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The effects of pH, ionic strength, and iron–fulvic acid interactions on the kinetics of non-
photochemical iron transformations. I. Iron(II) oxidation and iron(III) colloid formation
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Abstract—Flow injection analysis was used to study the effect of a fulvic acid on the kinetics of iron(II)
oxidation and iron colloid formation under conditions approximating fresh natural waters. While iron(II)
oxidation in high-carbonate inorganic solutions is predicted well by a recently proposed homogeneous model,
it overestimates the oxidation rate in low-carbonate solutions, possibly due to the formation of an intermediate
iron(II) colloid or surface species. Results in fulvic acid solutions are consistent with the formation of an
iron(II)–fulvic acid complex at both pH 6.0 and 8.0 which accelerates the overall oxidation rate relative to
inorganic solutions. However, iron(III) complexation by fulvic acid greatly slows the formation of iron
colloids, stabilizing dissolved iron(III). Decreased pH and increased ionic strength slow and decrease iron
colloid formation. Evidence of a kinetic control on the distribution of iron(III) between organically complexed
and colloidal forms is presented.Copyright © 2003 Elsevier Ltd

1. INTRODUCTION

The rates of iron(II) oxidation and iron(III) colloid formation
occur on the timescale of other environmental iron reactions,
including photochemical or biochemical reduction, iron hy-
droxide and oxide dissolution, iron-dissolved organic matter
(DOM) complexation/dissociation, and biologic uptake. As a
result, the kinetics of these two processes and the solution
parameters that affect them, such as pH, ionic strength, and
iron-ligand interactions, can have a large effect on iron cycling
in natural waters. This study examines the effects of these
solution parameters on iron(II) oxidation and iron colloid for-
mation in a model freshwater system.

Numerous studies have examined the kinetics of iron(II)
oxidation in homogeneous solutions containing no organic li-
gands (Stumm and Lee, 1961; Sung and Morgan, 1980; Mill-
ero, 1985; Millero et al., 1987, 1991; Millero and Izaguirre,
1989; King et al., 1995; King, 1998; King and Farlow, 2000).
The generalized mechanism of iron(II) oxidation under these
conditions is postulated to be

Fe(II) � O2º Fe(III) � O2
●� (1)

Fe(II) � O2
●� � 2H�3 Fe(III) � H2O2 (2)

Fe(II) � H2O23 Fe(III) � HO● � HO� (3)

Fe(II) � HO●3 Fe(III) � HO� (4)

Rate constants for Eqn. 1 and 3 and typical values of [O2] and
[H2O2] suggest that either reaction could control the rate of
iron(II) oxidation, depending on conditions (Voelker and Sed-
lak, 1995, see Table 1). However, Emmenegger et al. (1998)
found that in their O2 saturated lake water samples, iron(II)
oxidation by O2 dominated the overall rate. Additionally,
model predictions by King and Farlow (2000) suggest that O2

oxidation will dominate the overall rate in dark, circumneutral
waters, although photochemical production of H2O2 could
make reaction 3 the rate controlling pathway in the presence of
sunlight.

As noted by Eqn. 1, the back reaction of iron(III) and
superoxide (O2

●�) produced during the oxidation could reduce
the net oxidation rate. However, King et al. (1995) found this
process did not significantly alter iron(II) oxidation rates even
at low total iron concentrations, perhaps because colloidal
iron(III) (the major iron[II] oxidation product at circumneutral
pH) reacts much more slowly with O2

●� than dissolved
iron(III) (Voelker and Sedlak, 1995).

The exact rate of oxidation depends on the speciation of the
iron(II). It has been long observed that the iron(II) oxidation
rate is proportional to the square of hydroxide concentration at
pH � 5 (Stumm and Lee, 1961). Millero (1985) proposed that
this relationship results from the relatively fast oxidation of
Fe(OH)2

0(aq). More recently, King presented a homogeneous
iron(II) oxidation model that accounts for the effects of both
iron(II) hydrolysis and iron(II)-carbonate complexation on
iron(II) oxidation by O2 and H2O2 (King, 1998; King and
Farlow, 2000).

Naturally occurring organic ligands, such as DOM, have also
been reported to affect the oxidation rate of iron(II). Theis and
Singer (1973, 1974) and Miles and Brezonik (1981) reported
that a variety of model iron(II)-binding ligands and humic acids
decreased the rate of iron(II) oxidation. However, it has been
noted that back-reduction of iron(III) oxidation products by
catechol-type ligands may have decreased their observed oxi-
dation rates (Stumm and Morgan, 1981, p. 469). In contrast,
Liang et al. (1993), Voelker and Sulzberger (1996), and Emme-
negger et al. (1998) all found that DOM can accelerate the
iron(II) oxidation rate under some conditions. Liang et al.
(1993) and Emmenegger et al. (1998) postulated that in the
presence of DOM, net oxidation is the result of two competing
pathways, DOM-iron(II) complexation and oxidation of the
complex and oxidation of inorganic iron(II) species. Voelker
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and Sulzberger (1996) suggested that H2O2 oxidizes an iron(II)
complex with fulvic acid more rapidly than inorganic iron(II),
although Emmenegger et al. (1998) did not observe any effect
of ligands on the oxidation rate by H2O2.

