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The impact of the variation of temperature from (280 to 323) K on the thermodynamic equilibrium constant
(K°) for the Fe3+CDTA4- + OH- a Fe3+OH-CDTA4- complex formation reaction (CDTA is trans-1,2-
diaminocyclohexanetetraacetic acid) was investigated in alkaline solutions. K° is obtained by multiplying
the equilibrium reaction product (Km) measured from species molal concentrations by the activity coefficient
quotient (γ() predicted by either the Hückel, Bromley, Scatchard, or Pitzer models, all of which required
knowledge of ion-interaction empirical constants. For each temperature set at (280, 288, 298, 305, 313,
323) K ( 1 K, the measured Km values acquired for a multitude of sodium chloride solutions of (1.5 ×
10-4 to 0.95) mol kg-1 were fitted on the (K°/γ() relationship for all four activity coefficient models. K°
and ion-interaction empirical constants were obtained from this action. K° values computed from the six
temperature sets were used to evaluate the reaction enthalpy (∆rHm) and entropy (∆rSm) associated with
the above complex formation reaction. ∆rHm was estimated to be (-17.7 ( 0.5) kJ mol-1, whereas ∆rSm

was fixed at 23.0 J mol-1 K-1. It was also determined that most of the models ion-interaction empirical
constants do not change with temperature in a recognizable way within the studied range. The only
exception involves Pitzer’s ion-interaction summations (Σâ(

0 , Σâ(
1 ) where a slight but definite trend was

observed in relation to temperature.

Introduction

Ferric chelates (e.g., ferric trans-1,2-diaminocyclohex-
anetetraacetate, Fe3+CDTA;4- ferric ethylenediaminotet-
raacetate, Fe3+EDTA4-) are already in use as redox cata-
lysts for the removal of hydrogen sulfide (H2S) contained
in sour gas streams including natural gas.1-5 Hydrogen
sulfide is also part of a vast environmental problem
afflicting pulp mills that use the Kraft process. Current
abatement processes such as gas incineration, chemical
oxidation, and alkaline/amine scrubbing are used to pre-
vent H2S and other reduced sulfur compounds (i.e., CH3-
SH, (CH3)2S, (CH3)2S2) from release into the atmosphere
because they are responsible for unpleasant odors in the
neighborhood. Although mostly efficient, high costs (i.e.,
incinerator, chemical oxidizer) and resulting environmental
predicaments (i.e., SO2 emission, chlorinated byproducts)
reveal the complexity of the problem for which the best
solution must converge toward high H2S/reduced sulfur
removal per invested dollar. With the prospect of stricter
regulations on reduced sulfur emissions, Iliuta and Lara-
chi6 demonstrated the possibilities of a bifunctional redox
process where a ferric chelate (i.e., Fe3+CDTA4-) is used
to throttle H2S emissions (eq 1) while dissolved oxygen
regenerates the ferrous chelate product into the active
ferric form (eq 2). Both reactions are performed simulta-
neously within the same scrubbing device.

To follow up such a program, the composition of the
reactive solution must be looked at with great care. For
instance, alkaline conditions are propitious to accelerate
gaseous H2S absorption to generate hydrosulfides (HS-)
following aqueous H2S dissociation (pKa ) 7.1 at 298 K).
Under such conditions, a hexadentate ligand such as CDTA
with four oxygen and two nitrogen donors matching the
coordination number of iron will form highly stable
Fe3+CDTA.4-7,8 However, this species can evolve into a
seven-coordinate structure (Fe3+OH-CDTA4-) due in part
to steric considerations associated with the ligand.9 Both
species coexist in equilibrium depending on the aqueous
environment characterized by pH, temperature, ionic
strength, and electrolyte composition.

