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Abstract

Iron (Fe) bioavailability depends upon its solubility and oxidation state, which
are strongly influenced by complexation with natural organic matter (NOM). 
Despite observations of Fe(II)–NOM associations under conditions favorable 
for Fe oxidation, the molecular mechanisms by which NOM influences Fe(II) 
oxidation remain poorly understood. In this study, we used X-ray absorption 
spectroscopy to determine the coordination environment of Fe(II) associated 
with NOM (as-received and chemically reduced) at pH 7, and investigated 
the effect of NOM complexation on Fe(II) redox stability. Linear combination 
fitting of extended X-ray absorption fine structure (EXAFS) data using 
reference organic ligands demonstrated that Fe(II) was complexed primarily 
by carboxyl functional groups in reduced NOM. Functional groups more likely
to preserve Fe(II) represent much smaller fractions of NOM-bound Fe(II). 
Fe(II) added to anoxic solutions of as-received NOM oxidized to Fe(III) and 
remained organically complexed. Iron oxidation experiments revealed that 
the presence of reduced NOM limited Fe(II) oxidation, with over 50% of initial
Fe(II) remaining after 4 h. These results suggest reduced NOM may preserve 
Fe(II) by functioning both as redox buffer and complexant, which may help 
explain the presence of Fe(II) in oxic circumneutral waters.

Introduction

Iron (Fe) is an essential micronutrient for both photosynthesis and 
respiration, and the two oxidation states of Fe can act as electron donors or 
acceptors for certain microbial metabolic pathways.(1, 2) Iron bioavailability 
can limit primary production in marine systems(3) and influence the 
biogeochemical functioning of soils and sediments. The bioavailability of Fe 
in aquatic environments is strongly affected by redox reactions that cycle Fe 
between +(II) and +(III) oxidation states and by complexation with organic 
ligands. Although free Fe(III) has very low solubility at circumneutral pH, 
organic complexation greatly increases solubility; over 99% of the pool of 
dissolved oceanic Fe(III) is organically complexed.(4) Fe(II) is far more 



soluble than Fe(III), and free Fe(II) can reach high concentrations in reducing 
environments. However, Fe(II) is also readily complexed by NOM,(5) a 
reaction that may influence the redox behavior of Fe(II).

Both pure Fe(II) and mixed Fe(II)/Fe(III) species have been discovered in 
association with NOM in oxygen-rich aquatic environments. Examples include
particles collected from the photic zone in the Southern Ocean,(6) from 
hydrothermal plumes at the midocean ridge East Pacific Rise (pH ∼ 9),
(7) and from freshwater lakes in New Jersey and Puerto Rico, U.S.(8) In 
addition, Sundman et al. identified mixed Fe(II)/Fe(III)–NOM complexes in 
streamwater and soil solutions in a boreal catchment at pH 4.3–5.8.(9) Such 
observations are contrary to expectations from simple models of Fe(II) 
oxidation rates and equilibrium calculations that show Fe(III) to be favored 
under oxic conditions at pH greater than 4. Several mechanisms have been 
suggested to explain the persistence of reduced Fe, including photochemical 
reduction,(10, 11) microbially mediated reduction,(2) and enhanced stability 
as a result of binding with organic ligands.(12)

Laboratory investigations of Fe–NOM oxidation–reduction chemistry have 
yielded contradictory results as to whether complexation of Fe by NOM 
enhances, inhibits, or has no effect upon the rate of Fe(II) oxidation. Such 
variability likely indicates that the effect of organic association on Fe(II) 
oxidation is dependent on the molecule and the experimental system. Tannic
acid, gallic acid, and pyrogallol have been shown to inhibit Fe(II) oxidation, 
while salicylate and citrate enhance oxidation,(13, 14) and alanine and 
glutamic acid have no effect.(15) Studies using environmental samples show 
that NOM from different sources has variable effects on Fe(II) oxidation 
kinetics.(16-24) Most studies lack an explicit consideration of NOM redox 
activity(25, 26)and thorough characterization of binding interactions 
between Fe(II) and the chosen organic molecules. Natural organic matter is 
capable of acting as both an electron donor and acceptor, and can redox 
cycle repeatedly.(27) Aeschbacher et al. have shown that reducible moieties 
in NOM cover a wide range of standard reduction potentials, many of which 
can reduce Fe, and some of which may oxidize Fe.(28)