Ionic strength also affects the iron(II) oxidation rate, inde-
pendent of specific iron(II)-anion interactions. In general, in-
creasing salt concentration decreases the observed rate (Mill-
ero, 1985; Millero et al., 1987, 1991; Millero and Izaguirre,
1989; King, 1998). In dilute solutions (I � 0.1 mol/L), the
Debye-Huckel theory predicts that the effect of an inert elec-
trolyte on a rate constant depends only on the square root of the
ionic strength (I) and the product of the charges of the reac-
tants:

log k � log k0 � Z1Z2I
1/ 2 (5)

where k0 is the rate constant at I � 0 and Z1 and Z2 are the
charges of two reactants (Sung and Morgan, 1980; Millero,
1985). Thus, the generally observed trend of decreased oxida-
tion rate at increased ionic strength indicates that the positively
charged iron(II) species must be reacting with a negatively
charged ion (or vice-versa). However, this conflicts with the
generally recognized Fe(II) oxidation mechanism presented
above (Eqn. 1–4). If the charge of any species in the rate
limiting step were zero (as for O2 or H2O2 in the mechanism
described above) then the rate should be independent of ionic
strength. One explanation for this apparent disagreement is that
the rate limiting step may involve the reaction of iron(II) with
a charged species such as O2OH� (a dissociated form of
hydrated molecular oxygen, O2H2O) and not O2 (Kester et al.,
1975; Tamura et al., 1976a; Sung and Morgan, 1980; Millero,
1985; Liang et al., 1993). However, another possibility is that
increased ionic strength shifts the thermodynamically-con-
trolled time zero iron(II) speciation to faster reacting iron(II)
species.

At circumneutral pH, iron is predicted to undergo rapid
hydrolysis after oxidation and form amorphous hydrous ferric
oxide and/or poorly crystalline ferrihydrite, and eventually
crystalline phases such as goethite, hematite, and/or lepidocro-

cite. While the exact nature of the iron(II) oxidation products is
determined by a number of experimental (or environmental)
factors, O2 saturated conditions at near-neutral pH generally
result in the eventual formation of lepidocrocite (Misawa et al.,
1974; Sung and Morgan, 1980; Schwertmann and Fechter,
1994). The formation of the thermodynamically stable mineral
phase can take hours to months depending on the temperature,
pH, and background electrolyte composition (Schwertmann
and Cornell, 1991; Cornell and Schwertmann, 1996; Schwert-
mann et al., 1999). For simplicity, the range of possible par-
ticulate iron(II) and iron(III) hydrolysis products will be
grouped here under the general term “colloidal iron.”

Particle aggregation and/or conversion of the initial amor-
phous iron(III) phases to more crystalline phases can be inhib-
ited by the presence of organic ligands (Schwertmann, 1966;
Cornell and Schwertmann, 1979 and 1996). Cornell and Schwert-
mann theorized that carboxylic and hydroxy-carboxylic acids
could bind colloidal iron(III) particles into a network (Cornell
and Schwertmann, 1979). Perret et al. (1994) and Taillefert et
al. (2000) have published evidence of iron hydr(oxide)-organic
matter networks. Previously, we have shown that the submi-
cron filtration of natural water samples can decrease both its
colloidal iron and organic carbon concentrations (Pullin, 1999;
Pullin and Cabaniss, 2001). The rate and extent of colloidal
iron formation in the presence in natural organic ligands has not
been previously examined.

Colloidal iron formed during iron(II) oxidation may, in turn,
affect the rate of further iron(II) oxidation. Studies which have
examined the effect of iron (hydr)oxide surfaces on the iron(II)
oxidation rate generally report that iron(II) sorption accelerates
its oxidation, although only at total iron concentrations exceed-
ing 50 �mol/L (Tamura et al., 1976b; Sung and Morgan, 1980;
Wehrli, 1990). This effect is attributed to the tendency of
oxygen-containing ligands, such as surface hydroxyl groups, to
stabilize iron(III) over iron(II) (Luther, 1990; Luther et al.,
1992).

The purpose of the research presented here is to investigate
(1) the effects of fulvic acid, pH, and ionic strength on the
kinetics of iron(II) oxidation, (2) the effects of initial iron redox
state (iron(II) vs iron(III)), pH, and ionic strength on the kinet-
ics of iron colloid formation in the presence of fulvic acid and
(3) the interaction between the kinetics of iron(II) oxidation and
iron(III) colloid formation. These topics will be explored using
flow-injection analysis (FIA) and spectroscopic methods to
measure iron(II) and dissolved or colloidal iron as function of
time in pH and ionic strength buffered solutions with and
without fulvic acid. The results will be compared to the most
current homogenous inorganic iron(II) oxidation model, and
extrapolated to natural systems.

2. EXPERIMENTAL

2.1. Materials

Sodium perchlorate, 3-(2-pyridyl)-5,6-diphenyl-1,2,4-triazine-p,p�-
disulfonic acid (ferrozine), redistilled (99.999�%) 70% nitric acid, a
1000-�g/mL iron AA/ICP standard (1–2 wt.% HNO3) and the hemi-
sodium salts of 2-(N-morpholino)ethanesulfonic acid (MES) and N-(2-
hydroxyethyl)piperazine-N�-(2-ethanesulfonic acid) (HEPES) were ob-
tained from the Sigma-Aldrich Chemical Co. Suwannee River fulvic
acid (SRFA) was provided by Jerry Leenheer (U.S. Geological Survey,
CO). Its isolation and characterization are described elsewhere (Averett

Table 1. The iron(II) oxidation model species formation constants,
oxidation rate constants, and predicted contribution of each species to
the overall oxidation rate.

