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Protonation of carbonate in aqueous tetraalkylammonium salts at 25◦C
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Abstract

Protonation constants of carbonate were determined in tetramethylammonium chloride (Me4NClaq 0.1≤ I/mol kg−1 ≤ 4) and tetraethylam-
monium iodide (Et4NIaq 0.1≤ I/mol kg−1 ≤ 1) by potentiometric ([H+]-glass electrode) measurements. Dependence of protonation constants
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on ionic strength was taken into account by modified specific ion interaction theory (SIT) and by Pitzer models. Literature da
protonation of carbonate in NaClaq (0.1≤ I/mol kg−1 ≤ 6) were also critically analysed. Both protonation constants of carbonate follo
trend Et4NI > Me4NCl > NaCl. An ion pair formation model designed to take into account the different protonation behaviours of ca
in different supporting electrolytes was also evaluated.
© 2005 Elsevier B.V. All rights reserved.
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1. Introduction

The behaviour of carbonate systems in natural waters, and
particularly in seawater, has been extensively investigated
[1–8]. The main focus of research attention has been the
determination of all the thermodynamic parameters relative
to the carbon dioxide system in order to define the chemi-
cal and geochemical equilibrium data necessary for a better
understanding of the alkalinity of seawater, and with the aim
of identifying a relationship between a CO2 gas–solution
equilibrium and global climate change. The literature reports
carbonate protonation constants in NaCl, KNO3 and NaClO4
media[9,15], mostly without considering the possible inter-
action of carbonate and bicarbonate with the supporting elec-
trolyte cation. A select few data, reported by Harned and
Bonner[16], Näs̈anen[17], Dyrssen and Hansson[18], Thur-
mond and Millero[19], and Patterson et al.[20], take into
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account the effect of the sodium ion on carbonate prot
tion constants. The interaction of carbonate and bicarbo
with the magnesium ion in a mixed NaCl + MgCl2 medium
has also been examined by Millero and Thurmond[21] and
many data are available on carbonate protonation consta
seawater at different salinities. Further selected data de
ing a complete model of interaction of carbonate with
major cation components of seawater have been publish
Hansson[22], Pytkowicz[23], Pytkowicz and Hawley[24],
Whitfield [25] and more recently, by Roy et al.[8], Mojica
Prieto and Millero[26–32]. A potentiometric investigation
weak CO3

2−–Na+ association has been reported by Cape
et al.[33]. Millero and Roy[34] provided a Pitzer equation f
a chemical model for the carbonate system in natural wa

The object of our study is to establish a “baseline”
protonation constants in non-interacting supporting e
trolytes and to compare the values obtained with carbo
protonation constants determined in NaCl or in mixed e
trolyte media in order to quantitatively define cation effe
on the carbon dioxide protonation system. Moreover,
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need suitable protonation constants of carbonate, in differ-
ent media, in a wide ionic strength range, in any study
devoted to the speciation of different elements, since this
inorganic ligand is present in almost all natural fluids and
interacts quite strongly with a large amount of inorganic
and organic cations[9–13,35]. For this purpose,KH

1 and
KH

2 values of carbonate were determined in tetraalkylam-
monium salts [(CH3)4NCl and (C2H5)4NI] as representa-
tive of non-interacting supporting electrolytes. Investigations
were performed by potentiometry ([H+]-glass electrode) at
T = 25◦C in the ionic strength ranges 0.1≤ I/mol kg−1 ≤ 4
and 0.1≤ I/mol kg−1 ≤ 1 for Me4NCl and Et4NI, respec-
tively. The dependence of protonation constants on ionic
strength was taken into account using a modified specific
ion interaction theory (SIT) model[36,37] and by Pitzer
equations[38,39]. Literature data on the protonation of car-
bonate in NaCl(aq) (0.1≤ I/mol kg−1 ≤ 6) were also criti-
cally analysed. The differences between logKH

1 and logKH
2

in tetraalkylammonium salts and the corresponding values
determined in NaCl medium are interpreted in terms of Na+-
carbonate complex formation.

2. Experimental

2.1. Chemicals and solutions
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thermostated jacket, at a temperature of 25± 0.1◦C, were
used. The free hydrogen ion concentration scale was used
(pH =−log[H+]). All titrations were carried out by magneti-
cally stirring and bubbling pure nitrogen through the solutions
in order to avoid O2 and CO2 inside.