Careful knowledge of Fe3+CDTA4- and Fe3+OH-CDTA4-

concentrations is of utmost importance because each Fe-
(III) species is thought to possess highly contrasting
reactivity toward hydrosulfides. In previous work,10 the
thermodynamic equilibrium constant for the hydroxy com-
plex formation of ferric CDTA (K°) was evaluated at 298
( 1 K using a variety of aqueous environments consisting
of sodium chloride, sodium sulfate, or lithium chloride
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H2S(aq) + 2Fe3+CDTA4- + 2OH- f

S0 + 2Fe2+CDTA4- + 2H2O (1)

2Fe2+CDTA4- + 0.5O2 + H2O f

2Fe3+CDTA4- + 2OH- (2)

Fe3+CDTA4- + OH- a Fe3+OH-CDTA4- (3)
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electrolytic solutions. K° was obtained by multiplying the
measured equilibrium reaction product (Km) with the
activity coefficient quotient (γ() predicted by the Hück-
el,11,12 Bromley,11,13,14 Scatchard,12,15,16 and Pitzer11,17-19

models.

in which s1 and s2 stand for Fe3+CDTA4- and Fe3+OH--
CDTA,4- respectively. Km was measured from species molal
concentrations (ms2, ms1, mOH-) for a multitude of ionic
strengths Im ) (1.5 × 10-4 to 1.8) mol kg-1. However, the
variation of the solution density (F) was neglected in this
earlier study, so the equilibrium species molarity was used
instead of molality (i.e., ms1 ≡ cs1; Km ≡ Kc). In the present
work, Km was calculated using the pH, species molar
concentrations (cs1, cs2), knowledge of the water dissociation
constant at a given temperature (Kw), and estimation of
the solution density (eqs 5 and 6).

where Fw/kg dm-3 is the density of pure water at given
temperature and 0.0585cNaCl accounts for NaCl density
correction. The implicit effect of ionic strength on hydroxide
activity (γOH-) was not directly calculated but rather
lumped into the overall activity coefficient quotient (γ( ≡
γOH-γ(). Kw and Fw values, being functions of temperature,
are given in Table 1.20

In the present work, the thermodynamic equilibrium
constant (K°) for the hydroxy complex formation reaction
(eq 3) was evaluated for every studied temperature at T )
(280, 288, 298, 305, 313, 323) K on the basis of several Km

measurements obtained in a multitude of sodium chloride
solutions of (1.5 × 10-4 to 0.95) mol kg-1. This was achieved
in conjunction with predictions of the activity coefficient
quotient (γ() using the four models, all of which require a
knowledge of ion-interaction empirical constants. For each
temperature set, simultaneous fitting of K° with the
empirical constants was performed on Km measurements.
Then, K° values computed from the six temperature sets
were used to evaluate the reaction enthalpy (∆rHm) and
entropy (∆rSm) associated with the above complex-forma-
tion reaction. The effect of temperature on the ion-interac-
tion empirical constants for each model was also assessed.

Experimental Section

The equilibrium experiments were conducted in a hybrid
aluminum/Plexiglas stirred cell of 12.7 cm i.d. and 25.4 cm
height (Figure 1). The lower section made of aluminum
(12.7 cm high) containing the experimental solution was
in direct contact with the heat-exchanging water bath
outside the stirred cell. The upper section made of Plexiglas

(12.7 cm high) with its low thermal conductivity prevented
important energy loss from the gas phase and thus allowed
better control over the solution temperature. Radial and
axial six-bladed turbine stirrers (6.35 cm i.d.) were cen-
trally located in the stirred cell plunging into the solution
at distances of 2.5 cm (axial stirrer) and 5 cm (radial
stirrer) from the bottom. Four symmetrically mounted
baffles increased the stirring efficiency and prevented
vortex formation.

Ferric CDTA stock solutions were prepared following the
same recipe described previously10 with a final concentra-
tion of (38.5 ( 0.6) × 10-3 mol dm-3 and a pH approaching
4. Overall, (6 ( 0.06) cm3 of the stock solution was added
to (1500 ( 15) cm3 of a NaCl electrolytic solution of
specified ionic strength ranging between 1.5 × 10-4 and
0.95 mol kg-1. This led to a diluted ferric CDTA concentra-
tion of (0.150 ( 0.002) × 10-3 mol dm-3, which was fed to
the stirred cell. Before each trial, a 25 L water reservoir
was preheated to the experimental temperature of T )
(305, 313, 323) K with an immersion heater while its
contents were pumped into the heat-exchanging bath and
recycled back into the reservoir (Figure 1). Ice was used to
regulate cooler temperatures, T ) (280, 288) K. The
measurements began only when the NaCl/Fe3+CDTA4-