Species log Kf
a

Log rate
constant for
oxidation by

O2
a

Predicted % contribution of each
species to the overall iron(II)

oxidation rate

pH 8.0,
low I

pH 8.0,
high I

pH 6.0,
low I

pH 6.0,
high I

Fe2� n/a –4.26 —b — — —
FeOH� –9.51 2.62 0.8 0.8 47.7 49.3
Fe(OH)2 –20.61 7.72 75.4 72.9 47.4 47.0
FeHCO3

� –6.35 �1.9 — — 3.8c 2.9c

FeCO3
0 –12.46 �1.4 1.5c 1.0c 0.9c 0.7c

Fe(CO3)2
2� –28.84 5.82 8.4 11.1 — —

FeCO3OH– –22.17 4.0 13.9 14.2 — —

a Ionic strength � 0, temperature � 25°C, taken from King (1998).
b �0.1% of total.
c Assumes that the rate constants for FeHCO3

� and FeCO3
0 (aq) are

equal to their maximum values.
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et al., 1994). Certified ACS grade ferrous ammonium sulfate hexahy-
drate was obtained from Fisher Scientific. The iron(II) salt was warmed
in an oven at 45°C for 1 h and stored in a desiccator until use. All other
chemicals were used without additional purification or modification.
High purity (�17.8 M�) deionized water was used throughout.

2.2. Iron–Fulvic Acid Solution Preparation

To prepare the solutions used in the experiments, pH 6.0 (MES) or
8.0 (HEPES) buffer and SRFA were added from concentrated stock
solutions to a 50 mL polypropylene volumetric flask. Experiments were
conducted at two ionic strengths. For the higher ionic strength exper-
iments, sodium perchlorate was also added to the reaction medium. In
the lower ionic strength experiments, it was omitted and the ionic
strength was determined mainly by the pH buffer. The solution was
diluted to �40 mL with deionized water, and mixed thoroughly. For
the iron(II) oxidation experiments, iron(II) was then added from a
freshly made ferrous ammonium sulfate stock solution (0.01 mol/L
HNO3). For the colloid formation experiments, iron from either the
AA/ICP standard (iron[III]) or from the ferrous ammonium sulfate
stock solution (iron[II]) was then added. The solution was then diluted
to volume and mixed again. The measurement of either iron(II) or total
dissolved iron by FIA began immediately (methodology discussed
below). In a few cases, colloidal iron was measured by UV-Vis spec-
trophotometry, in place of the FIA analysis.

The final concentrations for all the experiments were: 10.0 mmol/L
pH buffer (MES or HEPES), 10.0 mg/L fulvic acid (�5 mg C/L), 0.10
mol/L sodium perchlorate (when used), and 10.0 �mol/L iron. For the
iron(II) oxidation experiments, solutions without the fulvic acid were
also made and analyzed. To eliminate photochemical effects, the so-
lution preparation and analysis were conducted in near darkness, with
only the dim light from computer monitors and instrument displays
present. The sample flasks were wrapped in aluminum foil once the
final dilution and mixing were complete, further limiting exposure to
light. Dissolved oxygen was assumed to be at saturation throughout the
experiments, not unreasonable given the �25:1 O2:Fe ratio in these
experiments and the factor of 4 in the proposed oxidation mechanism
(Eqn. 1–4 and 6).

2.3. Iron–Fulvic Acid Solution Analysis

2.3.1. Iron(II) oxidation and iron colloid formation by flow injection
analysis

A previously described flow injection analysis (FIA) system based
on the colorimetric analysis of iron using ferrozine was used to measure
total iron(II) and dissolved iron as a function of time from mixing the
iron with the pH buffered solutions (Pullin, 1999; Pullin and Cabaniss,
2001). An iron(II)-specific permutation of the FIA method was used to
measure iron(II) oxidation in iron–fulvic acid mixtures and control
solutions without fulvic acid (Pullin and Cabaniss, 2001). Briefly, the
method injects an aliquot of sample into a pH 6 buffered stream of
water, which is then mixed with ferrozine. After a 25 s reaction time (at
25°C), the resulting iron(II)-ferrozine complex is then measured by
absorbance at 562 nm, as a peak in time. Standardization used pH 2.0
nitric acid solutions of iron(II) from ferrous ammonium sulfate to
create a linear regression between FIA peak height and iron(II) con-
centration. Unlike the Fe(II) chemiluminescence methods (Voelker and
Sulzberger, 1996), this method is not affected by high concentrations of
organic matter (Pullin and Cabaniss, 2001).

A dissolved iron FIA method was used to quantify iron colloid
formation in the iron–fulvic acid mixtures as the difference between the
total iron (known) and the dissolved iron (FIA measured) (Pullin and
Cabaniss, 2001). Briefly, this method injects an aliquot of sample into
a pH 4 buffered flowing stream of water (acetic/citric acid) which is
then mixed with a reductant (ascorbic acid) and ferrozine. After a 70 s
reaction time (at 65°C), the iron(II)-ferrozine complex was measured as
a peak in absorbance at 562 nm in time. Standardization used pH 2.0
nitric acid solutions of iron(III) (from an AA/ICP standard) to create a
linear regression between FIA peak height and iron concentration. This
method was found to give good recovery of iron(III)-organic com-
plexes, but no response to freshly made iron(III) colloids under the
conditions employed here (iron[III] added to pH 6.0 and 8.0 MES and

HEPES buffered solutions) (Pullin and Cabaniss, 2001). Additionally,
in the analysis of a river water sample, the method was found to
measure only iron passing a 0.050-�m Nuclepore (50 nm) filter (Pullin
and Cabaniss, 2001). Estimates of the lower limit of aquatic colloid
particle size vary from 10 to 100 nm (Perret et al., 1994; Ledin et al.,
1995; Filella et al., 1997; Hassellöv et al., 1999; Taillefert et al., 2000;
Vaillancourt and Balch, 2000). Clearly, either the use of a chemical
reaction or a 50-nm filter as the division between colloidal and dis-
solved is an operational definition. However, since our FIA method
gave no response to freshly made iron(III) colloids, we feel that this
estimate of dissolved iron is valid under these conditions.