2.3. Calculations

Reagent concentrations and electrode system parameters
(apparent standard potential slope and junction potential)
were calculated by the ESAB2M[40] computer program.
Protonation constants were calculated using both BSTAC
and STACO computer programs[41]. The fitting of
protonation constants to determine dependence on ionic
strength was performed by the LIANA computer program
[42] using different models. Weak complex formation
constants were calculated using the ES2WC program[43].
All these programs are based on the least squares method
coupled with the Levemberg–Marquardt damping algorithm.
Speciation diagrams were plotted by the ES4EC program
[41]. Details of calculation methods have been reported
elsewhere[42]. The conversion from molar to molal scale
for the different supporting electrolytes was obtained using
the equation (at 25◦C; c = molar concentration;m = molal
concentration)c/m = d0 + a1c + a2c2, with d0 = 0.99987 and

:
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The Me4NCl (tetramethylammonium chloride, Flu
urum) and Et4NI (tetraethylammonium iodide, Fluk
urum) solutions were prepared by weighting the recry

ized salts from methanol–acetone and the solvent was
letely removed before use. All solutions were prepared u
nalytical grade water (conductivity < 0.1�S) and grade A
lassware was employed. The solutions were boiled to

nate CO2. Reagent grade Na2CO3 and NaHCO3 were adde
o each measurement solution so that total concentratio
0–16 mmol L−1, with ratios Ccarbonate/Cbicarbonateranging

rom 0.1 to 0.8. Reagent concentrations were checke
east squares analysis.

.2. Apparatus and measurements

Potentiometric measurements were carried out u
otentiometric apparatus consisting of a Metrohm mode
utomatic titrant dispenser coupled with a Metrohm m
54 potentiometer and a combination Orion–Ross 8172
lectrode. The estimated accuracy of the potentiometric

em was±0.15 mV and±0.002 mL for emf and titrant vo
me readings, respectively. A volume of 25 mL solu
ontaining Na2CO3 and NaHCO3 together with the suppor
ng electrolyte (Me4NCl or Et4NI) at different ionic strengt
alues was titrated with hydrochloric acid up to pH∼ 5.
or each experiment, independent titrations of HCl solut
ere performed in the same experimental conditions of i
trength and temperature as the systems under study in
o determine formal electrode potentialE◦

ext. Glass cells with

r

a1 =−0.017765 (NaCl),−0.107951 (Me4NCl), −0.184338
(Et4NI), a2 =−6.525× 10−4 (NaCl), 4.833× 10−4

(Me4NCl), 8.112× 10−4 (Et4NI) [valid in the ranges
0≤ I(NaCl)/mol kg−1 ≤ 6; 0≤ I(Me4NCl)/mol kg−1 ≤ 4.3;
0≤ I(Et4NI)/mol kg−1 ≤ 1.2].

3. Results and discussion

3.1. Experimental protonation constants

Protonation equilibria for carbonate are:

CO3
2− + H+ = HCO3

− KH
1 (pKa2)

HCO3
− + H+ = CO2 + H2O KH

2 (pKa1)

Carbonate protonation constants were determined a
ferent ionic strengths in Me4NClaq (0.1≤ I/mol kg−1 ≤ 4)
and Et4NIaq(0.1≤ I/mol kg−1 ≤ 1) and values are reported
Table 1in both molar and molal concentration scales. Sig
cant differences can be observed in logKH

i values for the tw
supporting electrolytes; as expected, the trend for all logKH

i

values is Et4NI > Me4NCl and this increases markedly w
ionic strength. AtI = 1 mol kg−1 these differences are app
ent for both protonation steps >0.1 log units. In turn, value
log KH

i in tetraalkylammonium salts are significantly hig
than in NaCl (see following sections). This behaviour is v
similar to that shown by many inorganic (sulphate, ph
phate) and organic (low molecular weight polycarboxyl
ligands[44–46].
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Table 1
Experimental and smoothed protonation constants of carbonic acid in Et4NI and Me4NCl (molar and molal concentration scales) at 25◦C

I/mol L−1 log KH
1 log KH

2 I/mol kg−1 log KH
1 log KH

2

Experimental values
Et4NI

0.063 10.073± 0.013a 6.208± 0.005a 0.064 10.066 6.202
0.108 10.060± 0.010 6.197± 0.008 0.111 10.050 6.187
0.250 10.100± 0.006 6.205± 0.016 0.263 10.078 6.183
0.480 10.208± 0.007 6.254± 0.027 0.528 10.166 6.213
0.860 10.370± 0.014 6.335± 0.038 1.025 10.294 6.259

Me4NCl
0.110 9.998± 0.011a 6.145± 0.009a 0.112 9.991 6.139
0.255 9.981± 0.006 6.094± 0.008 0.263 9.968 6.081
0.495 10.031± 0.003 6.075± 0.012 0.524 10.006 6.050
0.732 10.105± 0.003 6.072± 0.019 0.797 10.068 6.035
0.980 10.177± 0.011 6.092± 0.016 1.099 10.128 6.042
1.830 10.449± 0.004 6.187± 0.014 2.284 10.353 6.091
2.600 10.690± 0.024 6.281± 0.020 3.613 10.547 6.138
2.850 10.740± 0.018 6.286± 0.022 4.111 10.581 6.127

