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Abstract

The kinetics of Fe(II) oxygenation in aqueous solutions over the pH range 6.0–8.0 have been revisited in terms of kinetic
modeling approach, rate constant estimation and the importance of various oxidation pathways. Despite the experimental
agreement with earlier studies, previous oxidation models (which describe the oxidation of micromolar Fe(II)) have failed
to provide an adequate description of Fe(II) oxidation at nanomolar concentrations. This failure could be due to the difficul-
ties in reliably estimating values for the large number of kinetic and stability constants involved but is more likely associated
with the fact that several reaction pathways that could become important at low Fe(II) concentrations have not been included
in the previous models. A condition-specific model has been developed which uses a single Fe(II) entity as a representative of
all Fe(II) species to overcome the difficulty of dealing with the large number of unknown kinetic constants. By incorporation
of various reaction pathways, the model is shown to be capable of adequately describing the oxidation of Fe(II) over a range
of pH and initial Fe(II) concentrations. While the oxidation of Fe(II) by oxygen and superoxide is critically important at any
pH and initial Fe(II) concentration considered, oxidation of Fe(II) by hydrogen peroxide only becomes critical at high pH and
high Fe(II) concentrations or in the later stage of the oxidation process. Back reduction of Fe(III) by superoxide is important
at low initial Fe(II) concentrations and high pH. Precipitation of Fe(III) on the other hand exerts a marked effect in the overall
oxidation of Fe(II), particularly at high pH. Disproportionation of superoxide has minimal effect on the overall oxidation of
Fe(II), despite the rapidity of this process at low pH.
� 2008 Elsevier Ltd. All rights reserved.
1. INTRODUCTION

Iron is an element of great biological significance with two
important oxidation states in natural waters, Fe(II) and
Fe(III). Despite being more thermodynamically stable,
Fe(III) quickly hydrolyzes and precipitates at circumneutral
pH and thus becomes unavailable for direct biological up-
take. In contrast, the reduced Fe(II) is far more soluble than
Fe(III) and is involved in a number of iron uptake strategies
by microorganisms (Anderson and Morel, 1982; Sunda,
0016-7037/$ - see front matter � 2008 Elsevier Ltd. All rights reserved.
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2001). However, in oxygenated waters, Fe(II) is rapidly oxi-
dized to Fe(III) with a half-life on the order of minutes at
pH around 8.0. Because Fe(III) is highly insoluble, the rate
at which Fe(II) is oxidized to Fe(III) is critical in determining
the fate of iron and its bio-availability in many natural water
systems (Salmon et al., 2006; Garg et al., 2007).

Since the first quantitative study of Fe(II) oxidation un-
der natural water conditions by Stumm and Lee (1961), a
large number of studies of the kinetics and mechanism of
Fe(II) oxidation have been undertaken under conditions
relevant to both freshwaters (Tamura et al., 1976a,b; Sung
and Morgan, 1980; Davison and Seed, 1983), brines (Trapp
and Millero, 2007) and seawater (Millero et al., 1987). The
effects of various anions, particle surfaces, temperature,
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ionic strength and salinity on the oxygenation of Fe(II) in
aqueous solutions have also been reported (Tamura et al.,
1976a,b; Sung and Morgan, 1980; Millero, 1985, 1989; Mil-
lero and Izaguirre, 1989).

Until the early 1990s, all systematic studies of Fe(II) oxi-
dation had been conducted using micromolar concentra-
tions of Fe(II). At these concentrations, the overall
kinetics of oxidation of inorganic Fe(II) can be described
as a function of pH and oxygen concentration (Stumm
and Lee, 1961; Millero et al., 1987) in the following manner:

d½FeðIIÞ�
dt

¼ �k½FeðIIÞ� O2½ � OH�½ �2 ð1Þ

where k (in M�3 s�1) is a universal oxidation rate constant
of Fe(II) oxygenation.

At a given pH and with an excess of O2 (most typically
in equilibrium with the atmosphere), the reaction becomes
pseudo first-order; i.e.,

d½FeðIIÞ�
dt

¼ �kapp½FeðIIÞ� O2½ � ¼ �k0½FeðIIÞ� ð2Þ

where kapp (in M�1 s�1) is the pH-dependent second-order
rate constant and k0 (in s�1) is the pseudo first-order rate
constant of Fe(II) oxidation.

Although a mechanism of Fe(II) oxygenation which in-
volves intermediate reactive oxygen species (e.g.,
HO2

�=O2
��, H2O2 and OH�) was proposed by Weiss many

years ago (Weiss, 1935), it is not clear whether the O2
��

and OH� produced as a result of Fe(II) oxidation (in cir-
cumneutral pH) are effective as Fe(II) oxidants or whether
these intermediates react with other compounds that are
predominant in the solution such as Cl� and CO3

2�. Addi-
tionally, the relative importance of Fe(III) hydrolysis and
precipitation compared to reduction of Fe(III) by O2

�� is
unclear. Recently, King et al. (1995) developed a detailed
model of Fe(II) oxidation in homogenous solution based
on the Haber and Weiss mechanism (hereafter referred as
the King model) and addressed these specific issues.
According to this mechanism, the oxidation of Fe(II) is de-
scribed by reactions (3)–(6) with reactions 3 and/or 5 being
rate-limiting (King et al., 1995).

FeðIIÞ þO2 ! FeðIIIÞ þO2
�� ð3Þ

FeðIIÞ þO2
�� þ 2Hþ ! FeðIIIÞ þH2O2 ð4Þ

FeðIIÞ þH2O2 ! FeðIIIÞ þOH� þOH� ð5Þ
FeðIIÞ þOH� ! FeðIIIÞ þOH� ð6Þ

King et al. (1995) have shown that the hydroxyl radical
(OH�) will not play any significant role in the oxidation of
Fe(II) because other predominant reductants such as Cl�

and HCO3
� will out compete Fe(II) for OH�. Superoxide

and hydrogen peroxide however were found to be impor-
tant intermediate oxidants of Fe(II) (King et al., 1995).

While King and co-workers (1995) did not find back
reduction of Fe(III) by superoxide ðO2

��Þ to be important, re-
cent investigations on the kinetics of Fe(II) oxidation at
nanomolar concentrations (Emmenegger et al., 1998; Rose
and Waite, 2002; Santana-Casiano et al., 2005) and micro-
molar concentrations at low bicarbonate concentrations
(Pullin and Cabaniss, 2003a,b) suggested that it is necessary
to include this reaction in the oxidation model. In addition,
because Fe(III) rapidly precipitates at circumneutral pH
(Pham et al., 2006) the precipitation reaction has also been re-
cently incorporated in the oxidation model proposed by Rose
and Waite (2002) and Santana-Casiano et al. (2005). The
introduction of back reduction of Fe(III) by superoxide helps
to explain the non-pseudo first-order decay of Fe(II) that is
often observed in the later stages of Fe(II) oxidation at nano-
molar concentrations (Rose and Waite, 2002).

Although the King model is able to describe the oxida-
tion of Fe(II) under various experimental conditions (King,
1998), and has been used as the basis for a number of sub-
sequent studies (Emmenegger et al., 1998; King, 1998; King
and Farlow, 2000; Santana-Casiano et al., 2004, 2005,
2006), the model over-predicts the rate of micromolar
Fe(II) oxidation in the presence of low carbonate concen-
trations, particularly at high pH (Pullin and Cabaniss,
2003a). In addition, interpretation of the original model
(King et al., 1995) in light of Fe(II) speciation (King,
1998; Santana-Casiano et al., 2004, 2005, 2006) has suffered
from a number of limitations including: (i) the large number
of unknown rate constants and (ii) the notable discrepancy
in the reported oxidation rate constants of individual Fe(II)
species between different studies. Recently, Santana-Casi-
ano and co-workers (Santana-Casiano et al., 2005, 2006)
have attempted to develop a complete Fe(II) oxidation
model in which the oxidation rate constants of various
Fe(II) species with O2, O2

�� and H2O2 are reported. How-
ever, as discussed later, these rate constants may not be
accurately predicted due to the significant number of fitting
parameters involved in their model.