While the FIA analysis does not measure changes in particle size
distribution during colloid formation, it does permit the fast and simple
determination of the total amount of iron in the colloidal phase. This
allows for the quantitative determination of the net amount of iron
being transferred to the colloidal phase on a minute by minute time-
scale. Methods of this nature are needed to quantitatively describe the
kinetics of iron colloid formation and understand the environmental
parameters that control it.

2.3.2. Iron colloid formation by spectrophotometry

Iron(III) oxides and oxyhydroxides exhibit characteristic electronic
absorbance spectra in the UV-visible range (Sherman and Waite,
1985). In the iron(II) oxidation experiments without fulvic acid, this
absorbance was used to measure the formation of colloidal iron. This
provided a faster data acquisition rate than possible using FIA. How-
ever, the overlap of the absorbance spectrum of the fulvic acid with that
of the iron colloids limited the use of this method to iron solutions
without fulvic acid.

To provide a quantitative measurement of the amount of iron col-
loids formed during these experiments, solutions containing 10.0
mmol/L pH 8.0 HEPES buffer, 0.10 mol/L sodium perchlorate, and
iron concentrations of 0.50, 1.0, 3.0, 10.0, 30.0, and 50.0 �mol/L
(added as iron[II]) were prepared in polypropylene flasks and allowed
to stand in the dark for 60 min to allow for oxidation and colloid
formation. The absorbance spectrum of each solution was collected
from 300 to 600 nm in 10 cm glass cells using a Hitachi U2000
spectrometer. A 10.0-mmol/L HEPES � 0.10-mol/L sodium perchlor-
ate solution was used in the reference cell. Using linear regression of
absorbance vs. added iron concentration (Beer’ s law), the molar ab-
sorptivity of the colloid product (3020 M�1 cm�1, as iron) was deter-
mined at 340 nm, a maximum above the background absorbance of the
HEPES buffer (�300 nm). This assumes that all the added iron is
converted to the colloidal form, not unreasonable for micromolar pH
8.0 iron solutions with no added ligand.

To follow colloid formation over time, a 1.0 cm cell in the spec-
trometer reference beam was filled with 10.0 mmol/L HEPES � 0.10
mol/L sodium perchlorate pH 8.0 buffer. Fifty microliters of 50.0-
�mol/L iron(II) stock solution was added to a dry 1.0-cm glass cuvette
in the spectrometer sample beam followed by 2.45 mL of the 10.0-
mmol/L HEPES � 0.10-mol/L sodium perchlorate pH 8.0 buffer. The
sample compartment was closed and the absorbance at 340 nm was
recorded every 12 s for 60 min. The absorbance vs. time data were
converted to colloid concentration vs. time data using the molar ab-
sorptivity of the product determined above. The experiment was later
repeated using a Hewlett Packard HP8453 diode array spectrophotom-
eter, which collected an entire absorbance spectrum every thirty sec-
onds for sixty minutes. No changes in the shape of the absorbance
spectrum (300–400 nm) of the product over time were observed.

2.4. Iron(II) Oxidation Model Predictions

For comparison, the kinetics of iron(II) oxidation at the experimental
conditions used here were predicted using a homogeneous oxidation
model developed by King (1998). This model considers the oxidation
of each of the iron(II) hydrolysis and carbonate species separately
(Table 1). The model does not consider the effects of iron(II) compl-
exation by organic ligands or the effect of the iron(II) oxidation product
(iron[III] colloid) surface on the iron(II) oxidation rate (autocatalysis).
The activities of the iron(II) species were calculated according to King
(1998). Since bicarbonate was not used as a pH buffer in most of our
experiments, the carbonate species were simply assumed to be in
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equilibrium with the atmosphere. The hydrogen ion activity was fixed
during the calculation at the value for the pH buffer used in the
experiment. The oxidation rate constants for each species (Table 1)
were adjusted for ionic strength using an empirical correction (King,
1998). The activities and the rate constants were used to calculate the
overall iron(II) oxidation rate constant according to

–
d[Fe(II)]

dt
� 4	O2
�

i�1

n

ki[Fe(II)X]i (6)

where n is the total number of species, X is the iron(II) ligand (Table
1), and ki is the second order rate constant for the reaction of species i
with O2 (King, 1998). The [O2] at atmospheric equilibrium at 25°C was
taken from the literature (Bensen and Krause, 1980). Ionic strength was
assumed to have no effect on [O2] over the range examined. Because
[O2] was much greater than the initial [Fe(II)] in our experiments, it
was assumed to be constant over time (pseudo-first order conditions).
Predicted iron(II) concentration was calculated as a function of time
using the overall rate constant and the dissolved [O2].