In this study, we used extended X-ray absorption fine structure (EXAFS) 
spectroscopy to determine the coordination environment of Fe(II) complexed
by reduced NOM. Reduced NOM was used because Fe(II) underwent 
oxidation in the presence of as-received NOM. Recent EXAFS studies of the 
structure of Fe(III)–NOM compounds have shown that Fe(III) forms 
mononuclear complexes with NOM at low pH and Fe concentration and 
precipitates as Fe(III)–oxyhydroxides at higher pH and Fe content.(29) The 
mononuclear Fe(III) complexes involve chelate ring structures with carboxyl, 
hydroxamate, and hydroxyl groups.(30, 31) To our knowledge, there are no 
EXAFS studies of Fe(II) complexation by NOM and few works dedicated to 
elucidating the binding mechanisms in such complexes.(7, 8, 32) We also 
studied the consequences of NOM complexation on the rate of Fe(II) 
oxidation by O2 for the standard Leonardite humic acid in order to improve 



our current understanding of mechanisms controlling the fate and stability of
Fe(II) in natural oxic waters.

Materials and Methods

Preparation of Samples and Standards

Samples for X-ray absorption spectroscopy analysis were prepared using 
dissolved natural organic matter (NOM) standards from the International 
Humic Substance Society (IHSS). These were chosen for their range of 
chemical properties and included Suwannee River fulvic acid (SRFA), humic 
acid (SRHA), and natural organic matter obtained by reverse osmosis 
(SRNOM); and Leonardite humic acid (LHA). Solutions were prepared in an 
anoxic glovebag by adding as-received NOM to O2-free water and adjusting 
the pH to between 6.7 and 7.0 using 4 M NaOH (see Supporting Information 
(SI) Table S2 for exact pH values of NOM solutions).

As-received NOM was capable of oxidizing Fe(II) even under anoxic 
conditions. To ensure the preservation of ferrous Fe, we used the approach 
of Ratasuk and Nanny(33) to reduce some NOM samples by hydrogenation 
prior to addition of Fe. Reduction of 40–50 mg NOM in 2.75 mL of Millipore 
water was performed by gently bubbling H2 gas through solution in the 
presence of 100 mg of Pd–Al2O3 catalyst for 24 h. Solutions were then 
anoxically transferred to centrifuge tubes and centrifuged at 6,000 rpm for 
4.0 min to pellet out the catalyst. This process did not detectably change the
solution pH.

Solutions of Fe(II) in the form of ferrous ammonium sulfate 
((NH4)2Fe(SO4)2·6H2O), or Fe(III) in the form of ferric chloride (FeCl3) were 
added to 1 mL of NOM solution to achieve 1–2 mM concentration and a 10–
15 μmol Fe g–1 C ratio. The solution was mixed thoroughly, checked again for 
neutral pH, then lyophilized without exposure to oxygen. Samples were 
lyophilized in a vacuum flask, which was closed after drying and opened to 
atmospheric pressure in an anoxic glovebag. (Reduced samples are 
indicated with the subscript “red”.) Anoxic preparation and storage 
effectively prevented the oxidation of Fe(II) by oxygen—a control in which 
Fe(II) was added to anoxic water in the glovebag showed no evidence of Fe 
oxidation.

Samples of reference organic molecules were prepared in the same way as 
the as-received samples, using sodium citrate, pyrocatechol, 2,2′-bipyridine 
(2,2′-bipy), ethylenediamine (EDA), ethylenediaminetetraacetic acid (EDTA), 
and mercaptoethanol in place of NOM (SI Figure S1). High concentrations 
were used to minimize the Fe:C ratio and encourage Fe-ligand binding (SI 
Table S1).