solution temperature was attained and controlled to within
(1 K. Then, a sequence of six to seven different Fe3+-
CDTA4-/Fe3+OH-CDTA4- concentration distributions was
obtained by varying the temperature-corrected pH any-
where between 8.05 ( 0.05 and 10.55 ( 0.05. This was
achieved via a pH controller (Liquitron DP5000, LMI
Milton Roy) connected to a Cole-Parmer in-line activity
probe inserted into the cell. NaOH and HCl solutions of
(0.1 ( 0.002) mol dm-3 were employed for pH control. After
the required pH was attained, a sample of the investigated
solution was extracted from the stirred cell via a peristaltic
pump (Varian routine sampler accessory) and rerouted to
the spectrophotometer (Varian Cary 300 model) in-line
cavity for reading in the (225 to 325) nm band. Fe3+CDTA4-

and Fe3+OH-CDTA4- species generate different UV ab-
sorbance spectra in this region. Spectral quantitative
processing was achieved using PLSplus IQ principle com-

Table 1. Temperature-Dependent Water Dissociation
Constant (Kw),20 Water Density (Gw), and Debye-Hu1 ckel
Constant (AO)19

T/K Kw Fw/kg dm-3 Aφ/kg-0.5 mol-0.5

280 0.24 × 10-14 1.000 0.495
288 0.45 × 10-14 0.999 0.502
298 1.00 × 10-14 0.998 0.509
305 1.72 × 10-14 0.995 0.517
313 2.92 × 10-14 0.992 0.524
323 5.47 × 10-14 0.988 0.534

K° ) ( γs2

γs1γOH-
)( ms2

ms1mOH-
) ) γ(Km (4)

Km )
ms2

ms1

γH+γOH-mH+

Kw
)

cs2

cs1

10-pH

KwF
) K°

γOH-γ(
(5)

F ) Fw + 0.0585cNaCl (6)

Figure 1. Stirred cell reactor with appendices: 1, rotor; 2,
makeup acid and base inlet; 3, thermistor; 4, pH probe; 5,
volumetric pumps; 6, heating/cooling water tank; 7, immersion
heater.
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ponent regression (PCR) analysis from Thermo Galactic
Grams/32 AI software according to calibration sets de-
scribed in previous work.10

Equilibrium Reaction Product (Km)
Spectral analysis of the aqueous solution for each T, Im,

pH combination set led to the evaluation of individual
Fe3+CDTA4- and Fe3+OH-CDTA4- concentrations and
therefore the calculation of Km values according to eq 5.
Table 2 presents log Km as a characteristic average of the
five to seven measurements taken at different pH values.
Values for the 298 K set are given in Piché et al.10

Activity Coefficients Modeling (γ()
Alternatives for computing activity coefficients (γ() were

scrutinized in the previous study. First, Hückel adjusted

the extended Debye-Hückel limiting law (eq 7) by adding
a term (-εIm) accounting for increasing ion-ion interac-
tions at higher ionic strengths, Im ) (0.1 to 0.25) mol kg-1.
Otherwise (Im < 0.1 mol kg-1), the extended Debye-Hückel
equation holds properly. Newly fitted salting-out constants
(ε) in conjunction with thermodynamic constants (log K°)
for individual temperature sets are given in Table 3 along
with the quality of fit (i.e., AAE, average absolute error).
This includes a reassessment of the 298 K set (Im e 1 mol
kg-1) published earlier.

Aφ, defined as the Debye-Hückel constant, is temperature-

Table 2. Averaged Equilibrium Reaction Producta for the Fe3+CDTA/Fe3+OH-CDTA Pair in NaCl Aqueous Solutions
Maintained at Various Temperatures and Ionic Strengths