3. RESULTS

3.1. Iron(II) Oxidation

The purposes of measuring iron(II) oxidation without any
added organic ligand (Suwannee River fulvic acid—SRFA) are
to provide a control to compare with the experiments contain-
ing fulvic acid and to test the homogeneous Fe(II) oxidation
model of King (1998). Comparison of the measured and model
predicted iron oxidation data to each other yields two important
observations (Fig. 1). The first is that the King model consis-
tently predicts faster oxidation than is observed. The second is
that the experimentally measured iron(II) does not follow the
expected pseudo-first order decay, especially at pH 8.0. At pH
6.0, the model predictions are in better agreement with the
experimental data and the shape of the oxidation curve deviates
less from the predicted first order decay (Fig. 1b). However,
due to the very slow rate of oxidation at pH 6.0, the data do not
extend to the completion of the oxidation reaction.

To elucidate the role of colloidal iron in the iron(II) oxida-
tion process, we also measured its concentration by spectro-
photometry (at pH 8.0 with 0.10 mol/L NaClO4) (Fig. 2). The
increase of colloidal iron over time confirms the non–first order
behavior of the system (Fig. 2). Tadolini (1987), who also
monitored the UV-Vis absorbance of the iron(III) oxidation
products during the oxidation of iron(II) in pH 7.0 to 7.5
HEPES and MOPS (3-[N-morpholino]propanesulfonic acid)
buffers, also reports non–first order behavior. The absorbance
spectrum of the iron colloid product found in our experiments
(not shown) resembles the spectra reported by Sherman and
Waite (1985) for lepidocrocite and goethite.

The dissolved iron concentration during the oxidation exper-
iment with no SRFA was calculated by subtracting the mea-
sured colloidal iron concentration from the total iron added to
the experiment (Fig. 2). This dissolved iron concentration is the
sum of the dissolved iron(II) and iron(III) species. Under the
conditions employed in this experiment (pH 8.0, no organic
ligands), where iron(III) is insoluble and its hydrolysis is very
rapid, the dissolved iron(III) concentration should be near zero,
making the calculated dissolved iron equal to the dissolved
iron(II). However, we observed that the FIA measured iron(II)
concentrations were greater than the calculated dissolved iron
concentrations (Fig. 2). This “extra” measured iron(II), plotted

as the difference between calculated dissolved iron and FIA
measured iron(II), must be due to iron(II) associated with the
colloidal phase, either as part of the colloid itself or as a sorbed
surface species. The time dependence of the “colloidal iro-
n(II),” has the characteristic shape of a reaction intermediate
(Fig. 2). It should be noted that this analysis assumes that the
molar absorptivity of this species is the same as the colloidal
iron(III) at 340 nm, within experimental error. It also assumes
that the molar absorptivity of the colloidal material does not
change on the timescale of the experiment (60 min), due to
changes in crystallinity or particle size. The absence of change
in the shape of the oxidation product absorbance spectrum
(300–400 nm) as a function of time (not shown) indicates that
these assumptions are reasonable.

When we added 1.0 mmol/L total carbonate to the reaction
mixture for the oxidation experiment at pH 8.0, the rate of
oxidation increased so that it was in much better agreement
with the model predictions (Fig. 1a). Additionally, the shape of
the oxidation curve became more characteristic of first order
decay (exponential), suggesting that the colloidal iron(II) inter-
mediate species either had been eliminated or no longer con-
trolled the oxidation rate.

We also found that the concentration of the HEPES buffer
did not affect the observed oxidation rate (not shown), in
agreement with the results of King (1998). Tadolini (1987) was
able to show that the iron(II) oxidation product observed in
both HEPES and MOPS buffers, and when iron(II) was added
to unbuffered alkaline solutions, had nearly identical absor-
bance spectra, indicating that the increasing UV-Vis absor-
bance during oxidation was due to the formation of a colloidal
iron(III) oxidation product, not an iron(III)-buffer complex (a
possible complication here).

The addition of 10.0 mg/L SRFA to the iron(II) oxidation
reaction mixture substantially increased the observed oxidation
rate of iron(II) at both pH 6.0 and 8.0 (Fig. 3). Additionally, in
the presence of the SRFA, the observed oxidation rate more
closely resembled first order decay. At longer times, the ob-
served oxidation rate in the presence of the fulvic acid at pH 6.0
slows, possibly approaching a steady state value (Fig. 3b).

At pH 8.0, with and without SRFA, oxidation occurs more
slowly at the higher ionic strength (Figs. 1a and 3a). This is the
expected trend, as noted in the introduction. Oxidation of
iron(II) at pH 6.0 with no SRFA present does not conform to
this trend, proceeding slightly faster at the higher ionic strength
(Fig. 1b). When fulvic acid is added to the oxidation reaction at
pH 6.0, the ionic strength trend returns to faster oxidation at
lower ionic strength (Fig. 3b).