The lyophilized samples were ground, if necessary, and packed densely into 
Teflon sample holders inside an anoxic glovebag. They were sealed with 
Kapton polyimide film and stored under anoxic conditions until transferred to
the sample mount at the beamline. Preliminary experiments showed that 



lyophilized samples were significantly less susceptible than solution samples 
to X-ray-induced oxidation of Fe(II) (SI Figure S2).

Data Collection and Analysis

X-ray Absorption Spectroscopy

All Fe K-edge X-ray absorption spectroscopic analyses were conducted at 
Beamline 11–2 at the Stanford Synchrotron Radiation Lightsource (SSRL) in 
Menlo Park, CA. Samples were mounted in an N2 (l) cryostat to limit beam 
damage or oxidation. The Si(220) monochromator was detuned 50% to 
reduce higher order harmonics. Iron X-ray absorption near edge structure 
(XANES) and EXAFS fluorescence spectra were collected with a 100-element 
Ge detector simultaneously with the transmission spectrum of Fe foil, which 
was used for internal energy calibrations. Multiple scans per sample were 
acquired as necessary to achieve satisfactory data quality. A detector 
deadtime curve was collected for each beam time using a manganese filter.

Scans were calibrated by setting the first inflection point of the Fe(0) 
spectrum to 7112 eV, deadtime corrected, and averaged using SixPack 
software.(34) Background removal, normalization, and glitch removal at 
7250 and 7600 eV were performed in Athena.(35) This program was also 
used to generate and qualitatively compare XANES, EXAFS, and Fourier 
transform spectra. First-shell fitting of Fourier transforms of the k3-weighted 
EXAFS spectra was performed using IFFEFIT code in Artemis, using 
ferrihydrite as a standard. Fourier transform and k3-weighted chi spectra 
were also used to create wavelet transforms using the Igor Pro wavelet 
transform script developed by Funke et al.(36) Wavelet transforms allow for 
the qualitative elemental discrimination of signal contributions from 
backscattering neighboring atoms. Linear combination fitting (LCF) of EXAFS 
spectra was performed in Artemis. Details of the linear combination fitting 
procedure can be found in the SI (see Figures S6 and S7).

Fe(II) Oxidation Experiments

The effect of Fe(II) binding by Leonardite humic acid (LHA) on the rate of 
Fe(II) oxidation by O2was measured in aqueous solution. The initial solutions 
were prepared under anoxic conditions using O2-purged Millipore water, 
reduced LHA, and FeCl2. The Fe(II)–LHA sample was prepared with 2 mg/mL 
of reduced LHA and 0.79 mM Fe(II). Test samples showed that there was no 
detectable oxidation of Fe in any sample following the overnight incubation.

To start the experiment, samples were removed from the anoxic glovebag 
into open air and 1 mL was added into 30 mL glass beakers containing air-
equilibrated solutions of 11 mL of 4.2 mM PIPES, a noncomplexing buffer,
(37) at pH 7. To test whether PIPES affected the Fe(II) oxidation rate, the 
kinetics of Fe(II) oxidation were determined at 4.1 mM and 41 μM PIPES 
concentrations in the absence of LHA (SI Figure S8). Pseudo-first-order rate 
constants of Fe(II) oxidation were consistent with previously published 
values.(38, 39) While a difference was observed in the Fe(II) oxidation rates 



between the two solutions, it was substantially smaller than the effect of 
adding reduced organic matter, and was likely a result of additions of NaOH 
required to maintain steady pH. Solutions were kept in the dark and stirred 
for the length of the oxidation experiments.

Iron(II) concentration as a function of time was determined by extracting 50-
μL aliquots and immediately adding them to 150 μL of pH 7 PIPES-buffered, 
50 mM solutions of 2,2′-bipyridine (2,2′-bipy).(40) After 30–60 s of reaction 
time, these solutions were analyzed by ultraviolet–visible (UV–vis) absorption
spectroscopy. At some points, a duplicate 50 μL aliquot was taken, added to 
the 2,2′-bipy solution, capped, and stored in the dark for >30 min. The Fe(II) 
concentration was determined from the average intensity between 568 and 
572 nm using a previously measured calibration curve.

