 1.43 1.46
3 -4.73 ( 0.09 0.24 ( 0.02 0.20 -4.15 ( 0.07 0.18 1.38 -0.10 ( 0.04 1.57 1.59

btc 1 -1.82 ( 0.20 -0.09 ( 0.04 0.26 -1.99 ( 0.08 0.20 0.64 0.05 ( 0.02 0.24 0.85
2 -3.12 ( 0.19 -0.14 ( 0.04 0.25 -3.51 ( 0.04 0.29 1.19 0.06 ( 0.03 0.35 1.77
3 -3.65 ( 0.19 -0.30 ( 0.04 0.37 -4.57 ( 0.10 0.46 1.71 0.12 ( 0.03 0.81 1.98
4 -4.08 ( 0.21 -0.43 ( 0.04 0.50 -5.41 ( 0.12 0.67 1.34 0.24 ( 0.03 0.90 1.01

1 Parameters a1 and a2 are calculated for each carboxylate anion. 2 Only parameter a1 is calculated for each carboxylate anion.
3 Parameter a1/z* (eq) was made equal for all of the carboxylate anions. 4 Calculation of a1/z* (forced) and a1/z* for each carboxylate
anion. 5 Both a1/z* and a2/z* made equal for all of the carboxylate anions. a ε ) mean deviation. b ( standard deviation.

T∆S + A
∆G

) B (15)

A ) -9.5 + 0.25(T - 25) (15a)

B ) -1.37-0.12I1/2 + 0.11 I (15b)

∆H° ) 1 - a(j + m - n) (16)

∆H ) ∆Hc
0 + z*(a1I + a2 I2) (17)
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literature and most are obtained from the temperature
gradients in potentiometric data. In our opinion more direct
calorimetric determinations are needed.

In our results we did not explicitly report ∆Cp values
for the protonation of the different acids, because they are
affected by significant error. It is nevertheless possible,
using some of our own previous results as well as those in
the literature,20,22 to calculate mean values for each pro-
tonation step at 25 °C and I ) 0 mol kg-1:

Final Remarks

This work reports ∆G, ∆H, and T∆S values for the
protonation of some polycarboxylate anions at different
ionic strengths in NaCl aqueous solutions. Our main
comments on the results are as follows:

(i) These are the first results reported in the literature
based on calorimetric and potentiometric measurements
in a wide ionic strength range.

(ii) No data relative to the protonation of tca and btc have
ever previously been published either (in a previous paper
only potentiometric data were reported5).

(iii) Both dependence on ionic strength and thermody-
namic parameter values can be modeled by simple empiri-
cal equations (see eqs 4-6 and 8-12).

(iv) From careful analysis of literature data (together
with a few calorimetric measurements) we calculated
thermodynamic parameters for the ionization of water in
the ranges 0 e T/°C e 60 and 0 < I/mol kg-1 e 5.

Appendix I: Ionization of Water in NaCl Aqueous
Media

Careful studies of the ionization of water were carried
out using both potentiometric and calorimetric techniques.
We systematically analyzed the literature relative to KW

and ∆HW determinations in NaCl aqueous solutions and
selected some 150 log KW, ∆HW, and ∆CpW values at
different temperatures and ionic strengths.23-29 Generally,
different authors’ values are fairly consistent in the ranges
0 e T/°C e 60 and I/mol kg-1 e 3, whereas at higher ionic
strengths differences are greater. We therefore made some
calorimetric measurements, and the values obtained were
∆H (I ) 4.32 mol kg-1) ) -59.86 ( 0.08 and ∆H (I ) 5.54

mol kg-1) ) -61.3 ( 0.1 kJ mol-1. These data were
considered together with literature data. To fit log KW and
∆HW we used the equations:

where

Table 10. Molal Thermodynamic Parameters for the
Ionization of Water at I ) 0 mol kg-1