3.2. Colloid Formation

The addition of iron (either as Fe(II) or Fe(III)) to the pH
buffered (6.0 and 8.0) SRFA solutions resulted in the formation
of colloidal iron over time (Fig. 4). The rate of formation was
slower at pH 6.0 than at pH 8.0. The experiments eventually
reached a steady state amount of colloidal iron at long times
(�48 h), except for the case of iron(II) at pH 6.0 (discussed
below). The amount of steady state colloidal iron was greater at
pH 8.0 than at pH 6.0. The effect of ionic strength was small
(except for iron[II] at pH 6.0, discussed below), with less
colloidal iron formed at the lower ionic strength.
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The redox state of the iron added to start the experiment
(Fe(II) vs. Fe(III)) affected the rates of iron colloid formation
(Fig. 4), especially at pH 6.0 where iron(II) oxidation is rela-
tively slow (Fig. 4b). Surprisingly, the initial iron redox state
also affected the steady state amounts of colloidal iron, with

experiments starting with iron(III) yielding less colloidal iron
than those starting with iron(II). The pH 8.0 solutions were
reanalyzed for colloidal iron after 30 d (data not shown), and
the iron(II) vs. iron(III) difference was found to be stable over
that time period (Pullin, 1999).

Fig. 1. Measured and modeled iron(II) oxidation in the absence of Suwannee River fulvic acid; initial [Fe(II)] � 10.0
�mol/L; pH buffer and background electrolyte indicated on the graph. Model data according to King (1998), see text for
details. (a) pH 8.0, (b) pH 6.0, error bars represent �1� of three replicate measurements.
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4. DISCUSSION

4.1. Iron(II) Oxidation

The disagreement between our iron(II) oxidation data (in the
absence of SRFA) and the King model may result from the
inherent difficulty in determining the individual iron(II) species
formation and oxidation rate constants, which could limit over-
all accuracy of the model predictions. However, the predicted
rate constants for oxidation have expected error bounds (�0.2
log units, King, 1998) which are too small to account for the
discrepancy with these experiments. A second possibility is that
the rate constants for the FeHCO3

� and FeCO3
0(aq) species

used in the model calculations are in error. These values are
only reported as upper limits by King (1998). However, exam-
ination of the predicted speciation data indicates that under our
experimental conditions (atmospheric CO2 only), the model
rate of oxidation is only slightly affected by these species
(Table 1).

The observation of non–first order iron(II) oxidation in the
absence of SRFA suggests that a different or additional reaction
mechanism (other than homogeneous oxidation) is occurring,
perhaps making the model predictions an inappropriate com-
parison to our experimental system. In the absence of added
carbonate at pH 8.0, the formation of the colloidal iron(II)
intermediate appears to accelerate the oxidation rate. We inter-

pret the observed decay curve (Fig. 1a) as initially slow oxi-
dation (by the homogeneous mechanism) followed by fast
oxidation of the intermediate. This faster reacting species is
assumed to be iron(II) bound to the surface of amorphous
iron(III) hydroxide particles formed during the oxidation pro-
cess. This “autocatalysis” mechanism has been previously ob-
served to accelerate iron(II) oxidation (Tamura et al., 1976b;
Sung and Morgan, 1980; Wehrli, 1990), although at higher total
iron concentrations (�50 �mol/L) than used here.

In the presence of added carbonate (Fig. 1c), carbonate
out-competes the surface for the binding of iron(II) and the
rate-controlling mechanism shifts to the homogeneous oxida-
tion of iron(II)-carbonate complexes. Because the previous
studies noted above used higher carbonate concentrations than
employed here (as a pH buffer), the autocatalytic effect could
not be observed at iron concentrations � 50 �mol/L in those
studies.

While the above interpretation explains the shape of the
iron(II) decay curve in the absence of organic ligands, it does
not resolve the disagreement between the experimental data
and the model. If the colloidal iron formed during oxidation is
accelerating oxidation at relatively long times, the homoge-
neous model (no autocatalysis) should predict a slower overall
oxidation rate, roughly equal to the observed rate at short times.
However, the model always predicts faster than observed rates

Fig. 2. The effect of autocatalysis on iron(II) oxidation; initial [Fe(II)] � 10.0 �mol/L; 10.0 mmol/L HEPES, pH 8.0; 0.10
mol/L NaClO4. Iron(II) was measured by flow injection analysis and colloidal iron was measured by spectrophotometry.
Dissolved iron is the difference between the total added iron and the colloidal iron. The iron(II) intermediate is the
difference between the measured iron(II) and the dissolved iron.
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(Fig. 1). This suggests that either the oxidation rate constants
for the iron(II) hydrolysis species are much smaller than pre-
viously thought, or that other less reactive iron(II) species are
forming and are not accounted for by the model.

At pH 6.0 (in the absence of SRFA) the model prediction is
in better agreement with the experimental data. This may be

due to the reduced affinity of the iron colloid surface for
iron(II) at the lower pH value. Zhang et al. (1992) have directly
measured the pH dependent sorption of Fe(II) onto lepidocroc-
ite and show increasing sorption at increasing pH (as expected
for a cation) with an adsorption edge centered at �pH 6.2.
Decreased sorption could reduce the importance of the auto-

Fig. 3. The effect of Suwannee River fulvic acid on iron(II) oxidation; initial [Fe(II)] � 10.0 �mol/L; 10 mg/L fulvic acid,
when used; pH buffer and background electrolyte indicated on the graph. (a) pH 8.0, (b) pH 6.0, error bars represent �1�
of three replicate measurements.
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catalytic mechanism at pH 6.0, making the homogeneous
model more appropriate.