T/K

Ic/mol dm-3b 280 288 305 313 323

(1.78 to 3.94) × 10-4c 4.458 ( 0.061 4.434 ( 0.031 4.236 ( 0.032 4.094 ( 0.025 4.07 ( 0.057
(7.66 to 9.72) × 10-4c 4.457 ( 0.035 4.200 ( 0.049 4.077 ( 0.043
(2.32 to 2.58) × 10-3c 4.428 ( 0.024 4.416 ( 0.038 4.145 ( 0.047 4.083 ( 0.037 4.058 ( 0.055
0.0103 ( 0.0002 4.410 ( 0.031 4.348 ( 0.029 4.121 ( 0.045 4.009 ( 0.034 4.011 ( 0.038
0.0255 ( 0.0005 4.381 ( 0.033 4.300 ( 0.022 4.113 ( 0.035 4.045 ( 0.029 3.998 ( 0.032
0.0502 ( 0.001 4.369 ( 0.022 4.305 ( 0.023 4.125 ( 0.036 4.037 ( 0.023 3.962 ( 0.029
0.0753 ( 0.0015 4.390 ( 0.016 4.137 ( 0.026 4.041 ( 0.037
0.1 ( 0.002 4.403 ( 0.031 4.355 ( 0.028 4.136 ( 0.052 4.052 ( 0.027 3.973 ( 0.022
0.15 ( 0.003 4.440 ( 0.028 4.205 ( 0.017 4.101 ( 0.062 4.035 ( 0.029
0.2 ( 0.004 4.455 ( 0.036 4.420 ( 0.025 4.195 ( 0.042 4.126 ( 0.027 4.055 ( 0.027
0.25 ( 0.005 4.492 ( 0.028 4.249 ( 0.024 4.164 ( 0.033 4.089 ( 0.031
0.35 ( 0.007 4.518 ( 0.035 4.502 ( 0.028 4.278 ( 0.045 4.205 ( 0.022 4.253 ( 0.042
0.5 ( 0.01 4.589 ( 0.044 4.328 ( 0.029 4.346 ( 0.027 4.390 ( 0.028
0.6 ( 0.012 4.641 ( 0.038 4.563 ( 0.012 4.330 ( 0.036 4.398 ( 0.030
0.75 ( 0.015 4.626 ( 0.033 4.636 ( 0.028 4.412 ( 0.020 4.466 ( 0.039 4.514 ( 0.027
1.0 ( 0.02 4.697 ( 0.028 4.685 ( 0.013 4.507 ( 0.038 4.643 ( 0.027 4.625 ( 0.048

a log10 Km ( std deviation of five to seven values. b Ionic strength values are given as NaCl molar concentration values (Ic) except for
cases involving a range where no NaCl was added. In γ( calculations, Im/mol kg-1 was used. c Presence of an ionic strength range is due
to the addition of NaOH solution for pH adjustment.

Table 3. Best Fitted log K° and Activity Coefficient Models Parametersa

T/K

280 288 298 305 313 323

Hückel equation
log K° 4.487 4.428 4.258 4.225 4.122 4.087
log K° + log Kw -10.316 -9.916 -9.742 -9.539 -9.412 -9.175
ε/kg mol-1 1.397 1.510 2.293 1.528 1.663 1.511
AAE (0 < Im < 0.25 mol kg-1) 0.024 0.027 0.039 0.034 0.031 0.030

Bromley model
log K° 4.506 4.450 4.308 4.240 4.119 4.080
log K° + log Kw -10.117 -9.894 -9.692 -9.525 -9.416 -9.182
B1/mol kg-1 1.751 1.819 1.976 1.824 2.004 2.047
B2 2.587 2.707 2.630 2.647 2.646 2.635
AAE (0 < Im < 0.95 mol kg-1) 0.033 0.030 0.060 0.036 0.029 0.039

Scatchard expansion
log K° 4.474 4.420 4.277 4.223 4.111 4.070
log K° + log Kw -10.150 -9.924 -9.723 -9.542 -9.424 -9.192
C1/kg mol-1 -1.606 -1.670 -2.092 -1.573 -1.763 -1.756
C2/kg2 mol-2 1.742 1.821 1.867 1.737 1.627 1.590
C3/kg3 mol-3 -0.784 -0.840 -0.636 -0.879 -0.847 -0.836
AAE (0 < Im < 0.95 mol kg-1) 0.026 0.024 0.039 0.033 0.028 0.040

Pitzer model
log K° 4.491 4.437 4.261 4.239 4.130 4.092
log K° + log Kw -10.133 -9.907 -9.739 -9.526 -9.404 -9.170
∑â(