Smoothed values
Et4NI

0.10 10.054± 0.003a 6.197± 0.003a 0.10 10.044 6.189
0.25 10.100± 0.003 6.207± 0.002 0.25 10.073 6.184
0.50 10.222± 0.003 6.258± 0.002 0.50 10.164 6.209
1.00 10.417± 0.005 6.364± 0.002 1.00 10.289 6.257

Me4NCl
0.10 9.994± 0.004a 6.143± 0.003a 0.10 9.989 6.140
0.25 9.976± 0.003 6.091± 0.003 0.25 9.962 6.081
0.50 10.034± 0.003 6.072± 0.003 0.50 10.001 6.048
1.00 10.191± 0.003 6.098± 0.003 1.00 10.114 6.042
2.00 10.500± 0.003 6.206± 0.002 2.00 10.307 6.079
3.00 10.792± 0.009 6.308± 0.008 3.00 10.458 6.116
4.00 – – 4.00 10.576 6.131

a ±Standard deviation.

3.2. Dependence on ionic strength: smoothing function

Experimental protonation constants can be expressed as
a function of ionic strength by a simple Debye–Hückel type
equation:

log KH
i = log KH◦

i − 0.51 · 2i

√
I

1 + 1.5
√

I
+ L(I ) (1)

where logKH◦
i is the infinite dilution value and L(I) is a linear

function of ionic strength that can be formulated in different
ways. The simplest expression for this linear term is L(I) = CI,
whereC is the only adjustable parameter. Often, this simple
choice is sufficient to explain experimental data in a wide
ionic strength range, generally <3 mol L−1, when the sup-
porting electrolyte is a 1:1 alkali metal salt. For higher ionic
strengths and, in particular, when the supporting electrolyte is
a tetraalkylammonium salt, a more complicated form of L(I)
must be used. Recently[47–49]we proposed the equation:

L(I )

I
= c∞ + c0 − c∞

I + 1
(2)

which, for several systems (polycarboxylates, polyamines),
can be used up toI = 6 mol kg−1. In some cases, the parameter

c∞ is, in turn, a function of ionic strength[50].

c∞ = c(0)
∞ + c(1)

∞ I (3)

The empirical parameters of Eqs.(2) and(3) for the pro-
tonation constants of carbonate in Et4NI and Me4NCl are
reported inTable 2. The values of logKH◦

i in Eq.(1):

log KH◦
1 = 10.3344

log KH◦
2 = 6.3510

were obtained from a critical analysis of literature data (molar
concentration scale), as reported in the next section and using

Table 2
Empirical parameters of Eqs.(2)and(3) for the dependence on ionic strength
of carbonate protonation constants at 25◦C (molar concentration scale)

i c0 c∞ c∞a σa

Et4NI
1 1.735 0.0646 – 0.005
2 0.704 0.1382 – 0.002

Me4NCl
1 1.054 0.297 −0.0027 0.007
2 0.1042 0.228 −0.0213 0.006

a Standard deviation on the fit of Eqs.(2) and(3).
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the protonation constants determined in the present study.
Eqs.(1)–(3)can be used in both molar and molal concentra-
tion scales: smoothed logKH

i values are reported inTable 1.

3.3. Thermodynamic protonation constants

A large numbers of thermodynamic parameters for the
protonation of carbonate at different temperatures have been
reported in literature[9–18,51]. Some of these data were col-
lected and selected, and suitable calculation methods[42]
allowed us to obtain the values:

log KH◦
1 = 10.333± 0.0010; �H0

1 = −14.92± 0.08; �Cp0
1 = 264± 9

log KH◦
2 = 6.3507± 0.0006; �H0

2 = −9.07± 0.07; �Cp0
2 = 395± 8

at 25◦C (�H0/kJ mol−1; �Cp0/J K−1 mol−1) and in the
molal concentration scale. These values are in quite good
agreement with values reported by Harned and Scholes[52],
Harned and Davis[53]: log KH◦

1 = 10.329,�H0
1 = −14.7,

�Cp0
1 = 272, logKH◦

2 = 6.3519,�H0
2 = −9.41,�Cp0

2 =
374; Patterson et al.[20]: log KH◦

1 = 10.337, �H0
1 =

−15.07,�Cp0
1 = 260; Larson et al.[54]: log KH◦

1 = 10.329,
�H0

1 = −14.7, �Cp0
1 = 250.