In contrast to the speciation approach, the condition-
specific model or the so-called ‘‘FeL” model which was
developed by Rose and Waite (2002) assumes the involve-
ment of single Fe(II) and Fe(III) entities in the oxidation
process. This approach has been used as the basis for a
number of recent publications on the transformation of
iron in natural waters (Rose and Waite, 2001, 2002,
2003a,b,c,d, 2005, 2006; Fujii et al., 2006; Pham et al.,
2006; Salmon et al., 2006). The major advantage of this ap-
proach is that the model is relatively simple with far fewer
fitting parameters required. In addition, the model de-
scribes the system kinetically with no extensive/accurate
knowledge of Fe(II) or Fe(III) speciation required. How-
ever, the ‘‘FeL” model does not provide insight into the oxi-
dation mechanism which may be necessary to explain the
variation in rate of Fe(II) oxidation at different experimen-
tal conditions, particularly over a range of pH.

In this study, the kinetics of inorganic Fe(II) oxidation
at nanomolar concentrations have been investigated over
a pH range 6.0–8.0 in aqueous solutions using colorimetry.
The results obtained are used to test the homogenous Fe(II)
oxidation models of King (1998) and Santana-Casiano
et al. (2004). A detailed kinetic model is then developed
using the ‘‘FeL” modeling approach to describe the oxida-
tion of Fe(II) at different initial Fe(II) concentrations and at
different pH. By coupling with an Fe(II) speciation model,
results from the kinetic model are used to estimate the
intrinsic oxygenation rate constants of various Fe(II) spe-
cies. Discrepancy between experimental results and mod-
eled rate constants of the previous Fe(II) oxidation



Table 1
Modeled reactions for the oxidation of inorganic Fe(II)

No. Reaction Note

1 FeðIIÞ þO2 ! FeðIIIÞ þO2
�� 1

2 FeðIIÞ þO2
�� þ 2Hþ ! FeðIIIÞ þH2O2

2

3 Fe(II) + H2O2 ? Fe(III) + OH� + OH� 3

4 FeðIIIÞ þO2
�� ! FeðIIÞ þO2

2

5 Fe(III) + FeI ? AFO + nH+ 4

6 O2
�� þO2

�� þ 2Hþ ! H2O2 þO2
5

1 Fitting parameter.
2 Rush and Bielski (1985).
3 Gonzalez-Davila et al. (2005).
4 Pham et al. (2006) where FeI represents total inorganic Fe(III);

AFO (amorphous ferric oxide) represents both polymeric and
particulate forms of Fe(III).

5 Zafiriou (1990).
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studies is examined. The relative importance of individual
reactions in the Fe(II) oxidation model is also discussed.

2. EXPERIMENTAL

2.1. Reagents

All solutions were prepared using 18 MX cm Milli-Q
water. All chemicals were analytical grade and purchased
from Sigma–Aldrich (or as otherwise stated). The primary
standard ferrous ammonium sulfate hexahydrate (Fe(NH4-

SO4)2�6H2O) (Ajax Chemical) was kept in an air-tight des-
iccator at all times to help minimize in-bottle oxidation of
Fe(II). All glassware was acid washed (using 5% w/v
HNO3) one week before use. Stock solutions were refriger-
ated (at 4 �C) in the dark when not in use.

Solutions at pH 6.0, 6.5, 7.0, 7.5 and 8.0 were prepared by
adding appropriate concentrations of NaOH or HCl to solu-
tions containing 10 mM buffer (MES hydrate, SigmaUltra
for pH 6.0 and 6.5 and HEPES, SigmaUltra for pH 7.0,
7.5 and 8.0), 2 mM NaHCO3 and 0.1 M NaCl. All pH mea-
surements were made using a Hanna HI9025 pH meter com-
bined with a glass electrode and Ag/AgCl reference. The pH
electrode was calibrated using NIST buffer solutions (pH
4.01, 7.01 and 10.01). During the course of experiments,
no shift in pH was detectable to within ±0.02 pH units.
pH error due to the difference in ionic strength between the
NIST standard buffers (pH 4.01, I = 0.05; pH 7.01,
I = 0.13; and pH 10.01, I = 0.05) and sample solutions
(I = 0.1) is minor and is thus ignored in this study.

All studies were undertaken in water-jacketted beakers
with temperature maintained at 25 ± 0.6 �C using a Therm-
oline recirculator. The reactor was sealed during the exper-
iments to prevent CO2 exchange between the solutions and
the atmosphere. All experiments were conducted under
ambient light conditions.

The Fe(II) stock solution was prepared weekly by dis-
solving ferrous ammonium sulfate hexahydrate in 2 mM
HCl. This acidity was sufficient to avoid significant oxida-
tion of Fe(II) over time yet was low enough such that pH
change was minimal when added to sample solutions.

A ferrozine working solution of 1 mM was prepared
by dissolving 3-(2-pyridyl)-5,6-diphenyl-1,2,4-triazine-p,p0-
disulfonic acid, monosodium salt hydrate in buffer solutions
and pH was adjusted accordingly. Ferrozine (FZ) was used as
a color forming agent for determination of Fe(II) because it
reacts extremely rapidly with Fe(II) (Thompsen and Mott-
ola, 1984; Lin and Kester, 1992) to form a stable purple com-
plex at neutral pH (FeIIFZ3) with maximum absorbance at
562 nm and molar absorptivity of e562 = 30,000 M�1 cm�1

(Stookey, 1970; Viollier et al., 2000). In addition, FZ does
not bind Fe(III) to any significant extent (Pullin and Caban-
iss, 2003a) and is commercially available.

2.2. Experimental procedure

Fe(II) stock was added to buffer solutions to create solu-
tions of initial Fe(II) concentrations (denoted as [Fe(II)]0)
of 25, 50 and 100 nM at pH 6.5, 7.0, 7.5 and 8.0 and the
reaction time was recorded. Because Fe(II) oxidizes quite
slowly at pH 6.0, oxidation at initial Fe(II) concentrations
of 50 and 100 nM only was examined. Hydrogen peroxide
contamination in laboratory Milli-Q water and in buffer
solutions used has been found to be no more than 25 nM
and, at this concentration, has only a minor impact on
the oxygenation kinetics of Fe(II).

A peristaltic pump was used to draw the sample and fer-
rozine solutions into a mixing tee junction before passage
through a 1.0-m path length cell (LWCC Type II, World
Precision Instruments). The resulting FeIIFZ3 complex
was measured colorimetrically at 562 nm using an Ocean
Optics spectrophotometry system (a combination of a
broadband Tungsten Halogen lamp and a S2000 spectro-
photometer). The absorbance was baseline corrected at a
reference wavelength of 690 nm. The spectrophotometer
was zeroed for each run using control solution (to which
no iron was added) to account for the absorbance of the
background solution and ferrozine at 562 nm.

Calibration curves (linear) were developed at any pH
examined based on the absorbance measured (at 562 nm)
when different concentrations of Fe(II) were added to the
buffer solutions containing 0.5 mM FZ (Half of the ferro-
zine concentration was used to that in the actual kinetic
run in order to account for a dilution factor of 2 that occurs
on mixing the sample and reagents).

2.3. Modeling method

The inorganic oxidation of Fe(II) in aqueous solutions
over the pH range 6.0–8.0 was modeled using an approach
similar to that developed by Rose and Waite (2002). A list
of the reactions considered is shown in Table 1.

In this model, Fe(II) and Fe(III) represent all inorganic
ferrous and ferric species, respectively. As illustrated in
King (1998) and Santana-Casiano et al. (2006), different
Fe(II) species may react with oxygen, superoxide and
hydrogen peroxide at significantly different rates. Ideally,
therefore, separate oxidation reactions for each of the var-
ious iron species should be included in the model as was at-
tempted by Santana-Casiano et al. (2005, 2006). However,
uncertainty with respect to the most appropriate thermody-
namic formation constants for the various species coupled
with the large number of unknown kinetic constants ren-
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ders development of a unique model for such a complex
system very difficult. On the other hand, the use of Fe(II)
as a single entity to represent the various ferrous species
(the ‘‘FeL” modeling approach) has the advantages of
being much simpler and has been shown to be capable of
adequately describing the oxidation of Fe(II) at a single
pH (Rose and Waite, 2002). We therefore adopt the FeL
approach in this study.

In addition to the Rose and Waite (2002) modeling
scheme, the disproportionation of superoxide is included
in our model to take into account the rapid formation
of hydrogen peroxide at low pH. The precipitation reac-
tion is also modified based on our current findings with re-
gard to the kinetics of Fe(III) precipitation (Pham et al.,
2006). Because OH� reacts rapidly with both chloride
and carbonate species (McElroy, 1990; Weeks and Raban-
i, 1966), it may not be a significant Fe(II) oxidant in our
system which contains 0.1 M NaCl and 2 mM NaHCO3.
King et al. (1995) predicted that less than 1% of the
OH� is reduced directly by Fe(II) in their system of
0.7 M NaCl and 9 mM NaHCO3. The oxidation of Fe(II)
by hydroxyl radical (OH�) produced from reaction 3 (Ta-
ble 1) is therefore not included in our model. Adsorption
of Fe(II) on to iron oxyhydroxides and oxides and hence
autocatalytic oxidation effects are negligible at low Fe(II)
concentrations (Stumm and Lee, 1961; Tamura et al.,
1976b). Accordingly, these processes are not included in
the model.