0 -0.280 -0.291 -0.345 -0.417 -0.912 -0.973
∑â(

1 -4.202 -4.347 -6.265 -4.302 -3.648 -3.583
âsalt

1 -2.486 -2.497 -4.577 -2.938 -2.744 -2.435
AAE (0 < Im < 0.95 mol kg-1) 0.026 0.026 0.037 0.034 0.029 0.040

av of log K° 4.490 4.434 4.276 4.232 4.121 4.082
std deviation of log K° 0.013 0.013 0.013 0.009 0.008 0.010

a AAE is the average absolute error for the equilibrium reaction product.

log10 γ( )
Aφ∆z2xIm

1 + âxIm

(7)
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dependent19 (Table 1), whereas ∆z2 ) 2 and â is simplified
to unity. The best log K° - log γ( correspondence over log
Km was also achieved using Bromley (eq 8) and Pitzer (eq
9) models as well as the Scatchard (eq 10) power series
expansion, all relevant to NaCl solutions. Accordingly,
empirically fitted parameters that are said to be temper-
ature-dependent11 are displayed in Table 3 (Bromley: B1,
B2; Pitzer: ∑â(

0 , ∑â(
1 , âsalt

1 ; Scatchard: C1, C2, C3).

A demonstration of log Km dispersion around Pitzer predic-
tions is shown in Figure 2. Although several cases present
seemingly large deviations within an experimental set,
-log γ( (i.e., Pitzer model) predictions still generate
satisfactory fitting discrepancies within the accepted limits
of AAE < 0.05 on log Km. The scattering is mainly the result
of difficulties in controlling the solution’s pH, which could
be set only within a specified range of (0.05. In addition,
the possible spectral, temperature, and general experimen-
tal errors should explain the extent of log Km scattering.

Figure 2 clearly illustrates that log K° at Im f 0
decreases with increasing temperature. For that reason,
an exothermic reaction enthalpy (∆rHm) is to be expected
on the basis of the reaction given in eq 3. By relating ln K°
values as a function of inverse temperature (Figure 3),
∆rHm was evaluated to be (-17.8 ( 0.5) kJ mol-1 (-2146R/
1000) allowing an entropy of formation (∆rSm) of 22.5 J
mol-1 K-1 (2.704R). In a similar study, Gustafson and
Martell21 estimated ∆rHm and ∆rSm from potentiometric
titration experiments to be (41.9 ( 0.8) kJ mol-1 and -37.7
J mol-1 K-1, respectively, for the following equilibrium: Fe3

+ CDTA4- + H2O h Fe3+OH-CDTA4- + H+. Calculation of
the thermodynamic constants for the latter complex reac-
tion was achieved in our database with the application of
eq 11. By comparison with eq 5 and knowing that γ( does
not transform, a new constant was obtained as K°eq 11 )
K°eq 5Kw (Table 3). Recalculation of the reaction enthalpy
and entropy based on K°eq 11 gives ∆rHm ) (37.9 ( 0.5) kJ
mol-1 and ∆rSm ) -58.7 J mol-1 K-1, which roughly
correspond to the values obtained by Gustafson and Mar-
tell.

K° and γ( Normalization

A quick assessment of modeled γ( ion-interaction pa-
rameters (i.e., ε, B1, and B2; see Table 3) reveals that
temperature does not influence such parameters to a great

extent, at least within the studied temperature range of
(280 to 323) K. This behavior complies with Pitzer’s
affirmation that very little change in its model parameters

log10 γ( )
Aφ∆z2xIm

1 + xIm

- B1Im +
(0.06 - 0.6B1)∆z2

(1 + 3Im/2∆z2)2
Im +

B2xIm{1 - exp(-xIm)} (8)

log10 γ( )
Aφ∆z2

ln 10 ( xIm

1 + 1.2xIm

+ 5
3

ln(1 + 1.2xIm)) +

2Im

ln 10
{∑â(

0 + âsalt
1 exp(-2xIm)} +

∑â(
1 - âsalt

1

ln 10
{1 - (1 + 2xIm) exp(-2xIm)} (9)

log10 γ( ) 2.344
ln 10( xIm

1 + 1.5xIm
) + C1Im + C2Im

2 + C3Im
3

(10)

K° ) γ(

cs2

cs1

10-pH

F
(11)

Figure 2. Experimental log Km as a function of ionic strength
(Im) for NaCl solutions maintained at (a) ∆, 280 K; b, 288 K; ×,
298 K and (b) 4, 305 K; b, 313 K; ×, 323 K (curves correspond to
Km predictions according to Pitzer’s activity coefficient model).