3.4. Protonation constants in NaCl and Na+-carbonate

n-

in
l-

is a very sharp Et4NI > Me4NCl > NaCl trend; the differences
in log KH

i , ∆i (Et4NI, NaCl) and∆i (Me4NCl, NaCl) can be
expressed by the simple equation (forI ≤ 1 mol kg−1 )

∆i = aiI
2/3 (4)

where ai is an empirical parameter andi is the protona-
tion step. For the two couples of supporting electrolytes,
we have: (Et4NI, NaCl), a1 = 0.83 anda2 = 0.31; (Me4NCl,
NaCl),a1 = 0.60 anda2 = 0.08. The effect of ionic media on
the protonation constants of carbonate can be seen inFig. 3,

where the formation percentages of species are reported in
Et4NI and NaCl aqueous solution. In the experimental con-
ditions used to draw this speciation diagram, the formation
curves for H2CO3

0 and HCO3
− shift by 0.2–0.4 and >0.5

pH units, respectively. These differences can be interpreted
using different models: (a) models which take into account
the differences in activity coefficients in different supporting
electrolytes, such as SIT[36,37]or Pitzer equations[38,39],
which will be examined in subsequent sections; (b) mod-
els which take into account the formation of ion pairs. The
log KH

i versus ionic strength function is quite different, as
a the
d s
a eral
ion pairs

Numerous data can also be found in literature for carbo
ate protonation constants in NaClaq. We selected the values
reported by Harned and Bonner[16], Näs̈anen[17], Dyrssen
and Hansson[18], Thurmond and Millero[19] and Patter-
son et al.[20]. These constants are plotted versus

√
I in

Fig. 1. Using the smoothing function outlined in Section3.2,
we obtained reliable values in the range 0≤ I/mol kg−1 ≤ 6,
at 25◦C. Smoothed protonation constants are reported
Table 3. Mean literature values given in this work are in exce

lent agreement with those reported by Thurmond and Millero
[19], with differences in logKH

1 and logKH
2 amounting to

<0.01 and <0.008, respectively. By comparison,Fig. 2plots
the protonation constants of carbonate in NaCl, Et4NI and

ere

N
a

lready seen, for different supporting electrolytes and
ifferences can be interpreted as Na+-carbonate complexe
fter choosing the baseline supporting electrolyte. In sev
äsanen;�, Thurmond and Millero;�, Harned and Bonner;©, Dyrssen
nd Hansson.
Me4NCl as a function of ionic strength. As can be seen, th

Table 3
Smoothed values of carbonate protonation constants at 25◦C (molal con-
centration scale) in NaClaq

I/mol kg−1 log KH
1 log KH

2

0.10 9.880± 0.001a 6.129± 0.001a

0.50 9.589± 0.001 5.999± 0.002
0.70 9.530± 0.001 5.976± 0.003
1.00 9.476± 0.002 5.959± 0.003
1.50 9.435± 0.002 5.955± 0.003
2.00 9.426± 0.003 5.966± 0.003
3.00 9.457± 0.003 6.015± 0.003
4.00 9.523± 0.003 6.086± 0.003
5.00 9.611± 0.003 6.172± 0.004
6.00 9.715± 0.006 6.270± 0.007

a ±Standard deviation.
Fig. 1. Literature data for the protonation of carbonate at 25◦C. (A) �,
Patterson et al.;�, Thurmond and Millero;�, Dyrssen and Hansson. (B)♦,
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Fig. 2. logKH
i vs. (I/mol kg−1 )1/2 in different supporting electrolytes at

25◦C. Symbol:©, Et4NI; �, NaCl; �, Me4NCl (full lines = theoretical
curves).

previous works[44–46], we took Et4NI as our baseline in
determining weak alkali metal complex formation constants
with low molecular weight inorganic and organic poly-anions
(see also Section4). According to a previously proposed sim-
ple model[43–46], it is possible to calculate weak complex
formation constants from differences in protonation function

Fig. 3. Distribution diagram of carbonate species in different supporting
electrolytes atI = 1.0 mol kg−1 and 25◦C (index: (a) Et4NI; (b) NaCl).
Species: (1) H2CO3; (2) HCO3

−; (3) CO3
2−. Concentration:CCO3

2− =
1.0 mmol L−1.

Fig. 4. Distribution diagram of carbonate species in NaCl atI = 0.5 mol L−1

at 25◦C. Species: (1) CO2; (2) HCO3
−; (3) NaHCO3; (4) Na2CO3; (5)

NaCO3
−; (6) CO3

2−. Concentration:CCO3
2− = 1.0 mmol L−1.

p̄ =
∑

iβH
i

1 + ∑
βH

i

(5)

(βH =�KH) for apparent and baseline protonation constants.
Moreover, it is assumed that dependence on ionic strength is
independent of the different ions and a function only of the
stoichiometry of the reaction[44,45]:

log K = log K◦ − z∗√I

2 + 3
√

I
+ CI + DI3/2 (6)

(z∗ = ∑
z2

react−
∑

z2
prod). K may be the protonation con-

stant (KH) or the weak complex formation constant (KM)
and C and D are empirical parameters, equal for all
species obtained from reactants with the same charges.
The model can be used at moderate ionic strength values,
generallyI < 1 mol L−1, and this study examines the range
0≤ I/mol L−1 ≤ 0.7. By least squares refinement[42], we
obtained the results reported inTable 4. The auto-consistency
of this model is quite good: protonation constants calculated
at infinite dilution agree to within 0.02 log units with those
obtained from analysis of literature data, and mean deviations
in log KH

i are <0.01. Overall, in terms of agreement between
experimental and calculated protonation constants the auto-
consistency of the model is better than 5%.Fig. 4shows the
distribution diagram for Na+-carbonate species in NaCl aque-
o
y
y
c
s

3

essed
a

l

us solution atI = 0.5 mol L−1 andT = 25◦C. The maximum
ield for NaHCO3

0 is ∼40% at pH 7.5–8.5, with NaCO3-

ielding ∼50% at pH 10 (CNaCl = 0.5 mol L−1); small per-
entages (<10%) are observed for the very weak Na2CO3

0

pecies.