It is possible that intermediate radical species which are
generated from the reaction of hydroxyl radical with
inorganic and organic buffer molecules may act as potential
oxidants of Fe(II). While the issue is unresolved for inor-
ganic radical species, Rose and Waite (2006) concluded that
oxidizing organic radicals are unlikely to be major Fe(II)
oxidants due to the rapid disproportionation of these spe-
cies. In this study, it is assumed that most inorganic radicals
either decay rapidly via disproportionation or are con-
sumed by the dominant inorganic species (principally
HCO3

� and Cl�). Oxidation of Fe(II) by intermediate rad-
icals other than superoxide and hydrogen peroxide there-
fore is considered to be negligible in our system and not
included in the model.

Using known (or assumed) rate constants for reactions
(2)–(6), estimation of k1 at different pH was performed by
fitting the experimental data (e.g., decay of [Fe(II)] over
time) to the kinetic model described in Table 1 using the ki-
netic program PRESTO (Wulkow, 2004). It should be
noted that kapp (as defined in Eq. (2) and used as the fitting
parameter in the King model) is the rate constant for the
overall loss of Fe(II) while k1 (as defined in reaction 1,
Table 1 and used as the fitting parameter in the study
described here) is the rate constant for the one-electron
transfer step, yielding superoxide.

2.4. Speciation model

A knowledge of the speciation of Fe(II) is used in the
estimation of the intrinsic rate constants of various Fe(II)
species with O2 once the values of k1 have been evaluated
at different pH. The speciation of Fe(II) was calculated
using the speciation program MINEQL+ (Schecher and
McAvoy, 1992) with the list of equilibrium reactions used
and their corresponding stability constants given in Table
2. Since the study was conducted under the condition of
low concentrations of Fe(II), formation of Fe(II)-contain-
ing solids was generally unimportant and therefore not con-
sidered in the speciation calculations.

3. RESULTS AND DISCUSSION

3.1. Oxidation of Fe(II) at nanomolar concentrations

A summary of the pseudo first-order rate constants
(according to Eq. (2)) for the oxidation of 25, 50 and
100 nM of Fe(II) in solutions of 10 mM buffer, 0.1 M NaCl
and 2 mM NaHCO3 over the pH range 6.0–8.0 is given in
Table 3. Comparison of these rate constants with the previ-
ously reported values is given in Fig. 1.

In general, the rate of inorganic Fe(II) oxidation at
nanomolar concentrations is relatively slow at low pH. As
indicated in Table 3, the half-time (t1/2 = 0.693/k0) for oxy-
genation of 50 nM Fe(II) is approximately 5 h at pH
around 6.0 and about 1 h at a pH of around 7.0. However,
as the pH increases, Fe(II) oxidizes much more rapidly with
the half-life of Fe(II) at pH 8.0 around 3 min. The rapid in-
crease in the oxidation kinetics of inorganic Fe(II) with
increasing pH as suggested by King (1998) and Santana-
Casiano et al. (2004), is due to the changes in Fe(II)
speciation and particularly due to the increase in the con-
centration of highly reactive species such as FeðOHÞ20

and FeðCO3Þ22� and intermediate reactive species such as
Fe(CO3)(OH)�. Table 3 also indicates that increase in the
initial concentration of Fe(II) from 25 to 100 nM does
not show any significant effect on the pseudo first-order rate
constant of Fe(II) oxidation at any pH.

Previous studies of the oxidation of micromolar concen-
trations of Fe(II) in both seawater and synthetic media
(Millero et al., 1987) indicate higher rate constants at pH
above 7.0 (synthetic media) and 7.5 (seawater) and lower
rate constants at pH below 7.0 (synthetic media) and 7.5
(seawater) than found in studies undertaken here and else-
where (Santana-Casiano et al., 2005) (Fig. 1). Because both
FeðCO3Þ22� and Fe(CO3)(OH)� are reactive to oxygen
(King, 1998), studies in solutions containing high bicarbon-
ate concentrations (e.g., 9 mM NaHCO3) would be ex-
pected to exhibit faster overall oxidation rates of Fe(II)
than would be the case in solutions of lower bicarbonate
content. In seawater, however, faster oxidation kinetics of
micromolar Fe(II) at pH higher than 7.5 than that at nano-
molar concentration of Fe(II) found in this study and that
of Santana-Casiano et al. (2005) seems less obvious because
the media in both cases exhibit similar bicarbonate
concentrations.

According to Santana-Casiano and co-workers (2005),
faster oxidation at micromolar concentrations of Fe(II) at
pH higher than 7.5 is likely due to the rapid formation of
H2O2. Indeed, at high concentration, H2O2 may become
an important Fe(II) oxidant and back reduction of Fe(III)
by superoxide, the process that reduces the net oxidation of
Fe(II), then becomes irrelevant. In addition, autocatalysis



Table 2
Stability constant at 25 �C and I = 0 for Fe(II) speciation model

No. Species logKa Ref

1 H+ + OH� = H2O 14.0 1
2 Hþ þ CO3

2� ¼ HCO3
� 10.3 1

3 2Hþ þ CO3
2� ¼ H2CO3

� 16.7 1
4 NH3 þHþ ¼ NH4

þ 9.24 2
5 Hþ þ SO4

2� ¼ HSO4
� 1.99 2

6 Fe2+ + H2O = FeOH+ + H+ �9.51 2
7 Fe2þ þ 2H2O ¼ FeðOHÞ20 þ 2Hþ �20.6 2
8 Fe2þ þ CO3

2� ¼ FeCO3
0 5.69 3

9 Fe2þ þHþ þ CO3
� ¼ FeHCOþ3 11.8 4

10 Fe2þ þ 2CO3
2� ¼ FeðCO3Þ22� 7.45 3

11 Fe2þ þ CO3
2� þH2O ¼ FeðOHÞCO3

� þHþ �4.03 3
12 Fe2+ + Cl� = FeCl+ 0.30 3
13 Fe2þ þ SO4

2� ¼ FeSO4
0 2.42 3

14 Naþ þ CO3
2� ¼ NaCO3

� 1.27 3
15 Naþ þHþ þ CO3

� ¼ NaHCO3 10.1 3
16 Naþ þ SO4

2� ¼ NaSO4
� 1.06 3

17 NH4
þ þ SO4

2� ¼ NH4SO4
� 1.03 5

(1) Millero et al. (1995); (2) Morel and Hering (1993); (3) King (1998); (4) Millero and Hawke (1992) and (5) Schecher and McAvoy (1992).
a bmlh ¼

½MmLlHh �
½M�m ½L�l ½H�h from reaction of the type mM + lL + hH = MmLlHh.

Table 3
Summary of the pseudo first-order rate constants of Fe(II)
oxidation in 0.1 M NaCl and 2 mM NaHCO3 over the pH range
6.0–8.0

pH logk0 (s�1)a

[Fe(II)]0 = 25 nM [Fe(II)]0 = 50 nM [Fe(II)]0 = 100 nM

6.0 nd. �4.40 ± 0.00 �4.38 ± 0.00
6.5 �4.18 ± 0.14 �4.10 ± 0.07 �4.14 ± 0.08
7.0 �3.70 ± 0.03 �3.65 ± 0.00 �3.77 ± 0.05
7.5 �3.22 ± 0.01 �3.18 ± 0.02 �3.19 ± 0.01
8.0 �2.44 ± 0.02 �2.38 ± 0.02 �2.37 ± 0.04

a Errors are sample standard deviation from duplicate
measurements.
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Fig. 1. Comparison of the pseudo first-order rate constants
between (�) this study with [Fe(II)]0 = 50 nM in 0.1 M NaCl and
2 mM NaHCO3, (h) Santana-Casiano et al. (2005) with
[Fe(II)]0 = 250 nM in 0.7 M NaCl and 2 mM NaHCO3, (*) Millero
et al. (1987) with [Fe(II)]0 = 20–50 lM in seawater and (s) Millero
et al. (1987) with [Fe(II)]0 = 20–50 lM in 9 mM NaHCO3. Mod-
eled dash line (- -) is for this study and solid lines (–) are for Millero
et al. (1987).