Dissolved O2 was measured simultaneously using the FOXY fiber optic probe 
(Ocean Optics). There was no detectable difference in the trend in dissolved 
O2 between experiments with and without NOM (data not shown). We sought 
to quantify the generation of hydrogen peroxide (H2O2) by the Amplex red 
assay (A-22188, Molecular Probes, Invitrogen), but found the response to be 
significantly higher than expected when LHAred was present. Although we 
were not able to obtain reliable H2O2 concentrations in the presence of 
organic matter, the assay confirmed the generation of this species, and data 
are shown in SI Figure S9.

The oxidizing capacity of as-received LHA was measured by adding Fe(II) to 1
mL of 2 mg/mL LHA to achieve a final Fe concentration of 1 mM. The 
reducing capacity of reduced LHA was measured by adding Fe(III) to 1 mL of 
2 mg/mL LHA to achieve a final Fe concentration of 2 mM (SI Figure S10). All 
reactions were performed in an anoxic chamber. The concentration of Fe(II) 
was measured over 8 h using 2,2′-bipy but all redox reactions were 
completed within the first few minutes.

Results

XAS Data Analysis

The position of the absorption threshold of the Fe K-edge XANES spectra 
approximates the oxidation state of Fe (Figure 1). The Fe absorption edge for
citrate + Fe(II) appeared at 7124 eV while that of citrate + Fe(III) appeared 
at a higher energy, 7126 eV. The spectra from all reference compounds with 
Fe(II) show no signs of oxidation. However, the edges of LHA + Fe(II) and 
SRFA + Fe(II) are very close to those of LHA + Fe(III) and citrate + Fe(III), 
clearly indicating that as-received NOM is capable of oxidizing Fe(II). In 
contrast, the spectra from reduced NOM samples are aligned with citrate + 
Fe(II), indicating preeminence of reduced Fe. Electron paramagnetic 
resonance (EPR) spectroscopy confirmed Fe(II) added to reduced NOM was 
not oxidized (SI Figure S3). The close agreement between the NOM + Fe(III) 
and the citrate + Fe(III) XANES spectra, as well as the EPR spectroscopy, 



shows that oxidized Fe remains complexed by NOM and does not form 
precipitates.

First-shell fits of the Fe K-edge EXAFS data using a single-scattering oxygen 
path from ferrihydrite (SI Figure S5) provide information about the average 
coordination number (CN) and bond distances of Fe–O paths (Table 1). 
Complexes containing Fe(III) and Fe(II) added to as-received NOM have high 
CN values (≥6) compared to Fe(II) complexes with reduced NOM or O-
containing organic reference ligands (5.0 ≤ CN ≤ 5.7). The bond distances 
for the Fe(III) complexes analyzed in this study range from 1.99–2.02 Å, 
typical values for Fe(III) octahedral coordination with oxygen in organic 
ligands.(41) The bond distances of the Fe(II) complexes range from 2.06 to 
2.10 Å. Values above 2.08 Å are consistent with octahedrally coordinated 
Fe(II),(42-44) although path lengths that are shorter could indicate a mixture 
of Fe(II) and Fe(III).(45) The longer bond lengths for Fe–O/N complexation in 
reduced NOM−Fe(II) samples relative to Fe(III)–NOM samples indicate less 



attraction between Fe(II) and the coordinating ligand and a weaker 
coordination environment.