.5. Dependence on ionic strength according to SIT

The protonation constants of carbonate can be expr
s a function of activity coefficients as follows:

og KH
1 = log KH◦

1 + log γH+ + log γCO3
2− − log γHCO3

−

(7)
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Table 4
Protonation and Na+ complex formation constants for carbonate at 25◦C (molar concentration scale, 0≤ I/mol L−1 ≤ 1)

Equilibrium logK◦ Cb Db

CO3
2− + H+ = HCO3

−a 10.356± 0.016 1.549± 0.018 −0.626± 0.015
CO3

2− + Na+ = NaCO3
− 1.15± 0.03

CO3
2− + H+ = CO2 + H2Oa 6.338± 0.008 0.755± 0.012 −0.313± 0.010

HCO3
− + Na+ = NaHCO3 0.26± 0.03

NaCO3
− + Na+ = Na2CO3 −0.25± 0.05

a Mean deviations (logKH
exp − log KH

cald) are <0.01 for both protonation steps.
b Empirical parameters for the dependence on ionic strength (Eq.(6)).

log KH
2 = log KH◦

2 + log γH+ + log γHCO3
− − log γCO2

− log aH2O (7a)

whereaH2O is the activity of water that can be calculated from
the osmotic coefficientsφ of different supporting electrolytes
[55,56]at different concentrations:

log aH2O = −0.007824φνm

(ν is the number of ions in the electrolyte andm is the molal-
ity). Using literature values ofφ [56–58], we calculated:

103 log aH2O (NaCl) = −13.04m − 1.124m2 (8)

103 log aH2O (Me4NCl) = −14.50m − 0.58m2 (8a)

103 log aH2O (Et4NI) = −11.73m+ 2.287m2 (8b)

From the work on solubility by Harned and Davis[53],
Thurmond and Millero[19] obtained:

ln γCO2 = 0.242m(NaCl) − 0.0106m2
(NaCl) (9)

or

103 log γCO2 = 105.1m(NaCl) − 4.60m2
(NaCl) (9a)

f
on-

s q.
w

L

i es
i f-
fi ave
(

�

�

w

λ

The interaction coefficientsε are not constant for wide
ionic strength ranges, and can be expressed as a function of
I by the equation:

ε = ε∞ + ε0 − ε∞
I + 1

(12)

and

ε∞ = ε(0)
∞ + ε(1)

∞ I (13)

[note that Eqs.(12)and(13)are identical to Eqs.(2) and(3)].
Protonation data in NaCl from Thurmond and Millero[19]
and from Bretti et al.[47] are

λCO2 = (105.1− 4.60mNaCl)10−3 (14)

ε(H+, Cl−) = 0.136+ 0.0839− 0.136

I + 1
(15)

Using Eqs.(8),(14)and(15)we determined (least squares
calculations) the interaction coefficients of carbonate and
bicarbonate with Na+ (seeTable 5) from protonation con-
stants of carbonate in NaCl reported inTable 3; the stan-
dard deviations on the fit ofσ(log KH

i ) were:σ(log KH
1 ) =

0.008 andσ(log KH
2 ) = 0.021. For interaction coefficients in

Me4NClaq and Et4NIaq we have, from[50]:

ε(H+, I−) = 0.173+ 0.204− 0.173
(16)

m
s

T
S aCl,
M

C
1

8

H
6

I

or the activity coefficient of CO2 in NaCl.
The equation used in SIT treatment of protonation c

tants at different ionic strengths assumes the form of E(1)
ith:

(I ) = I�εi + j log aH2O

is the protonation step,j the number of water molecul
nvolved in the equilibrium,ε the specific interaction coe
cients and for the protonation of carbonate we h
MX = supporting electrolyte)

ε1 = ε(H+, X−) + ε(M+, CO3
2−) − ε(M+, HCO3

−)

(10)

ε2 = ε(H+, X−) + ε(M+, HCO−
3 ) − λCO2 (10a)

ith

CO2 = log γCO2

mMX
. (11)
I + 1

No value forλCO2 in either of the tetraalkylammoniu
upporting electrolytes is available. Long and McDevit’s[59]

able 5
pecific interaction coefficients of carbonate and bicarbonate in N
e4NCl and Et4NI at 25◦C according to the modified SIT model