3620 A.N. Pham, T.D. Waite / Geochimica et Cosmochimica Acta 72 (2008) 3616–3630
of Fe(II) oxidation (at micromolar levels) due to the pres-
ence of high concentrations of iron oxyhydroxides may
contribute to the increase in the overall oxidation rate con-
stant. On the other hand, at low pH, the oxidation of Fe(II)
is slower at micromolar than at nanomolar levels because,
at this pH, Fe(III) is relatively more soluble than at higher
pH and efficiently competes with Fe(II) for superoxide
which in turn decreases the net oxidation kinetics. The
importance of various reaction pathways in the overall oxi-
dation of Fe(II) will be examined later in some detail.

Fig. 1 shows a similarity between our reported oxidation
rate constants and those reported by Santana-Casiano
et al. (2005) even though the Fe(II) oxidation studies were
undertaken at two different ionic strengths and at two differ-
ent initial Fe(II) concentrations. As shown earlier, the effect
of changing initial Fe(II) concentration has minimal effect
on the rate constants obtained (at least over the concentra-
tion range examined here). Additionally, given that one of
the key reactants involved in the oxidation process (i.e., oxy-
gen) is uncharged, a lack of effect of change in ionic strength is
to be expected, at least for this critical reaction (As noted by
Morel and Hering (1993), increasing ionic strength decreases
the rate constant for reactions of oppositely charged ions and
increases the rate constant for reaction of similarly charged
ions because of the decreasing electrostatic attraction or
repulsion at higher ionic strength however no ionic strength
effect would be expected for reaction with neutral molecules).
Other reactants, such as superoxide, are charged and the rates
of reaction with this entity may exhibit effects of ionic
strength however the precise dependence will be a function
of the charge of the other reactant, the identity of which will
be a function of reaction conditions.

Fig. 1 also shows a second-order pH dependence of the
pseudo first-order rate constant at micromolar concentra-
tions of Fe(II) (slope = 2) either in the presence of
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2.3 mM bicarbonate (seawater) or 9 mM carbonate over
the pH range from pH 6.0–8.0. Because concentrations of
both FeðCO3Þ22� and FeðOHÞ20 are second-order with re-
spect to [OH�] in this pH range, this observation is in agree-
ment with the prevailing view that for pH values above 6.0,
FeðOHÞ20 and FeðCO3Þ22� are major contributors to the
overall oxidation of micromolar Fe(II) (King, 1998). The
second-order pH dependence however is not observed with
nanomolar concentrations of Fe(II). Because O2

�� and
H2O2 are highly reactive at low Fe(II) concentrations, it
is possible that the assumption that the process is pseudo
first-order in Fe(II) concentration (Eq. (2)), particularly in
the later stages of the oxidation, may no longer be
appropriate.

3.2. Testing of the previous Fe(II) oxidation models

To probe the possible role of both O2
�� and H2O2 in the

oxidation of nanomolar concentration of Fe(II), the results
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Fig. 2. Measured data (open circle) and modeled data using the
King model (King, 1998) (solid line) and modeled data using the
Santana-Casiano et al. model (Santana-Casiano et al., 2004)
(dashed line). Both King model and Santana-Casiano et al. model
were developed for the description of Fe(II) oxidation at micro-
molar levels. Error bars are sample standard deviation from
duplicate measurements.

Table 4
Literature apparent rate constants (kapp(Fe(II)i)) and intrinsic rate const
oxygen at 25 � C and I = 0.1a,b

No. Species logkapp(Fe(II)i) (M�1 s�1)

King (1998) Santana-

1 Fe2+ �6.40 �2.35
2 Fe(OH)+ 0.48 1.05
3 FeðOHÞ20 5.58 7.24
4 FeHCO3

þ <�0.24 �2.13
5 FeCO3 <�0.74 �2.13
6 FeðCO3Þ22� 3.68 4.35
7 Fe(CO3)(OH)� 1.86 2.53
8 FeCl+ Slow, n.d. �2.35
9 FeSO4 Slow, n.d. �2.35

a Rate constant corrected for ionic strength based on equation logkapp,I

oxidation rate constants at ionic strength I and 0, a = �1.338 and b = 0
b If the oxidation of Fe(II) by O2 and O2

�� is assumed
kapp(Fe(II)i) � 0.30 + logk1(Fe(II)i) for a given species Fe(II)i (see text).
of our Fe(II) oxidation studies were plotted against the
King model (King, 1998) and Santana-Casiano et al. model
(Santana-Casiano et al., 2004) (Fig. 2). It should be noted
that these models were developed to describe the oxidation
of Fe(II) at micromolar concentrations. According to these
models, the values of the overall apparent oxidation rate
constants kapp were calculated as a weighted sum of the oxi-
dation rate constant of individual species; i.e.,

kapp ¼ 4
X

kapp FeðIIÞi
� �

aFeðIIÞi ð7Þ

where kapp is the apparent oxidation rate constant of Fe(II),
kapp(Fe(II)i) is the apparent oxidation rate constant of spe-
cies Fe(II)i with mole fraction aFeðIIÞi in total dissolved iron
and the factor 4 in Eq. (7) reflects the stoichiometry of
Fe(II) oxidation by oxygen when the first oxidation step
is rate-limiting (King, 1998). The mole fraction of species
Fe(II)i was calculated using the speciation model with sta-
bility constants as given in Table 2 and the kapp(Fe(II)i) val-
ues used are given in Table 4.

In general, both the King model (King, 1998) and
Santana-Casiano et al. model (Santana-Casiano et al.,
2004) provide a poor description of our experimental
data over a range of pH (Fig. 2). The failure of providing
an adequate description to the oxidation of Fe(II) at low
concentrations clearly signifies the need to improve these
models. It should be noted that, although both the King
(1998) and the Santana-Casiano et al. (2004) models con-
sider the importance of the highly oxygen reactive species
FeðOHÞ20 and FeðCO3Þ22�, the reported rate constants
for reaction of these species with oxygen are different in
the two studies. King (1998) reported an oxygenation rate
constant for FeðOHÞ20 of kappðFeðOHÞ20Þ ¼ 1:67 � 105

M�1 s�1 and for FeðCO3Þ22� of kappðFeðCO3Þ22�Þ ¼
2:1� 103 M�1 s�1 while Santana-Casiano et al. (2004)
reported kappðFeðOHÞ20Þ ¼ 7:67� 106 M�1 s�1 and
kappðFeðCO3Þ22�Þ ¼ 1:0� 104 M�1 s�1 at I = 0.7. The
large difference in these important rate constants between
the two studies in which similar experimental conditions
and identical modeling approach are used clearly illus-
trates the difficulty in applying the speciation approach.
ant (this study, k1(Fe(II)i)) of various Fe(II) species with molecular

logk1(Fe(II)i), (M�1 s�1), this study

Casiano et al. (2004)

�0.9
1.6
5.4
Slow, n.d.
0
3.6
2.3
Slow, n.d.
Slow, n.d.

= logkapp + aI1/2 + bI where kapp,I and kapp are the apparent Fe(II)
.5747 (King, 1998).
to dominate the overall oxygenation of Fe(II) then log
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Difficulties such as this arise in part as a result of the
large number of unknown kinetic parameters that must
of necessity be incorporated in such a model. In addition,
as the mole faction of Fe(II) species ðaFeðIIÞiÞ does not
change with changing initial Fe(II) concentrations, appli-
cation of Eq. (7) can not be used to explain the observa-
tion that micromolar Fe(II) oxidizes faster than
nanomolar Fe(II) at high pH.

3.3. Modeling the kinetics of Fe(II) oxidation using the FeL

modeling approach

To overcome the difficulty in dealing with a large num-
ber of unknown kinetic parameters and the possibility of
incorporating several other important reaction pathways
at low Fe(II) concentrations, a modeling approach similar
to that developed by Rose and Waite (2002) is adopted
here. In the proposed reaction scheme (Table 1), the rate
constant for the reaction of Fe(II) with O2 (reaction 1) is
the only model fitting parameter. Rate constants of other
reactions (reactions (2)–(6)) can be obtained from the liter-
ature (as described below). It should be noted that,
although a smaller number of kinetic parameters are used
in this work than in previous models, considerable uncer-
tainty still surrounds the estimated values of some of the
constants. As such, the model presented here (and the asso-
ciated rate constants) should not be seen as definitive.