Wavelet transform (WT) analysis was employed to investigate the nature of 
the atoms beyond the first coordination shell. WT analysis uses a two-
dimensional plot created from the k-weighted EXAFS spectrum and the 
corresponding Fourier transform to determine the distance and scattering 
strength of atoms. As can be seen in the WT plot for ferrihydrite in Figure 2, 
second shell Fe contributes a strong feature at about 7 Å–1 and 2.75 Å. This 
feature is absent from WT plots for all complexes of Fe and NOM, 
demonstrating there is no significant presence of multinuclear Fe clusters or 
precipitates. Similar observations have been reported for systems containing
low concentrations of Fe(III) at low to neutral pH.(29, 46, 47)

Linear combination fitting (LCF) of Fe EXAFS organic reference spectra to 
reduced NOM spectra reveals the dominant types of complexes formed 



(Figure 3). The strong contribution from the citrate + Fe(II) reference shows 
50–75% of Fe was bound by carboxyl and possibly hydroxyl groups.
(42) Optimal fits to nearly all sample spectra required small contributions 
from catechol and EDTA. In SRHAred + Fe(II) and SRNOMred + Fe(II) at pH 4, 
nearly 20% of the Fe exists as hydrated Fe(II), which may represent solvation
complexes or outer-sphere complexes, as these are likely indistinguishable. 
Fe(III)–organic reference complexes (i.e., citrate + Fe(III) or catechol + 
Fe(III)) were fit, to varying degrees (5–25%), to every sample except 
SRNOMred + Fe(II) at pH 4. Though nitrogen- and sulfur-containing organic 
compounds generally have a higher affinity for Fe(II) than oxygen-containing 
groups,(48) they represent a small proportion of the NOM types studied (0.5–
2% by weight), and LCF analysis did not reveal any contributions from 
amine-only or thiol ligands (as determined from ethylenediamine + Fe(II) and
mercaptoethanol + Fe(II) references). Bipyridine-like and EDTA-like 
functional groups, both of which contain nitrogen, were found to complex 5–
20% of the Fe (as Fe(II)) in SRFAred + Fe(II), SRNOMred + Fe (II), LHAred + Fe(II),
and LHAred. Consistent with the WT analyses, LCF results indicate the 
absence of significant quantities of polymeric Fe in the reduced NOM 
samples.

Fe(II) Oxidation Experiments

To observe the effect of Fe–NOM complexation on iron redox speciation 
during oxidation by O2, we exposed a pH 7 buffered anoxic solution of 
LHAred + Fe(II) to atmospheric and dissolved O2for over 3 h. The extent of 
Fe(II) oxidation decreased substantially in the presence of LHAredcompared to
a NOM-free control (Figure 4). While total oxidation of Fe(II) without 
LHAred occurred within about 110 min, over 50% of the Fe(II) associated with 
LHAred remained reduced after 4 h of exposure to O2. Fe(II) assays performed 
on samples stored in the dark for 30 min had approximately a third higher 
Fe(II) concentrations than those performed immediately following sampling, 
suggesting that some of the Fe(III) formed through the reaction of Fe(II) and 



O2 was re-reduced once open air was excluded via capping. The remaining 
sample was analyzed for Fe(II) the subsequent day, but no residual Fe(II) was
detectable at that point. The exposure of LHAred to O2 generated hydrogen 
peroxide (H2O2), indicating O2 directly reacted with redox-active moieties (SI 
Figure S9). In the presence of Fe(II), the measured levels of H2O2 were 
suppressed.

Discussion

Complexation with organic matter has often been proposed to alter the rate 
of Fe(II) oxidation—potentially leading to long-term preservation of Fe(II) in 
oxic circumneutral environments—yet little research has been dedicated to 
understanding Fe(II)–OM complexation. In this study, we investigated Fe(II) 
complexation with organic matter using Fe K-edge spectroscopy and 
determined the impact of reduced organic matter on Fe(II) oxidation.