T/°C log Kw
0 ( 3sa ∆Hw

0 ( 3sa ∆Cp ( 3sa

0 14.944 ( 0.006 -62.56 ( 0.17 317 ( 9
5 14.732 ( 0.006 -61.03 ( 0.14 295 ( 9

10 14.532 ( 0.005 -59.60 ( 0.12 275 ( 7
15 14.343 ( 0.005 -58.27 ( 0.11 258 ( 6
20 14.165 ( 0.005 -57.02 ( 0.11 242 ( 5
25 13.997 ( 0.005 -55.85 ( 0.11 228 ( 4
30 13.837 ( 0.005 -54.74 ( 0.11 216 ( 4
35 13.685 ( 0.005 -53.69 ( 0.11 206 ( 4
40 13.541 ( 0.005 -52.68 ( 0.11 197 ( 5
45 13.404 ( 0.005 -51.72 ( 0.12 189 ( 5
50 13.274 ( 0.006 -50.79 ( 0.12 183 ( 6
55 13.150 ( 0.006 -49.89 ( 0.13 178 ( 7
60 13.032 ( 0.007 -49.01 ( 0.14 174 ( 8

a s ) standard deviation.

∆Cp1
0 ) 245 ( 60 JK-1 mol-1

∆Cp2
0 ) 405 ( 40 JK-1 mol-1

∆Cp3
0 ) 570 ( 55 JK-1 mol-1

∆Cp4
0 ) 730 ( 90 JK-1 mol-1

Table 11. Molal Thermodynamic Parameters for the
Ionization of Water at Different Temperatures and Ionic
Strengths (NaCl)

T I log Kw ( 3sa ∆Hw
0 ( 3sa ∆Cp ( 3sa

°C mol kg-1 kJ mol-1 J K-1 mol-1

5 0.1 14.53 ( 0.01 -61.2 ( 0.1 272 ( 4
15 0.1 14.14 ( 0.01 -58.7 ( 0.1 235 ( 4
25 0.1 13.79 ( 0.01 -56.5 ( 0.1 205 ( 4
35 0.1 13.47 ( 0.01 -54.5 ( 0.1 183 ( 4
45 0.1 13.19 ( 0.01 -52.7 ( 0.1 166 ( 4
55 0.1 12.93 ( 0.01 -51.1 ( 0.1 155 ( 4
5 0.5 14.44 ( 0.02 -61.2 ( 0.3 244 ( 12

15 0.5 14.05 ( 0.02 -58.8 ( 0.3 207 ( 12
25 0.5 13.70 ( 0.02 -56.9 ( 0.2 177 ( 12
35 0.5 13.38 ( 0.02 -55.2 ( 0.2 155 ( 12
45 0.5 13.09 ( 0.02 -53.7 ( 0.2 138 ( 12
55 0.5 12.83 ( 0.02 -52.3 ( 0.2 127 ( 12
5 1 14.46 ( 0.02 -61.2 ( 0.4 226 ( 16

15 1 14.07 ( 0.02 -59.0 ( 0.3 189 ( 16
25 1 13.71 ( 0.02 -57.2 ( 0.3 159 ( 16
35 1 13.39 ( 0.02 -55.7 ( 0.3 137 ( 16
45 1 13.10 ( 0.02 -54.3 ( 0.3 120 ( 16
55 1 12.83 ( 0.02 -53.1 ( 0.3 109 ( 16
5 2 14.58 ( 0.02 -61.5 ( 0.4 204 ( 18

15 2 14.18 ( 0.02 -59.5 ( 0.4 166 ( 18
25 2 13.82 ( 0.02 -57.9 ( 0.3 137 ( 18
35 2 13.50 ( 0.02 -56.6 ( 0.3 114 ( 18
45 2 13.20 ( 0.02 -55.4 ( 0.3 97 ( 18
55 2 12.93 ( 0.02 -54.4 ( 0.3 86 ( 18
5 3 14.73 ( 0.02 -61.8 ( 0.4 185 ( 17

15 3 14.34 ( 0.02 -60.1 ( 0.3 148 ( 17
25 3 13.97 ( 0.02 -58.6 ( 0.3 118 ( 17
35 3 13.64 ( 0.02 -57.5 ( 0.3 95 ( 17
45 3 13.34 ( 0.02 -56.5 ( 0.3 79 ( 17
55 3 13.06 ( 0.02 -55.6 ( 0.3 68 ( 17
5 5 15.09 ( 0.03 -62.7 ( 0.5 146 ( 25