3.3.1. Assignment of kinetic constants

The values of k2 = (1.0 ± 0.1) � 107 M�1 s�1 and
k4 = (1.5 ± 0.2) � 108 M�1 s�1 were first reported by Rush
and Bielski (1985) over the pH range 1–7 in aqueous sulfate
and formate media. These values were later re-assessed by
Voelker and Sedlak (1995) and shown to be valid in seawa-
ter medium (at pH of around 8.0–8.1) with small variation
of k2 = (1–5) � 107 M�1s�1 and k4 = (0.3–1.5) � 108

M�1 s�1. If the reaction kinetics of Fe(II) with O2
�� is pri-

marily controlled by the water exchange kinetics at the me-
tal coordination sphere (Rush and Bielski, 1985) and given
that the sum

P
KOSðFeðIIÞi;O2

��Þ � k�wðFeðIIÞÞiÞ � aFeðIIÞi
does not vary significantly with varying pH (Pham, 2007),
then the rate constants for reaction of Fe(II) with O2

��

would not be expected to vary with varying pH.
ðKOSðFeðIIÞi;O2

��Þ is the stability constant of the outer-
sphere complex formed between species Fe(II)i and O2

��,
k�w(Fe(II)i) is the water loss rate of species Fe(II)i and
aFeðIIÞi is the fraction of Fe(II)i in the total iron pool). We
therefore assign k2 = 1.0 � 107 M�1 s�1 in our model at
any pH from 6.0–8.0. While the reaction of Fe(III) with
Table 5
Experimental first-order oxidation rate constant, kapp

a and modeled rate

pH kapp k1 k2 � 107

6.0 0.154 0.111 ± 0.007 1.0
6.5 0.295 0.174 ± 0.004 1.0
7.0 0.885 0.385 ± 0.01 1.0
7.5 2.54 1.24 ± 0.025 1.0
8.0 15.3 8.81 ± 0.233 1.0

a kapp ¼ k0

½O2 � (according to Eq. (2)).
O2
�� may also follow the outer-sphere complexation model

as suggested by Rush and Bielski (1985), estimation of this
rate constant at different pH becomes difficult because the
kinetic constants of water exchange at the metal coordina-
tion sphere of various Fe(III) species (k�w(Fe(III)i)) are not
certain. Given the small variation of k4 over a range of pH
in the literature and the minor importance of reaction 4 in
the oxidation model (see discussion below), we assign
k4 = 1.5 � 108 M�1 s�1 in our model at any pH from 6.0–
8.0. The approach of assigning constant values of k2 and
k4 over a range of pH was also adopted by Santana-Casi-
ano et al. (2005).

It is worth-noting that the role of the conjugate acid
form of superoxide HO2

�Þ is not considered in our model
because HO2

� is present at very low concentration com-
pared to O2

�� at pH 6.0–8.0 (pKa (HO2
�=O2

��Þ ¼ 4:6, (Zafi-
riou, 1990)) and its rate constant for reaction with Fe2+ is
almost an order of magnitude less than that of
O2
��ðkFe2þþHO2

� ¼ 1:2� 106 M�1 s�1 (Rush and Bielski,
1985)).

Santana-Casiano and co-workers (2005) reported the
individual oxidation rate constants of various Fe(II) species
with O2

�� (denoted as k2(Fe(II)i)) from which the apparent

rate constants of Fe(II) with O2
�� (k2) can be estimated

using an Fe(II) speciation model over a range of pH.
According to their model, the estimated rate constant of
Fe(II) with O2

�� at pH 6.0 and I = 0 is 1.2 � 104 M�1 s�1

which is some three orders of magnitude less than that re-
ported in Rush and Bielski (1985). This is also in contrast
with their assumption of constant k2 at any pH >6.0. In
addition, the estimated oxidation rate constant of
FeðOHÞ20 with O2

�� of 3.65 � 1010 M�1 s�1 from this mod-
el is almost four times the magnitude of rate constants for
diffusion control reactions. Since the electrostatic effect be-
tween FeðOHÞ20 and O2

�� is eliminated due to the neutral
charge of FeðOHÞ20 species, this reported rate constant
seems unreasonable. The results from Santana-Casiano
et al. (2005) therefore are considered suspect and are not
used in this study.

Rate constants for the reaction of Fe(II) with H2O2, pre-
cipitation of Fe(III) and disproportionation of superoxide
over a range of pH are taken from Gonzalez-Davila et al.
(2005), Pham et al. (2006) and Zafiriou (1990), respectively
(Table 5).

3.3.2. Model fitting

Results of model fitting with initial concentration of
Fe(II) of 25, 50 and 100 nM over the pH range 6.0–8.0
and using reactions (1)–(6) (Table 1) are shown in Fig. 3.
constants (in M�1 s�1)

k3 � 103 k4 � 108 k5 � 106 k6 � 105

0.62 1.5 0.32 60
1.72 1.5 1.0 19
4.79 1.5 3.4 6.0

13.3 1.5 5.0 1.9
37.2 1.5 16.1 0.6
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Predicted second-order rate constants for the oxidation of
Fe(II) by O2 (k1) are given in Table 5.

In general, the model provides excellent fits to the exper-
imental data over a range of pH and at different initial con-
centrations of Fe(II). The agreement between the model
and the experimental data supports our assumptions sur-
rounding the proposed reaction mechanism, assignment
of various rate constants and, importantly, the modeling
approach. Thus, it is possible to describe the oxidation of
inorganic Fe(II) over a range of pH by using a single entity
Fe(II) with the reaction scheme presented in Table 1.

The rate constant for reaction of Fe(II) with O2 at pH
8.0 of k1 = 8.81 ± 0.233 M�1 s�1 (Table 5) is less than that
reported by Rose and Waite (2002) of 13.0 M�1 s�1 and by
Santana-Casiano et al. (2005) of 15.4 M�1 s�1 in seawater.
The discrepancy could result from the difference between
media and the precipitation rate constant used in each
study. Rose and Waite (2002) use k5 = 2.5 � 104 M�1 s�1,
Santana-Casiano et al. (2005) use k5 = 8.0 � 103 M�1 s�1

while in our model k5 = 1.6 � 107 M�1s�1 was used at pH
8.0. Clearly, from a modeling perspective, if the rate con-
stant of Fe(III) precipitation (a process that prevents back
reduction of Fe(III) by O2

�� to Fe(II)) is larger then the rate
constant for oxidation of Fe(II) by oxygen will be smaller.
In addition, copper was considered to be an important
scavenger of superoxide in the analysis by Rose and Waite
(2002) and Santana-Casiano et al. (2005) in seawater but
was not present in our system. Thus, a decrease in the con-
centration of superoxide available for oxidation of Fe(II) in
sweater medium would mean that faster oxygenation of
Fe(II) (i.e., higher k1) would be needed in the model.

3.4. Estimation of intrinsic rate constants for oxygenation of

particular Fe(II) species

Crude estimates of the intrinsic (individual) rate con-
stants for reaction of various Fe(II) species with O2

(k1(Fe(II)i)) based on the previously described Fe(II) speci-
ation model (Table 2), the k1 values predicted at different
pH from the kinetic model (Table 5) and Eq. (7) are given
below. It should be note that the factor 4 in Eq. (7) is not
considered because stoichiometry has already been included
in the reaction scheme.

Ideally, all rate constants of the nine Fe(II) species (Ta-
ble 4) could be derived from Eq. (7). However, measure-
ments have only been undertaken at five different pH
values in this study. It is therefore necessary to exclude
some unimportant reactions (and their associated rate con-
stants). In analogy to the oxidation of Fe(II) species with
O2 (King, 1998), oxidation of FeCl+ and FeSO4 is assumed
to be slow and thus plays a minor part in the overall
weighted sum (Eq. (7)). Similarly, the oxidation of
Fe(OH)+, FeHCO3

þ and FeCO3 is also assumed to be slow
and is excluded in the initial fitting procedure. Thus, the
only important fitting parameters are rate constants for
reaction of oxygen with Fe2+ (which may be critical at
low pH), Fe(CO3)(OH)�, FeðCO3Þ22� and FeðOHÞ20

(which are dominant in the weighted sum at high pH). In
addition, the rate constants are also constrained to the
values that are compatible with the values of kapp(Fe(II)i)
(Table 4) reported by King (1998) and Santana-Casiano
et al. (2004) and in the order k1ðFeðOHÞ02Þ > k1

ðFeðCO3Þ22�Þ > k1ðFeðCO3ÞðOHÞ�Þ.
Model fitting for the oxidation of Fe(II) via reaction 1

(with rate constant k1) described as a weighted sum of oxi-
dation of individual Fe(II) species by oxygen (with rate con-
stant k1(Fe(II)i)) based on the Fe(II) speciation model,
predicted values of k1 at different pH and Eq. (7) (without
the factor 4) as shown in Fig. 4. A summary of the esti-
mated intrinsic rate constants of various Fe(II) species with
O2 (k1(Fe(II)i)) is given in Table 4.