NaCl Me4NCl Et4NI

O3
2−, M+

ε0 −0.2833 0.7538 1.595
ε

(0)
∞ −0.0026 0.1038 −1.1761

ε
(1)
∞ 0.00115 −0.0304 0.277

σa 0.004 0.006 0.003

CO3
−, M+

ε0 −0.0174 −0.1717 0.056
ε

(0)
∞ 0.0362 −0.1633 −0.5237

ε
(1)
∞ −0.0023 −0.0171 0

σa 0.003 0.005 0.001

/mol kg−1 max. 6 4 1
a Standard deviation on the fit.
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Table 6
Pitzer parameters[38] used in this work for single electrolytes

Electrolyte β(0) β(1) Cφ

NaCl 0.0765 0.2664 0.00127
Me4NCl 0.043 −0.029 0.0078
Et4NI −0.179 −0.571 0.0412
HCl 0.1775 0.2945 0.00080
HI 0.2211 0.4907 0.00482

reported several data relative to the activity coefficients of
CO2 in different electrolytes, and Bergen and Long[60] have
shown the effect of large ion on the same acidic substituted
benzenes. From these reports, it is evident a quite strong low-
ering ofγ in large ion salt solutions. Moreover, this effect was
observed in our laboratory for a series of O-ligands, whose
solubility was studied in NaClaq, Me4NClaqand Et4NIaq(this
laboratory, unpublished results). Estimates for activity coef-
ficients of carbon dioxide are:

log γCO2 = (−0.15± 0.05) (Me4NCl) (17)

log γCO2 = (−0.35± 0.08) (Et4NI) (17a)

These may be reasonable values for our calculations, and
the least squares calculations carried out on our experimental
data gave the interaction coefficients for carbonate in Me4NCl
and Et4NI (seeTable 5, second and third column, respec-
tively).

3.6. Dependence on ionic strength according to Pitzer
equation

For the proton carbonate system, Pitzer equations can be
written as follows:

l H H◦ 4fγ + F1(p)

l

w

f

F

Table 8
Pitzer parameters for carbonate in tetraalkylammonium salts at 25◦C

β(0) β(1) Cφ

M+, CO3
2−

Et4NI −0.82± 0.10a 4.47± 0.18 −0.16± 0.14
Me4NCl 0.04± 0.02 2.46± 0.05 −0.142± 0.008

M+, HCO3
2−

Et4NI −0.54± 0.08 0.96± 0.14 −0.11± 0.08
Me4NCl −0.16± 0.01 0.19± 0.04 −0.046± 0.004

a ±Standard deviation.

F2(p) = p21I + p22f + p23I
2 + 2gβ(1)I (19a)

f = [1 − (1 + 2
√

I)g]

g = exp (−2
√

I)

Parameters forβ(1) in different ionic media have been
reported by Pitzer and are given inTable 6. The values of
parameterspi1, pi2 andpi3 are reported inTable 7. For com-
parison, the values of these parameters in NaCl are reported
in the same Table. Parameterspi1, pi2 andpi3 are, in turn, a
function of Pitzer parameters

1

2
p11 = β

(0)
MCO3

+ β
(0)
HX − β

(0)
MHCO3

1

2
p21 = β

(0)
MHCO3

+ β
(0)
HX

p12 = β
(1)
MCO3

+ β
(1)
HX − β

(1)
MHCO3

− 2β
(1)
MX

p22 = β
(1)
HX + β

(1)
MHCO3

− β
(1)
MX

p13 = C
φ
HX + C

φ
MCO3√

2
− C

φ
MHCO3

+ C
φ
MX

p

w e
c ,
i
c

on-
a d by
T

T
P

E
M
N

og K1 = log K1 +
ln 10

(18)

og KH
2 = log KH◦

2 + 2fγ + F2(p)

ln 10
− log γCO2 − log aH2O

(18a)

here

γ = −0.391

[ √
I

1 + 1.2
√

I

]
+ 1.667 ln

(
1 + 1.2

√
I
)

1(p) = p11I + p12f + p13I
2 + 4gβ(1)I (19)

able 7
arameterspi1, pi2, pi3 of Eqs.(19)and(19a)at 25◦C

p11 p12 p13

t4NI −0.1244 5.142 0.0452
e4NCl 0.7553 2.627 −0.0455
aCl 0.5178 0.2382 −0.0072
a Standard deviation on the fit.
23 = C
φ
HX + C

φ
MHCO3

+ C
φ
MX

here the mixed parametersΦ andΨ are neglected. Using th
oefficients of the supporting electrolyte (shown inTable 6)

t is possible to compute coefficientsβ(0), β(1) and Cφ for
arbonate in Me4NCl and Et4NI; these are given inTable 8.