The presence of SRFA greatly increased the rate of oxidation
at both pH values (6.0 and 8.0) (Fig. 3). This suggests that a

relatively fast reacting iron(II)–fulvic acid complex formed,
providing a faster pathway for oxidation than the surface cat-
alyzed oxidation mechanism observed in its absence, thereby
shifting the control of the oxidation rate to a homogeneous

Fig. 4. The effect of pH, initial iron redox state, and ionic strength on iron(III) colloid formation in the presence of
Suwannee River fulvic acid. Iron(III) colloid formation measured by flow injection analysis. 10 mg/L fulvic acid and 10.0
�mol/L total iron throughout. Labels indicate initial iron redox state, pH buffer, and background electrolyte. (a) pH 8.0, (b)
pH 6.0. Note that the axes scales vary between (a) and (b).
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process. Complexation of the iron(III) produced during the
oxidation reaction would also decrease the amount of colloidal
iron, reducing its effect on iron(II) oxidation. Additionally,
SRFA sorption to the surface of colloidal iron may have pre-
vented the formation of the colloidal iron(II) intermediate seen
in the non–fulvic acid system (although decreased sorption is
expected at pH 8.0 relative to pH 6.0).

However, elimination or modification of the colloidal iron
phase by the fulvic acid cannot be the only reason for the
observed shift in iron(II) oxidation kinetics. If this were true,
the oxidation rate in the presence of the fulvic acid would be
slower overall and equal to the rate observed at short times in
the non–fulvic acid experiments. Thus, these results demon-
strate that in the presence of fulvic acid, an iron(II)–fulvic acid
complex forms and controls the oxidation rate at both pH 6.0
and 8.0.

The observation of an iron(II)–fulvic acid complex at satu-
rated dissolved oxygen concentrations seems to disagree with
the conclusion of Liang et al. (1993) that these conditions
prevent its formation. However, their results were obtained at a
lower fulvic acid concentration (�2.0 mg/L) than ours (10.0
mg/L), perhaps decreasing the iron(II) complexation effect.
When their oxidation experiments were conducted at lower
than saturated O2 values, iron(II)–fulvic acid complex forma-
tion and subsequent oxidation was faster than inorganic dis-
solved iron(II) species hydrolysis and oxidation. Our results are
consistent with the report of Emmenegger et al. (1998), who
noted the acceleration of the oxidation rate, relative to model
predicted values in the absence of complexation, at pH values
� 7.3. Thus, conditions that favor organic complexation (such
as increased fulvic acid concentration) or conditions that slow
oxidation of the inorganic iron(II) species relative to iron(II)-
DOM complexes (such as decreased pH) will favor control of
the oxidation rate by the oxidation of iron(II) organic com-
plexes.

It should be noted that Emmenegger et al. (1998) worked at
much lower initial iron(II) concentrations (30 nmol/L) than this
study (10 �mol/L), although at similar DOC concentrations
(3.2 mg/L vs. �5 mg/L). One might predict that complexation
would have a larger effect at a lower metal to ligand ratio (more
complete complexation of the metal), but this does not seem to
be borne out experimentally. A small amount of a relatively
fast-reacting iron(II) complex could have a large effect on the
overall oxidation rate, even if the complex is only a small
percentage of the total iron(II).

It should also be noted that Emmenegger et al. (1998) con-
ducted their experiments with unfiltered natural water samples.
However, in their experiments, 0.45-�m filtration was not able
to remove all of the accelerating effect of ligands (colloids,
bacteria, or otherwise). The results presented here support their
conclusion (based on their large and non-catalytic concentra-
tion of iron[II]-binding ligand), that their observed acceleration
was due to the presence of “unspecific organic ligands.”

The apparent decrease in oxidation rate at long times at pH
6.0 in the presence of SRFA (Fig. 3b) could be due to the back
reaction of iron(III) with superoxide (reverse of Eqn. 1). How-
ever, both further reaction with additional iron(II) (Eqn. 2) and
organic matter-catalyzed decomposition (Goldstone and
Voelker, 2000) should rapidly remove superoxide from solu-
tion. It is more likely that the “dark” or thermal reduction of

iron(III) by fulvic acid could eventually decrease the net rate of
oxidation, leading to the observed non-zero iron(II)concentra-
tion at long times (Fig. 3b). The lack of net iron(II) dark
reduction at pH 8.0 may simply be due to its much faster rate
of oxidation at this pH value and does not necessarily imply a
strong pH dependence for thermal reduction. Quantifying the
effect this thermal reduction on the iron speciation is the
subject of a companion publication (Pullin and Cabaniss,
2003).

The observation here of both iron(II) complexation and
iron(III) chemical reduction by DOM may explain why Theis
and Singer (1973, 1974) and Miles and Brezonik (1981) ob-
served that several humic acids and some model ligands slowed
or inhibited the rate of iron(II) oxidation. Thermal reduction
may have substantially decreased their net rates of oxidation
(Stumm and Morgan, 1981, p. 469). Experimental evidence for
iron(III) reduction by ligands similar to their model compounds
is now available (Lau et al., 1989; Moran et al., 1997; Lopes et
al., 1999).

To summarize, the dominant oxidation mechanism for Fe(II)
changes with solution conditions. Low pH and high DOC favor
control of the oxidation process by Fe(II)-organic complex(es).
High pH and/or high carbonate concentration favor control of
the rate by iron(II)-carbonate or hydroxide species. Addition-
ally, the autocatalytic effect can be important at lower iron(II)
concentrations than previously thought, depending on the pres-
ence of iron(II) ligands in solution (carbonate or otherwise). It
is clear from our data that iron(II)-organic complexes can both
form and control the iron(II) oxidation rate under conditions
similar to those present in a variety of surface waters (5 mg/L
DOC, pH 6–8, saturated O2). Efforts to quantitatively model
iron(II) dynamics in these waters will need to account for the
effect iron(II) complexation, both at mineral surfaces and in
solution by inorganic and/or organic ligands.