If the oxidation of Fe(II) by O2 and O2
�� is assumed to

dominate the overall oxygenation of Fe(II) (see discussion
section below), approximating kapp(Fe(II)i ) � 2k1(Fe(II)i)
would lead to two important conclusions from Table 4.
Firstly, the predicted values of k1 for Fe2+, Fe(OH)+ and
FeCO3

0 are much higher than those reported by King
(1998) and Santana-Casiano et al. (2004). The higher pre-
dicted values of k1 for Fe2+, Fe(OH)+ and FeCO3

0 would
account for the faster oxidation of nanomolar concentra-
tions of Fe(II) at the lower pHs (i.e., pH 6.0 and 6.5) where
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the oxidation of Fe(II) is predominantly controlled by the
oxidation of Fe2+, Fe(OH)+ and FeCO3

0. Secondly, the
predicted values of k1 for both FeðOHÞ20 and FeðCO3Þ22�

are in reasonable agreement with those reported by King
(1998) but much smaller than those reported by Santana-
Casiano et al. (2004). As the oxidation of FeðOHÞ20 and
FeðCO3Þ22� dominates the overall oxidation of Fe(II) at
high pH, the discrepancies between the estimated values
of k1 for these species (given in Table 4) are well reflected
in the capability of those models to describe the oxidation
of Fe(II) at high pH (Fig. 2).

Contribution of oxidation of the various Fe(II) species
to the overall rate of oxygenation of Fe(II) (k1) is plotted
in Fig. 5. As shown in Fig. 5, although the oxidation rate
constants vary significantly between the various Fe(II) spe-
cies, each Fe(II) species contributes appreciably to the over-
all oxidation of Fe(II) via reaction 1. At low pH, oxidation
of Fe2+ is predominant while at higher pH (pH around 8.0),
oxidation of Fe(CO3)(OH)�, FeðCO3Þ22� and FeðOHÞ20

dominates in the overall weighted sum k1.

3.5. Relative importance of various reactions in the Fe(II)

oxidation model

Two approaches are used for examining the relative
importance of individual reactions in the Fe(II) oxidation
model.
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NSCs method: In the Normalized Sensitivity Coefficients
(NSCs) method, the importance of each reaction is assessed
(using the computer package Kintecus) by examining its
influence on the concentration of the species of interest
(e.g., Fe(II)) when the rate constant of the particular reac-
tion is varied. This method however only tests for direct
routes of influence on the species of interest but does not ac-
count for any interaction between the reactions under con-
sideration (e.g., indirect routes of influence on the
concentration of the species of interest, Ianni, 2006).

Rate law analysis: In this approach, the importance of
each reaction is investigated numerically based on the the-
oretical rate laws for the reactions, model simplifications
and model simulation.

It is important to emphasize that both the NSCs and the
rate law analysis approaches rely significantly on the
assumption that the estimated rate constants used in the
model reactions are close to the correct values.

3.5.1. Oxygenation of Fe(II) (reaction 1)

As shown in Fig. 6A, variation of k1 has greatest impact
on the concentration of Fe(II) at pH 8.0 (and at all other
pHs considered though plots are not included) while other
reaction rate constants (k2–k5) only play a minor role. This
is to be expected since the oxidation of Fe(II) by oxygen is
the rate limiting step and the formation of intermediate spe-
cies (e.g., O2

�� and H2O2) is initiated from this reaction.
Comparison between kapp and k1 (Table 5) also suggests
that oxidation of Fe(II) via reaction 1 alone contributes
more than 50% of the total Fe(II) removal.

3.5.2. Oxidation of Fe(II) by O2
�� (reaction 2)

Oxidation of Fe(II) by superoxide (reaction 2) also
exerts a significant effect on the concentration of Fe(II) at
all pHs considered (Fig. 6B–D). Because superoxide reacts
rapidly and selectively with Fe(II), the presence of trace
amounts of this species in the system may significantly
influence the overall oxidation of Fe(II). It is commonly as-
sumed that the concentration of superoxide rapidly reaches
a steady state during the course of experiments (King et al.,
1995; Emmenegger et al., 1998). However, this assumption
is only appropriate when Fe(II) is present at a reasonably
high concentration (micromolar and submicromolar). In-
sight into processes that govern the concentration of O2

��

is given below.
The rate laws for reactions 1, 2, 4 and 6 give:

d½O2
���

dt
¼ k1 O2½ �½FeðIIÞ� � k2 O2

��� �
½FeðIIÞ�

� k4 O2
��� �
½FeðIIIÞ� � k6 O2

��� �2 ð8Þ
For simplicity we assume that the initial concentration of
superoxide is governed by reaction 1 (production of O2

��Þ
and reaction 2 (consumption of O2

��Þ. As discussed later,
while the disproportionation of superoxide (k6½O2

���2) does
not play any significant role in the oxidation of Fe(II) at
neutral pH, back reduction of Fe(III) ðk4½O2

���½FeðIIIÞ�Þ
may become important at some stages of Fe(II) oxidation.
Given the validity of this assumption, Eq. (8) reduces to

d½O2
���

dt
¼ k1 O2½ �½FeðIIÞ� � k2 O2

��� �
½FeðIIÞ� ð9Þ
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Because O2
�� will be present at low concentrations and we

are only interested in the system where Fe(II) is present at
nanomolar concentration or higher, it is reasonable to as-
sume that ½FeðIIÞ� 	 ½O2

��� at any given time and pH con-
sidered (from pH 6.0–8.0). Under these conditions, the
solution to Eq. (9) is:

O2
��� �
¼ k1 O2½ �

k2

1� exp �k2½FeðIIÞ�tð Þf g ð10Þ
As t ?1, exp(�k2[Fe(II)]t) ? 0, therefore ½O2
��� ! k1 ½O2 �

k2
,

from which the upper limit of superoxide concentration
can be estimated at any given pH. Given that the back
reduction of Fe(III) (by superoxide) is a O2

��-consuming
process, this upper estimated value is always valid regard-
less of whether or not the back reduction of Fe(III) is
important in the system. In addition, the maximum concen-
tration of superoxide ðk1 ½O2 �

k2
Þ would not depend on the initial
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concentration of Fe(II) as long as the condition of
½FeðIIÞ� 	 ½O2

��� at any given time is satisfied.
For the assumption of steady state concentration of O2

��

to be valid (i.e., k1½O2�½FeðIIÞ� ¼ k2½O2
���½FeðIIÞ�Þ, the term

exp(�k2[Fe(II)]t) should practically approach zero. By
approximating [Fe(II)]t = [Fe(II)]0 exp(�k0t) and with the
given values of k0 (Table 3) and k2 (Table 5), it is possible
to determine whether this assumption (as a function of
[Fe(II)]0, time t and pH) is valid. For example, for

0:9 k1 ½O2 �
k2

< ½O2
��� < k1 ½O2 �

k2
after 10 s of Fe(II) oxidation at

pH 8.0, the initial concentration of Fe(II) should be greater
than 24 nM.

Under the experimental conditions conducted in this
study (i.e., initial concentration of Fe(II) from 25 to
100 nM and pH from 6.0 to 8.0), the term exp(�k2[Fe(II)]t)
rapidly reaches zero in less than 10 s. It is therefore reason-
able to assume that k1½O2� 
 k2½O2

��� during the course of
the experiment at any pH. This approximation also implies
that oxidation of Fe(II) by superoxide (reaction 2) is as
important as the oxidation of Fe(II) by oxygen (reaction
1) at any given pH and initial Fe(II) concentrations consid-
ered in this study.

3.5.3. Disproportionation of superoxide

Despite the rapid disproportionation of superoxide, par-
ticularly at low pH, reaction 6 does not show any significant
effect on the overall oxidation of Fe(II). This is supported
by examining the ratio between the rate of O2

�� removal
by reaction 2 and that by reaction 6 (the disproportionation
reaction) (r2/6).