15 5 14.69 ( 0.03 -61.3 ( 0.5 108 ( 25
25 5 14.32 ( 0.03 -60.2 ( 0.4 79 ( 25
35 5 13.98 ( 0.03 -59.4 ( 0.4 56 ( 25
45 5 13.66 ( 0.03 -58.7 ( 0.4 40 ( 25
55 5 13.37 ( 0.03 -58.2 ( 0.4 29 ( 25

a s ) standard deviation.

log K ) log K0 + (-2AF + CI + Df1 + EI2)/ln(10) (18)

∆H ) ∆H0 + R/1000 [-2(-315.14 + 1.2544T)F +
(-p4 + p7T)I + (-p5 + p8T)f1 + (-p6 + p9T)I2] (19)

∆Cp ) ∆Cp
0 + R(1.2544 × 2F + p4f1 + p7I

2) (20)

log K0 ) (1595.3 - 81830/T + 5494500/T2 -
250.56 ln T + 0.25889T)/ln 10 (21)

∆H° ) (81830 - 2 × 5494500/T - 250.56T +
0.25889T2)R/1000 (22)

∆Cp
0 ) (2 × 5494500/T2 - 250.56 + 2 × 0.25889T)R

(23)

A ) (-7.8135 + 315.14/T + 1.2544 ln T)

F ) I1/2/(1 + 1.2I1/2) + 1.667 ln(1 + 1.2 I1/2)
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with

The fit of these data is quite good as shown by the low
errors reported in Tables 10-11 together with thermody-
namic parameters. The value of ∆HW

0 (T/°C ) 25, I ) 0
mol kg-1) can be compared with CODATA30 recommended
ones (∆HW

0 ) -55.82 ( 0.06 kJ mol-1) and with that
proposed by NBS31 (∆HW

0 ) -55.84 kJ mol-1). Other useful
comparisons can be made with the values reported in refs
23-25 and 32-34.
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(12) Bénézeth, P.; Palmer, D. A.; Wesolowski, D. J. Dissociation
quotients for citric acid in aqueous sodium chloride media to 150
°C. J. Solution Chem. 1997, 26, 63-84.

(13) De Stefano, C.; Mineo, P.; Rigano, C.; Sammartano, S. Ionic
strength dependence of formation constants. XVII. The calculation
of equilibrium concentrations and formation constants. Ann. Chim
(Rome) 1993, 83, 243-277.

(14) De Robertis, A.; De Stefano, C.; Rigano, C. Computer analysis of
equilibrium data in solution. ES5CM fortran and basic programs
for computing formation enthalpies from calorimetric measure-
ments. Thermochim. Acta 1989, 138, 141-146.

(15) De Stefano, C.; Sammartano, S.; Mineo, P.; Rigano, C. Computer
tools for the speciation of natural fluids. In Marine Chemistrys
An Environmental Analytical Chemistry Approach; Gianguzza,
A., Pellizzetti, E., Sammartano, S., Eds.; Kluwer Academic
Publishers: Amsterdam, The Netherlands, 1997; pp 71-83.

(16) Clarke, E. C. W.; Glew, D. N. Evaluation of thermodynamic
functions from equilibrium constants. Trans. Faraday Soc. 1966,
134, 539-547.

(17) Pitzer, K. S. Activity Coefficients in Electrolyte Solutions, 2nd ed.;
CRC Press: Boca Raton, FL, 1991.

(18) Barriada, J. L.; Brandariz, I.; Sastre de Vicente, M. E. Acid-base
equilibria of monocarboxylic acids in various saline media:
analysis of data using Pitzer equations. J. Chem. Eng. Data 2000,
45, 1173-1178.
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f1 ) [1 - (1 + 2I1/2) - 2I1/2]

C ) (p1 + p4/T + p7 ln T)

D ) (p2 + p5/T + p8 ln T)

E ) (p3 + p6/T + p9 ln T)

p1 ) 1.7379; p2 ) 29.509; p3 ) 1.0465; p4 ) -6.0803;
p5 ) -1447.1; p6 ) -44.037; p7 ) -0.21111; p8 ) -4.2692;

p9 ) -0.15772; R ) 8.31433
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