Oxidation of Fe(II) by As-Received LHA

Due to published observations of humic substances reducing Fe(III)(49, 
50) and preserving added Fe(II),(32) we expected Fe(II) to remain reduced 
when added to as-received NOM in anoxic water. Instead, we observed 
overwhelming oxidation of Fe(II) when added to LHA at pH 7 (SI Figure S3). 
Based on electrochemical studies performed by Aeschbacher et al., a small 
proportion (∼8%) of the reducible moieties in LHA have standard reduction 
potentials greater than that for the Fe(OH)3/Fe2+ redox couple (0.062 V).
(28) At the low Fe:LHA ratio present in our samples, these groups outnumber
the amount of added Fe(II) and are likely responsible for oxidation of added 
Fe(II). Although the identities of these functional groups are unknown, they 
could include semiquinone radicals, which have been shown to oxidize As(III) 
under anoxic conditions and are proposed to oxidize Fe(II) following 
irradiation of SRFA.(26, 51) As a result of Fe(II) oxidation in the presence of 



as-received NOM, we chose to investigate Fe(II)–NOM complexation using 
chemically reduced NOM.

Fe(II)–NOM Complexation

We expected complexation between Fe(II) and N- and S-containing functional
groups to predominate because some of the strongest Fe(II) ligands contain 
N or S,(48) and moles of organic N and S are 1–2 orders of magnitude 
greater than moles of added Fe(II) in our samples.(52) However, our EXAFS 
fitting results show that these two elements have low or no representation in
the formed Fe(II)–NOM complexes. Instead, approximately 75–100% of Fe(II) 
added to reduced organic matter remained reduced and formed 
mononuclear oxygen-containing complexes (Figures 2 and 3). Citrate, which 
complexes Fe(II) through carboxyl and hydroxyl functional groups,(42) better
represents the predominant type of complexing ligand than any other 
reference used, as determined from LCF analysis of the Fe K-edge EXAFS 
(Figure 3). This result generally supports the equilibrium modeling approach 
used by Catrouillet et al., which indicated that Fe(II) added to LHA was 
primarily bound in bidentate complexes with carboxyl groups at acidic to 
neutral pH.(32) Hence, Fe(II) binding to NOM appears largely analogous to 
Fe(III)–NOM complexes, but weaker, as indicated by Fe(II) complexation 
kinetics studies.(22) EXAFS studies of NOM bound to ferric iron indicated 
mononuclear, bidentate coordination of Fe(III) with oxygen or nitrogen and 
specific coordination with carboxylate functional groups.(29, 30, 45, 46, 
53) Since citrate has been shown to accelerate Fe(II) oxidation,(13, 14, 
54) this type of complexation is unlikely to preserve Fe(II) in oxic 
environments.

While our results support the assertion that the majority of Fe(II) is 
complexed to carboxyl groups at neutral pH, this type of interaction does not
explain the full complexity and extent of Fe(II)–NOM interactions (Figure 3). 
Though contributions from the remaining ligands are less definite than that 
of citrate; catechol-, EDTA-, and bipyridine-like complexation may account 
for up to 30% of the Fe in these Fe(II)–NOM mixtures. Catechol and EDTA 
form more stable complexes with Fe(III) than Fe(II),(48) so complexation with
ligands similar to these may be unlikely to preserve Fe(II). However, phenols 
like catechol are potentially redox-active moieties in NOM capable of 
reducing, or preventing the net oxidation of, associated Fe. Phenols and 
polyphenols may therefore contribute to Fe(II) preservation, as has been 
shown with tannic acid, a polyphenol, which preserved Fe(II) for over 100 h 
in the presence of oxygen.(13) Complexation with pyridinic functional groups
as found in 2,2′-bipyridine and 1,10-phenanthroline could potentially prevent 
oxidation of Fe(II) because tris complexes with these ligands 
thermodynamically stabilize Fe(II) over Fe(III).(55, 56) Pyridinic nitrogen 
represents a very low proportion of functional groups in NOM—elemental N is
only 1% of NOM by weight and only 20–35% of that is pyridinic N.(52, 
57)Therefore, the likelihood of three pyridinic functional groups coming 
together to bind with Fe(II) and form a tris complex is low.