The rate law for reactions 2 and 6 gives:

r2=6 ¼
k2½O2

���½FeðIIÞ�
k6 O2

��
� �2

¼ k2½FeðIIÞ�
k6 O2

��
� � ð11Þ

Approximating ½O2
��� 
 k1 ½O2 �

k2
(see above) gives

r2=6 ¼
k2ð Þ2½FeðIIÞ�
k6k1 O2½ �

ð12Þ

Given the kinetic constants specified in Table 5, the rate of
disproportionation of superoxide therefore only becomes
significant over the pH range considered when the concen-
tration of Fe(II) drops to picomolar levels.

Because the upper limit of superoxide concentration
does not depend on the initial Fe(II) concentrations at
any given (near-neutral) pH (as long as ½FeðIIÞ� 	 ½O2

���Þ,
the above conclusion also holds for a range of Fe(II) con-
centrations typical of natural freshwaters. Excluding the
disproportionation of superoxide from the model does
not show any observable effect on the overall oxidation of
inorganic Fe(II).

3.5.4. Oxidation of Fe(II) by H2O2

As indicated in Fig. 6B–D, oxidation of Fe(II) by H2O2

(reaction 3 in Table 1) only shows a slight effect at pH 6.0
(Fig. 6B) and 6.5 (plot is not given) within the first 2 h but
becomes important at high pH (Fig. 6C and D) and at the
later stages of the oxidation process. In order to assess the
importance of reaction 3 in the Fe(II) oxidation model, we
compare the rate of Fe(II) oxidation by H2O2 alone to the
total rate of loss of Fe(II) in the system (roverall/3). Applying
the rate law to reactions (1)–(3) gives:

roverall=3

¼
k1 O2½ �½FeðIIÞ�þk2 O2

��� �
½FeðIIÞ�þk3 H2O2½ �½FeðIIÞ�

k3 H2O2½ �½FeðIIÞ� ð13Þ

roverall=3

2k1 O2½ �

k3 H2O2½ �þ1 ð14Þ

On the other hand, applying the rate law for the production
and consumption of H2O2 to reactions 2 and 3 gives

d H2O2½ �
dt

¼ k2 O2
��� �
½FeðIIÞ� � k3 H2O2½ �½FeðIIÞ� ð15Þ

(Note: reaction 6 is not considered because it plays a minor
role in the oxidation of Fe(II), see discussion above).

Approximating k2½O2
��� 
 k1½O2�, the solution to Eq.

(16) is

H2O2½ � ¼ k1 O2½ �
k3

1� exp �k3½FeðIIÞ�tð Þf g ð16Þ

Combining Eqs. (15) and (17) gives,

roverall=3 �
2

1� expð�k3½FeðIIÞ�tf Þg þ 1 ð17Þ

By approximating [Fe(II)]t = [Fe(II)]0 exp (�k0t) and given
the values of k0 (Table 3) and k2 (Table 5), it is possible to
determine whether the oxidation of Fe(II) by H2O2 (at a gi-
ven [Fe(II)]0, time t and pH) becomes important in the
overall oxidation of Fe(II). For example, if the oxidation
of Fe(II) by H2O2 contributes equally or greater than
10% of the overall Fe(II) removal then,

roverall=3 �
2

1� exp �k3½FeðIIÞ�tð Þf g þ 1 6 10 ð18Þ

k3½FeðIIÞ�t P 0:25 ð19Þ
k3 ½FeðIIÞ�0 exp �k0tð Þ
� �

t P 0:25 ð20Þ

Inspection of the product [Fe(II)]0[exp (�k0t)]t indicates
that the minimum value of [Fe(II)]0[exp(�k0t)]t is
achieved at minimum t. Under the experimental condi-
tions conducted in this study, Fe(II) can only be mea-
sured as early as 10 s after the start of the oxidation.
Therefore, the roles of any reactions would only be of
interest practically at time t P 10 s. Approximating
[Fe(II)]t = 10 s = [Fe(II)]0 gives

k3½FeðIIÞ�t P 10k3½FeðIIÞ�0 ð21Þ

At micromolar concentration of Fe(II) and pH 8.0 (with
k3 = 3.72 � 104 M�1 s�1, Table 5), the product
10k3[Fe(II)]0 is greater than 0.25 and the condition pre-
sented in Eq. (20) is satisfied. Thus, the oxidation of
micromolar concentrations of Fe(II) by H2O2 is significant
at pH 8.0. On the other hand, at pH 6.0 (with
k3 = 6.17 � 102 M�1 s�1, Table 5), oxidation of 50 nM of
Fe(II) by H2O2 only becomes important after �2.2 h of
the oxidation process.

3.5.5. Back reduction of Fe(III) by superoxide

The back reduction of Fe(III) by O2
�� (reaction 4),

according to the NSCs analysis, appears to be significant
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at all stages of the oxidation process and at any pH
(Fig. 6B–D). This is in contrast with the rate law analysis
(below) that the back reduction is only significant at low
pH and/or at low Fe(II) concentration because at pH 8.0
rapid precipitation of Fe(III) may out-compete O2

�� for
Fe(III). Since the NSCs analysis only considers the effect
of individual reactions, any reaction with a large rate
constant may be expected to have a significant effect on
the concentration of the species of interest. As a result,
both reactions 2 and 4 (with high rate constants) are
shown to have a similar effect on the concentration of
Fe(II) over time and at any pH (Fig. 6B–D).

To examine in details the role of back reduction of
Fe(III) by superoxide in the overall oxidation scheme, we
first consider the oxidation of nanomolar concentrations
of Fe(II) where oxidation of Fe(II) by peroxide is initially
considered to be less important. The rate law expression
(of reaction 4) for the production of Fe(II) gives:

d½FeðIIÞ�
dt

¼ k4 O2
��� �
½FeðIIIÞ� ð22Þ

If the production of Fe(II) via back reduction of Fe(III) by
O2
�� contributes equally or greater than 10% of the total

Fe(II) at any given time then,
k1 O2½ �½FeðIIÞ� þ k2 O2
��� �
½FeðIIÞ� þ k3 H2O2½ �½FeðIIÞ� � k4 O2

��� �
½FeðIIIÞ�

k4 O2
��

� �
½FeðIIIÞ�

6 10 ð23Þ
Because oxidation of Fe(II) by peroxide is initially consid-
ered to be less important and by approximating
k1½O2�½FeðIIÞ� 
 k2½O2

���½FeðIIÞ�, Eq. (24) reduces to

2k2

k4

� ½FeðIIÞ�
½FeðIIIÞ� 6 11 ð24Þ

½FeðIIIÞ�
½FeðIIÞ� P 0:012 ð25Þ

(values of k2 and k4 are given in Table 5)
Thus, the back reduction of Fe(III) by superoxide be-

comes significant when the concentration of Fe(III) exceeds
1.2% of Fe(II).

Model simulation at pH 8.0 indicates that, after an ini-
tial peak, the ratio [Fe(III)]/[Fe(II)] rapidly reduces to less
than 0.012 after 1 min of the oxidation of 100 nM Fe(II).
In the presence of 50 nM Fe(II), it takes 3 min for the ratio
[Fe(III)]/[Fe(II)] to reduce to less than 0.012 and in the
presence of 25 nM Fe(II), the ratio remains above 0.012
during the complete course of the oxidation. Thus, the back
reduction of Fe(III) by O2

�� may become significant at low
Fe(II) concentration and at high pH.

Model simulations at other pH indicate that the back
reduction of Fe(III) only becomes significant in a certain
period of the oxidation process. This is when the con-
centration of Fe(III) is high enough to compete for
O2
�� but low enough to avoid precipitation. For exam-

ple, in the presence of 50 nM Fe(II), back reduction of
Fe(III) is significant in the period of 1–10 min at pH
7.0 and in the period of 4–120 min at pH 6.0. Higher
concentrations of Fe(II) would result in a shorter period
of significance as the precipitation of Fe(III) maintains
Fe(III) low and reduces the significance of back
reduction.

It is therefore necessary to include the back reduction of
Fe(III) in the model, particularly at low pH and low con-
centration of initial Fe(II). This is reasonable since precip-
itation of Fe(III) is at minimum under these conditions.

Back reduction of Fe(III) however is unlikely to be
important at micromolar Fe(II) concentrations because
precipitation of Fe(III) (reaction 5) will out-compete O2

��

for Fe(III) (see discussion below).