4.2. Colloid Formation

In the presence of the fulvic acid, the iron remaining in the
dissolved phase after colloid formation greatly exceeds the
predicted solubility of iron(III) in its absence (Fig. 4), presum-
ably due to complexation by the fulvic acid. The observed rate
of iron colloid formation is also much slower than would be
expected in the absence of SRFA. For example, in the iron(II)
oxidation experiment at pH 8.0 without SRFA, the colloidal
iron concentration reached �100% of the total added iron
within 15 min (Fig. 2).

The increased amount of colloid formation at pH 8.0, relative
to pH 6.0, is presumably due to increased iron(III) hydrolysis.
The effect of this increased hydrolysis must at least partially
offset the increased metal complexation by SRFA at the higher
pH. At pH 6.0, the colloid formation is faster when starting
with iron(III) than with iron(II) (Fig. 4b), due to the high
solubility and slow oxidation rate of iron(II) at that pH. At pH
8.0, due to the relatively rapid rates of both iron(III) hydrolysis
and iron(II) oxidation, the rate of colloid formation is similar
when starting with iron(II) or iron(III) and is much faster than
at pH 6.0 (Fig. 4).)

The small effect of ionic strength on the colloid formation
rates and steady state amounts suggests that the observed rate is
not due to the coagulation of smaller particles, which is en-
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hanced by increased electrolyte concentrations through the
partial neutralization of repulsive charges (Stumm and Morgan,
1981). The net removal of dissolved iron to the suspended
colloid phase is thus limited by reaction of a dissolved Fe
species, e.g., Fe(II) oxidation or Fe sorption onto a colloid. This
would be consistent with decreased colloid formation at higher
ionic strength, as an increased electrolyte concentration would
decrease the activity of the reacting species.

When the oxidation rate of iron(II) controls the rate of
colloid formation, any effect of ionic strength on the oxidation
rate will also influence the colloid formation rate. In SRFA
solution at pH 6.0, faster oxidation at the lower ionic strength
is consistent with faster colloid formation under these condi-
tions (Fig. 4). In SRFA solution at pH 8.0, the ionic strength
effect on the colloid formation rate is smaller, as would be
predicted from the short half life of iron(II) and the consequent
decreased effect of the oxidation rate.

As noted above, the overall colloid formation at long times
is greater at both pH values when starting with iron(II), relative
to starting with iron(III) (Fig. 4). This difference must result
from the kinetic control of the distribution of species, as a
thermodynamic consideration would predict no difference at
long times. This complex kinetic behavior could result from
multiple pathways to the formation of colloidal iron, which
would suggest the presence of multiple classes of iron–fulvic
acid complexes. It is clear from these experiments that both
iron(II) and iron(III) fulvic acid complexes exist. The kinetic
evidence suggests that the iron(II) complexes are fast reacting,
while the iron(III) complexes are far more stable. Given the
nature of iron(III) hydrolysis and fulvic acid heterogeneity,
multiple iron(III) complexes or classes of complexes appear
likely. While this argument is speculative, further evidence for
multiple iron(III)–fulvic acid complexes is given in the com-
panion publication (Pullin and Cabaniss, 2003).

These results also suggest that environmental processes that
cause the production of iron(II) (such as photochemical reduc-
tion) may eventually promote the formation of colloidal iron.
For example, several researchers have reported the photochem-
ical production of iron colloids in humic and iron-rich waters
(Gao and Zepp, 1998; Maurice et al., 2002). Gao and Zepp
(1998) hypothesized that this observation was the result of
photochemical destruction of the iron-binding capacity of the
DOM, decreasing the solubility of the iron. While mechanisms
for the iron-catalyzed photochemical decarboxylation of DOM
have been proposed (Faust and Zepp, 1993; Faust, 1994), we
speculate that the photoreduction of iron(III) to iron(II), fol-
lowed by increased colloid formation, may be an additional
mechanism causing this phenomenon.

5. CONCLUSIONS

1. In the absence of organic ligands, experimentally measured
rates of iron(II) oxidation were significantly slower than
predicted by the homogeneous oxidation model of King
(1998). While both dissolved iron(II) and colloidal iron
measurements indicate the presence of a rate-controlling
autocatalytic oxidation mechanism in these experiments, it
does not account for the observed systematic error in the
model predictions.

2. In the presence of Suwannee River fulvic acid, kinetic
evidence indicates that an iron(II)-organic complex forms

over the pH range 6.0 to 8.0. These results suggest that such
complexes can control the rate of iron(II) oxidation and that,
in addition to the H�, O2, and carbonate concentrations, the
concentration of DOM is an important variable controlling
the rates and significance of this mechanism in natural
waters.

3. SRFA slows the rate and decreases the formation of iron(III)
colloids, presumably by stabilizing non-colloidal iron
through complexation. Due to increased iron(III) hydrolysis
and faster iron(II) oxidation, higher pH values lead to faster
and more extensive colloid formation. Over the range ex-
plored here, increased ionic strength slows the rate and
decreases colloid formation.

4. The distribution of iron between multiple dissolved iron(II)
and iron(III)–fulvic acid complexes and colloidal iron is
kinetically controlled over the time scale of these experi-
ments (up to 30 d).
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