Figure 3. ln K° against 1000 K/T schematic plot based on
averaged K° values from all four activity coefficient models. Best
fit: ln K° ) 2146 K/T + 2.704. (Dotted lines correspond to the
experimental inaccuracy).
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over the (298 to 573) K temperature range should be
detected.11 This observation is especially true for the
Hückel, Bromley, and Scatchard models where no specific
trend was observed. Their fitting parameters averaged over
the six temperature sets are given in Table 4. Inclusion of
these averages into γ( models instead of the individually
adjusted parameter values confirms that one value for each
ion-interaction parameters is sufficient to describe the
whole (280 to 323) K temperature range. Despite an
obvious inflation in the calculation error after normaliza-
tion, the shift in prediction remains within acceptable
limits with a maximum AAE increase of +0.034 leaking
from the Scatchard expansion at 298 K (Table 4). However,
temperature minimally influences Pitzer ion-interaction
summations as shown in Figure 4. Although marginal,
Σâ(

0 and Σâ(
1 exhibit a linear dependence on temperature,

and âsalt
1 can be considered to be constant over the (280 to

323) K range. Accordingly, normalization of the Pitzer
model over the entire database was performed by simul-
taneously fitting Σâ(

0 (as Σâ(S
0 T + Σâ(I

0 ), Σâ(
1 (as Σâ(S

1 T +
Σâ(I

1 ) and âsalt
1 together with optimized ∆rHm and ∆rSm

values through eq 12. Subscripts I and S represent the
intercept and slope of the linearization.

Final normalization of the Pitzer model on the studied
complex-formation reaction is represented in Table 5.
Generally, little optimization was needed, although it was
necessary to homogenize the data sets. The reaction
enthalpy (∆rHm) decreased slightly to (-17.7 ( 0.5) kJ

mol-1, but the entropy (∆rSm) increased by 0.5 J mol-1 K-1

to 23.0 J mol-1 K-1. Otherwise, only Σâ(I
0 and Σâ(I

1 sig-
nificantly diverged from their initial values given in Figure
4.

Conclusions

The thermodynamic equilibrium constant (K°) for the
Fe3+CDTA4- + OH- a Fe3+OH-CDTA4- complex-forma-
tion reaction was evaluated by means of measured con-
centrations and calculations of activity coefficient quotients
in NaCl electrolytic solutions of (1.5 × 10-4 to 0.95) mol
kg-1 ionic strength. The variation of temperature (280 to
323 K) allowed the estimation of the reaction enthalpy
(∆rHm) and entropy (∆rSm), which were determined to be
(-17.7 ( 0.5) kJ mol-1 and 23.0 J mol-1 K-1, respectively.
This was achieved in conjunction with the Hückel, Bromley,
Scatchard, and Pitzer γ( predictions. It was also deter-
mined that most of the models’ ion-interaction empirical
values (ε, Huckel; B1, B2, Bromley; C1, C2, C3, Scatchard;
âsalt

1 , Pitzer) are temperature-independent variables
within the studied range. The only exceptions involve
Pitzer’s ion-interaction summations (Σâ(

0 , Σâ(
1 ) where a

slight but definite linear trend was observed as a function
of temperature. Following the normalization procedure, an
assessment of the quality of fit between log Km and log K°
- log γ( based on individual activity coefficient models gave
the following results: Hückel (AAE ) 0.038 ( 0.014 for Im

< 0.25 mol kg-1), Bromley (AAE ) 0.062 ( 0.014 for Im <
0.95 mol kg-1), Scatchard (AAE ) 0.055 ( 0.012 for Im <
0.95 mol kg-1), and Pitzer (AAE ) 0.043 ( 0.015 for Im <
0.95 mol kg-1).
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