It remains unclear why Fe(II) is not bound to high-affinity N and S sites at the
expected levels. At pH 7, deprotonated carboxyl groups greatly outnumber 
N, S, and added Fe(II) for the NOM investigated, so their relatively high 
abundance may account for the prevalence of Fe(II)-carboxyl complexation.
(58) Another possible explanation is that complexation with these functional 
groups occurs at a slower rate, with carboxyl groups complexing Fe(II) more 
rapidly. Over longer periods, Fe(II) may exchange to lower abundance, 
higher affinity functional groups, such as N- or S-containing moieties. Such 
complexation may promote long-term stabilization of Fe(II). Longer-term 
equilibration studies will be required to determine whether Fe(II) exchanges 
to lower abundance functional groups and if so, whether these complexes 
inhibit Fe(II) oxidation.

These results differ from the few published studies that investigated Fe(II)-
NOM interactions at the molecular level, none of which targeted Fe(II) 
complexation using Fe K-edge EXAFS spectroscopy. Toner et al. used 
scanning transmission X-ray microscopy (STXM) to map the distribution of 
Fe(II) and different types of carbon in particles collected from a sulfide-rich 
hydrothermal plume.(7) Based on their results and published stability 
constant data, the authors suggested organo-sulfur compounds were 
responsible for preserving Fe(II) after exposure to oxygen. In contrast, the 
NOM types used in our study do not come from sulfur-rich environments, and
therefore have low percentages of sulfur.(52) Fe(II)–thiol complexation was 
consistently excluded from our samples by linear combination fits based on 
the use of a Fe(II)–mercaptoethanol reference. In another recent study, von 
der Heyden et al. concluded that Fe(II)-containing particles from marine and 
lacustrine samples were more likely to have alcohol, carboxamide, and/or 
carbonate C than Fe(III)-containing particles.(8) In contrast to the work 
presented here, both prior studies show only a correlation between the 
presence of Fe(II) and certain types of organic matter—they do not directly 
probe the coordination environment of Fe(II)–organic complexes.

Differences in NOM source and type were expected to influence Fe(II) 
complexation, however, our data show that they have small and 
unpredictable effects. The NOM samples chosen for this study exhibit 
substantial chemical variation. SRFA has a higher oxygen content, and is 
more aliphatic and monosaccharide-rich while LHA is highly aromatic and has
a lower acidity.(52, 59) Consistent with the higher carboxylic and phenolic 
acidity of SRFA, added Fe(II) forms complexes with more citrate- and 
catechol-like groups in SRFAred than LHAred (Figure 3). This correlation with 
chemical characteristics does not appear to hold true for the native Fe(II) in 
LHAred, which is complexed by citrate- and catechol-like groups in 
approximately equal proportion to Fe(II) added to SRFAred.

Since NOM and Fe can be protonated and hydroxylated, respectively, pH has 
a substantial impact on Fe–NOM complexation. LCF analysis of Fe(II) + 
SRNOMred at pH 4 and 7 demonstrates that higher solution acidity promotes 
the preservation of Fe(II) over Fe(III) but also limits organic complexation 



(Figure 3). At low pH, the oxidation of Fe(II) is slower(12) and Fe(II) is 
thermodynamically favored at a wider range of Eh values.(60) At pH 4, more 
carboxyl groups are protonated than at pH 7, resulting in fewer available 
binding sites, leading to a higher proportion of hydrated Fe (fit by “aqueous 
Fe(II)”). These results are consistent with the findings of Catrouillet et al., 
which showed a decreasing proportion of LHA-bound Fe(II) with decreasing 
pH from 8 to 3.(32)

Effect of LHAred on Fe(II) Oxidation

During oxidation by O2, reduced NOM maintained a steady-state 
concentration of Fe(II) over the course of several hours through what 
appears to be a redox buffering mechanism (Figure 4). During this process, 
LHAred was oxidized—a reaction likely catalyzed by native Fe or 
semiquinones(25, 61)—resulting in the net production of LHAox and H2O2 (SI 
Figure S9).

Along with O2, H2O2 can oxidize Fe(II) in a Fenton-like reaction to form Fe(III)–
LHA, OH– and OH•. The occurrence of this reaction is supported by the 
suppression of the H2O2 concentration in the Fe(II)−LHAred sample (SI Figure 
S9).