3.5.6. Precipitation of Fe(III)

As indicated in Fig. 6B–D, the rate of Fe(III) precipita-
tion exerts a considerable effect on the oxidation of Fe(II),
particularly at high pH. Although this reaction does not act
directly as either a source or sink of Fe(II), it competes with
O2
�� for Fe(III) and thus reduces the concentration of

Fe(II) resulting from this back reduction. The strong effect
of the precipitation reaction at high pH is due to the fact
that Fe(III) precipitates rapidly under these conditions
(Pham et al., 2006).
To provide insight into the effect of Fe(III) precipitation
in the overall oxidation of Fe(II), we examine the ratio be-
tween rate of Fe(III) by precipitation (reaction 5) and that
by reaction 4 (r5/4), that is,
r5=4 ¼
k5½FeI�½FeðIIIÞ�
k4½O2

���½FeðIIIÞ� 

k5½FeI�
k4

k1 O2½ �
k2

¼ 2:55� 102k5

k1

½FeI� ð26Þ
At pH 6.0, r5/4 is estimated to be 0.82 � 109[FeI] which
suggests that when the total concentration of Fe(III)
(including precipitated Fe(III)) exceeds nM levels, precip-
itation may well compete with O2

�� for Fe(III) at this
pH. Model simulations at pH 6.0 indicate that [FeI] will
exceed nanomolar levels after 15, 6 and 3 min of the oxi-
dation time at initial Fe(II) concentrations of 25, 50 and
100 nM Fe(II), respectively. A similar analysis can be ap-
plied in examining the role of precipitation at other pHs.
For example, at pH 8.0, precipitation of Fe(III) may out-
compete O2

�� for Fe(III) after 1 min of the oxidation
time at an initial Fe(II) concentration of 50 nM. It is
therefore concluded that at high pH and particularly at
high concentrations of initial Fe(II), precipitation may
successfully out-compete O2

�� for Fe(III). Under such
conditions, reduction of Fe(III) by O2

�� can be eliminated
from the reaction scheme. However, at low pH and low
initial Fe(II) concentrations, it is necessary to take both
precipitation of Fe(III) and reduction of Fe(III) by super-
oxide into account.



3628 A.N. Pham, T.D. Waite / Geochimica et Cosmochimica Acta 72 (2008) 3616–3630
3.5.7. Combination of reactions 1 and 2 in the overall

oxidation of Fe(II)

The above analysis has indicated that, except for reactions
1 and 2, the kinetics of other reactions in the Fe(II) oxidation
scheme may only become important under certain condi-
tions. While the back reduction of Fe(III) by superoxide
(reaction 4) is offset by the precipitation of Fe(III) (reaction
5), the oxidation of Fe(II) by peroxide (reaction 3) only plays
a minor role initially. It is therefore worthwhile to consider
the oxidation of Fe(II) by reactions 1 and 2 exclusively.

The rate law expression for the net disappearance of
Fe(II) gives

� d½FeðIIÞ�
dt

¼ k1½FeðIIÞ� O2½ � þ k2½FeðIIÞ� O2
��� �

þ k3½FeðIIÞ� H2O2½ � � k4½FeðIIIÞ� O2
��� �

ð27Þ

Substituting k1½FeðIIÞ�½O2� ¼ k2½FeðIIÞ�½O2
��� to Eq. (27)

and dividing both sides by [Fe(II)][O2] gives

kapp ¼ 2k1 þ
k3½FeðIIÞ� H2O2½ � � k4½FeðIIIÞ� O2

��� �

½FeðIIÞ� O2½ �
ð28Þ

Therefore a plot of kapp vs. k1 would give a straight line

with a slope of 2 and y-intercept of
k3 ½FeðIIÞ�½H2O2 ��k4 ½FeðIIIÞ�½O2

���
½FeðIIÞ�½O2 �

.

As shown in Fig. 7 (inset), a plot of kapp vs. k1 up to pH
7.5 gives a slope of 2.09 and a small y-intercept of �0.03
(with r2� 1) which is in excellent agreement with the theo-
retical expectation (Eq. (29)). The small y-intercept also

suggests that
k3 ½FeðIIÞ�½H2O2 ��k4 ½FeðIIIÞ�½O2

���
½FeðIIÞ�½O2 � , which represents the

net disappearance of Fe(II) due to reactions 3 and 4, may
not be important in the overall kapp at any pH less than 8.0.

A plot of kapp vs. k1 up to pH 8.0 (Fig. 7) however gives
a slope of 1.73 and y-intercept of 0.14 (with r2 �1). The
considerable deviation of the slope when the kinetic con-
stant at pH 8.0 is included suggests that it may be necessary
to include reactions 3 and 4 at higher pH. The positive y-
intercept of the plot also indicates that oxidation of Fe(II)
by peroxide becomes more important than the reduction
of Fe(III) by superoxide at pH 8.0. This is because Fe(III)
precipitates rapidly at high pH.

3.6. Limitations of the study

Despite providing a relatively good description of the
inorganic oxidation of Fe(II) over the pH 6.0–8.0 with dif-
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Fig. 7. Plot of kapp vs. k1 over the pH range pH 6.0–8.0 (inset: at
pH 6.0, 6.5, 7.0 and 7.5).
ferent initial Fe(II) concentrations, the model is still limited
by a number of uncertainties. Because the present study was
conducted at a fixed ionic strength (0.1 M NaCl) and car-
bonate concentration (2 mM NaHCO3), extension of the
model to a range of natural waters, particularly those
exhibiting high ionic strength, should be treated with cau-
tion. Regarding the oxidation mechanism, it is not certain
whether or not the formation of intermediate inorganic
and organic radicals (from the organic buffer molecules)
would have any effect on the oxidation of Fe(II). The pos-
sible effect of colloidal formation on the kinetics of Fe(II)
oxidation has also not been considered. In addition, the
assignment of constant rate constants for the oxidation of
Fe(II) and reduction of Fe(III) by superoxide (reactions 2
and 4) over the pH range 6.0–8.0 may not be appropriate
if these reactions do not follow the outer-sphere complexa-
tion model (Eigen and Wilkins, 1965).

It is also worth noting that the discussion on the relative
importance of various reactions in the kinetic model de-
pends entirely on the proposed reaction mechanism and
the corresponding estimated rate constants. Variation in
the predicted rate constants and associated reaction mech-
anism would certainly have a significant effect on the anal-
ysis. Care must also be taken in drawing any conclusion
using the NSCs analysis because the method only considers
the kinetics of individual reactions.
4. CONCLUSION AND IMPLICATIONS

In this study, we have revisited the kinetics of inorganic
Fe(II) oxidation at nanomolar concentrations in buffered
solutions over the pH range 6.0–8.0. It is apparent that
the previous kinetic models which were based on the speci-
ation approach do not adequately describe the kinetics of
Fe(II) oxidation at nanomolar concentrations. This limita-
tion is most likely due to the fact that any oxidation model
using the speciation approach suffers from a difficulty in
dealing with a large number of unknown kinetic and stabil-
ity constants. In addition, the lack of several reaction path-
ways which could be important at low Fe(II)
concentrations in the previous oxidation models limits their
application over a range of experimental conditions.

A kinetic model based on the FeL modeling approach
has been developed and shown to satisfactorily describe
the kinetics of inorganic Fe(II) oxidation over a range of
pH and initial Fe(II) concentrations. The success of the
approach supports the possibility of using a single model
entity, Fe(II), to describe the inorganic oxidation of Fe(II)
over a range of pH and initial Fe(II) concentrations. The
approach helps to minimize a number of unknown kinetic
constants in the oxidation model and can be applied with-
out an extensive or accurate knowledge of Fe(II) and
Fe(III) speciation.

The reported intrinsic rate constant for the oxidation of
various Fe(II) species by O2 over the pH range 6.0–8.0
should assist in the prediction of inorganic Fe(II) oxidation
kinetics over the range of initial Fe(II) concentrations typ-
ically found in natural waters. The study also provides a
framework for modeling the oxidation of Fe(II) using the
FeL approach in the presence of organic ligands where
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the speciation of organically complexed Fe(II) is not
known.

Analysis of the model by both the NSCs method and
rate law analysis suggests that oxidation of nanomolar con-
centrations of Fe(II) is predominantly controlled by the
reactions of Fe(II) with oxygen and with superoxide while
disproportionation of superoxide appears to be negligible.
Oxidation of Fe(II) by hydrogen peroxide is important in
the presence of high concentrations of Fe(II) and/or in
the later stage of the oxidation process. Back reduction of
Fe(III) by superoxide is important at low initial Fe(II) con-
centrations and at high pH. Precipitation of Fe(III) on the
other hand exhibits a marked effect on the overall oxidation
of Fe(II), particularly at high pH. These reactions therefore
should be included in the general model for accurate predic-
tion of the rate and extent of oxidation of low Fe(II) con-
centrations typically found in natural waters.
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