Extensive treatment of the activity coefficients of carb
te in NaCl using Pitzer equations has been describe
hurmond and Millero[19], and by Millero and Roy[34].

p21 p22 p23 σa

0.3529 2.019 −0.0664 0.002
0.5682 0.5138 −0.0375 0.005
0.5178 0.1747 −0.0115 0.003
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4. Discussion

4.1. SIT parameters in different supporting electrolytes

Specific interaction coefficients (Section3.5,Table 5) are
quite different for different electrolytes, in particular for the
interaction (M+, CO3

2−). This is due mainly to the differ-
ent effects of Na+, (CH3)4N+ and (C2H5)4N+cations on the
structure of water[61]. No comparisons with literature can
be made since our data onε values are presented here for the
first time. It is also worth mentioning that the use of a mod-
ified SIT equation allows the ionic strength range for alkali
metal electrolytes (I> 3 mol kg−1 ) to be extended and per-
mits interaction coefficients for tetralkylammonium salts to
be calculated too. Fitting logKH

i in NaCl using the classic
one-parameter SIT equation gives significantly worse results,
with σ2

0/σ2 = 2.3 and 2 for logKH
1 and logKH

2 , respectively.
The same equation also gives quite unreliable results for pro-
tonation constants in Me4N+ and Et4N+, even at low ionic
strength values.

4.2. Pitzer parameters in different supporting
electrolytes

No comparisons with literature data can be made, because
Pitzer parameters for tetraalkylammonium electrolytes are
r are
o es
w
[
C also
d lyte
u ium
e
( d
( er
t ese
a
s When
γ e
a

4
p

ar-
b ults
o dif-
f t of
p e
r
r el is
v tion
a lec-
t een
o itzer,

although more complicated, is more appropriate than the SIT
model in mixed supporting electrolytes such as natural fluids,
especially hyper saline water. This is due to the fact that it
also considers the interactions of ions with the same charge
or triple ion interactions, which can be quite significant at
I > 1 mol L−1 [38,39].

4.4. Ion pair formation model

The model which uses the formation of alkali metal ion
pairs to explain dependence on medium suffers from two
weaknesses: (i) the arbitrary choice of a baseline background
electrolyte and (ii) the implicit assumption thatγA =γA′ and
γHA =γHA′ , whereγA andγHA are the activity coefficients
of A and HA in the baseline electrolyte, andγA′ andγHA′ , are
the same quantities in the interacting electrolyte, corrected for
ion pair formation. The first issue has been discussed in many
papers, where a consistently Et4N+ > Me4N+ 
 K+ > (or ≈)
Na+ > Li+[44,45,48,62–69]trend is observed for the pro-
tonation of carboxylic and inorganic acids, and these dif-
ferences, in turn, are an increasing function of poly-anion
charge. Moreover, a study of weak alkali metal complexes
using M+–ISE electrodes[70] showed that consistent results
are obtained from the�logKH (Et4NI) method and direct
ISE measurements. Therefore, it would seem reasonable to
assume EtNI to be the baseline, though not an absolute
o but
h t is
n the
a ious
w ,
t
m
l s do
n hod,
t sti-
m )
a exes
f r,
p esser
e

n of
w con-
s
i ed
a prin-
c . If,
o Cs
a ith
c ence
t y-
l l.
[ k
c
a e-
m

eported here for the first time. However, if we comp
ur results (seeTable 8) for tetraalkylammonium electrolyt
ith those reported by Thurmond and Millero[19] in NaCl

as an example for Na+-CO3
2−, β(0) = 0.0362,β(1) = 1.510,

Φ = 0.0052], we can conclude that Pitzer parameters
iffer noticeably depending on the supporting electro
nder consideration. Data reported for tetraalkylammon
lectrolytes are valid if (a) the approximation [Eqs.(17)and
17a)] for the activity coefficient of CO2 is suitable, an
b) neglectingΦ and Ψ terms does not significantly alt
he results. At the moment, there is no way to verify th
ssumptions butpi values for Eqs.(19) and(19a)are valid
ince they are independent of the above assumptions.
CO2 (in Me4NCl and Et4NI), Φ andΨ parameters becom
vailable, newβ(0), β(1) andCφ values can be calculated.

.3. Comparisons between SIT and Pitzer treatment of
rotonation data

Both models work very well for the protonation of c
onate in tetraalkylammonium electrolytes. All the res
btained in this work show that there is no significant

erence in fitting ability between SIT and Pitzer treatmen
rotonation data, as can be seen inFig. 5a and b, where som
esidual plots of logKH

i (i = 1,2) in Et4NI and Me4NCl are
eported in a wide ionic strength range. The SIT mod
ery simple to use and gives good results for protona
nd formation equilibria in single or mixed supporting e

rolytes by taking into account only interactions betw
pposite charges. However, the model proposed by P
4
ne. The second assumption is more difficult to justify,
ere again empirical evidence is of help. First of all, i
ecessary to define an ionic strength range in which
ssumption may be valid, and this was indicated in prev
orks [43–45,62,66]to be 0≤ I/mol L−1 ≤ 1. In this range

he results obtained using�logKH (Et4NI) and M+–ISE
ethods are quite consistent; in addition, all alkali metalO

igands behave in a very similar way. Even if these factor
ot unambiguously demonstrate the validity of the met

hey furnish two important pieces of information: (a) an e
ate of the formation constants of M+–Az− ion pairs and (b
comparison of the strengths of different weak compl

or different alkali metal O ligand systems. In particula
oint (b) must be affected by the above assumptions to a l
xtent.