Delayed Fe(II) measurements showed a ∼34% increase in Fe(II) 
concentration when aliquots of the reaction mixture were stored in airtight 
containers for over 30 min prior to Fe(II) measurement (Figure 4), suggesting
LHAred re-reduced newly formed Fe(III). This explanation is supported by the 
results of Bauer and Kappler, who observed humic substances reducing 
Fe(III), even as they were being oxidized by O2.(50) Superoxide (O2

•–) has 
been shown to reduce Fe(III)–NOM complexes(62) and may also contribute to
re-reduction of Fe(III).

This redox buffering process may explain the persistence of 50% of the initial
Fe(II) after 4 h under oxic conditions. Calculations based on our 
measurement of the Fe(III)-reducing capacity of LHAred(SI Figure S10) 
demonstrate that LHA in this system can reduce the total concentration of Fe
about 1.6 times. A proposed scheme in Figure 5 summarizes the key 
reactions supported by our findings.



Though it is evident that reducing groups in LHAred contribute to the 
prolonged existence of Fe(II) under oxic conditions, the identities of these 
groups—in our system—remain unclear. Quinones are responsible for much 
of the redox behavior of NOM, and our results bear similarities to 
observations of coupled Fe-quinone cycling. Hydroquinones, which form 
during reduction via hydrogenation,(33) can rapidly reduce Fe(III) to Fe(II), 
outcompeting reoxidation of Fe(II) to Fe(III)(63) by molecular oxygen or 
reactive oxygen species. Natural organic matter itself appears to be even 
more adept at cycling Fe than individual quinones. For instance, results 
published by Jiang et al. show SRFA cycling Fe at rates 10–100 times faster 
than 1,4-hydroquinone at pH 4.(25)However, our NOM reduction method 
using H2–Pd/Al2O3 at pH 7 is similar to the one used by Ratasuk and Nanny, 
which they claimed removed quinone groups via hydrogenolysis.(33) They 
concluded that the redox active groups responsible for electron transfer 
under this reduction treatment must be nonquinone moieties, such as thiols 
and nitrogen functional groups. Therefore, further work is necessary to 
identify the reducing groups active under the conditions used in this study. In
addition, the extent to which Fe(II) complexation affects the Fe(II) oxidation 
rate and steady-state concentration is not easily discernible and requires 
further investigation.

Environmental Implications

Our findings clarify important roles of NOM in Fe(II) speciation and Fe redox 
cycling. Under circumneutral reducing conditions, NOM readily binds low 
concentrations of Fe(II), primarily forming mononuclear complexes with 
citrate-like groups. Although additional complexation modes are also 
identified, for these experiments, the distribution of complexing ligands 
appears to be determined mostly by abundance rather than expected 
affinities. The observed Fe(II)–NOM complexes are likely important forms of 
bioavailable Fe(II) for microorganisms, thereby influencing Fe cycling and 
primary productivity.

None of the principal ligands observed for Fe(II) are known to 
thermodynamically stabilize the reduced state. However, the addition of 
O2 to Fe(II)–NOM mixtures initiates a dynamic redox cycle that sustains a 
steady state concentration of Fe(II) for several hours longer than Fe(II) 
without NOM. Although the redox buffering mechanism does not explain the 
long term stabilization of Fe(II), it is likely to occur in the surface waters of 
streams, lakes, and oceans subjected to diurnal photoredox cycles and in 



domains of soils and sediments subjected to cycles in microbial metabolisms 
capable of reducing NOM.(10, 64, 65)

The experimental conditions used in this study were chosen to facilitate the 
identification of Fe(II)–NOM complexes using XAS spectroscopy and do not 
represent the full range of possible environmental conditions. Competition 
from other divalent cations, a higher Fe:NOM ratio in some environments, 
and the presence of unreduced NOM will limit the iron complexation and 
redox buffering capabilities of NOM. Additional work will be required to 
confirm that the Fe(II)–NOM interactions observed in these laboratory studies
are reproduced in naturally reduced soils and sediments.
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