Several investigations have reported on the formatio
eak complexes based on differences in protonation
tants when tetramethylammonium chloride[64,71,72]or,
n a few cases, CsCl ([73]and references therein) is us
s the baseline salt. This approach may be correct in
iple but can lead to some difficulties in interpretation
n the one hand, all tetraalkylammonium cations (and+)
re considered incapable of interacting significantly w
arboxylic anions, on the other there is abundant evid
hat Me4N+ and Cs+ have a lowering effect on carbox
ate protonation constants[62]. Recently, Capewell et a
33] reported formation constants for Na+-carbonate wea
omplexes using protonation constants in CsClaq, Me4NClaq
nd NaClaq media, and ISE–Na+ potentiometric measur
ents. They found logKNa = 0.40± 0.05 (I= 1.0 mol L−1,



1110 F. Crea et al. / Talanta 68 (2006) 1102–1112

Fig. 5. (a) Residual plots for comparison of SIT and Pitzer treatment of protonation data (logKH
1 ) at different ionic strength values andT = 25◦C (symbol:

�, SIT;�, Pitzer). (b) Residual plots for comparison of SIT and Pitzer treatment of protonation data (logKH
2 ) at different ionic strength values andT = 25◦C

(symbol:�, SIT;�, Pitzer).

Me4NCl) and logKNa = 1.29± 0.05 (I= 0 mol L−1, extrap-
olation of data obtained in CsClaq medium). By performing
analogous calculations using our data (protonation constants
in NaClaq from literature analysis and in Me4NCl), we found
logKNa = 0.96± 0.15 and 0.79± 0.12 atI/mol L−1 = 0 and
1, respectively. The order of magnitude of formation con-
stants is comparable but calculation of formation percent-
ages allowed significant discrepancies to be observed. But-
tler and Huston[74], employing both sodium amalgam and
ISE–Na+ electrodes found logKNa = 0.96 atI = 0 mol kg−1.
Garrels et al.[75] reported (pH-activity measurements,
I = 0 mol L−1) logKNa = 1.27, and Pytkowicz and Hawley
[24] obtained (ISE–H+ measurements in artificial seawater,
I = 0.7 mol L−1) logKNa = 0.63. The latter data from literature
are also quite consistent, but the problem of interpretation
remains and we need further (and independent) experimental
evidence and in-depth analysis of literature data.

Our research group has already published some papers
dealing with the determination of weak formation con-

stants of some Na+–organic and inorganic ligand species
using the�logKH (Et4NI) method, and some results are
reported inTable 9. The formation constants of carbonate
complexes are fairly close to those of the other systems,
and for the data shown inTable 9 we have average val-
ues of logK (Na+ + L2− = NaL−) = 0.95± 0.15 and logK
(Na+ + HL− = NaHL0) = 0.15± 0.15, indicating that these
weak interactions are not specific in nature.

4.5. Final remarks

This work is the first to report carbonate protonation data in
aqueous tetraalkylammonium salts in a wide ionic strength
range, and results and literature data are discussed. Differ-
ent models were used to express the function logKH versus
ionic strength. We must stress the importance of providing
thermodynamic data for the protonation of poly-anions of
analytical and environmental interest in different electrolyte
solutions, since both dependence on ionic strength and (to an
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Table 9
Formation constants of Na–L systems, with L = dicarboxylates, phosphates
and sulphates atI = 0 mol L−1 andT = 25◦C

System logKM

Na(succinate)−a 0.85
Na(Hsuccinate)0a 0.15
Na(malonate)−a 0.91
Na(Hmalonate)0a −0.04
Na(malate)−a 0.66
Na(Hmalate)0a 0.15
Na(maleate)−a 1.18
Na(Hmaleate)0a 0.10

Na(HPO4)−b 1.07
Na(H2PO4)0b 0.28

Na(SO4)−c 0.80
Na(SO4)−d 0.73

Na(CO3)−e 1.15
Na(HCO3)0e 0.26

a Daniele et al.[44].
b Daniele et al.[76].
c De Robertis et al.[70].
d Martell and Smith[9].
e This work.

even greater degree) dependence on ionic media are of fun-
damental importance. SIT and Pitzer interaction parameters,
together with formation constants for weak Na+ ion pairs,
are a contribution to the building of databases of analytical,
biological and environmental interest.
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