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The reaction of ferric (hydr)oxides with dissolved sulfide does not lead to the instantaneous production of
thermodynamically stable products but can induce a variety of mineral transformations including the formation
of metastable intermediates. The importance of the various transformation pathways depends, among other
factors, on the characteristics of the ferric (hydr)oxides but a mechanistic model which relates the mineralogy
of the ferric (hydr)oxides to the type of reaction products and their evolution over time is still missing. Here,
we investigate the kinetics of the reaction between dissolved sulfide (6.7–7.5 mmol L−1) with ferrihydrite
(Fh, 12 mmol L−1), lepidocrocite (Lp, 26.6 mmol L−1), and goethite (Gt, 22 mmol L−1) in batch experiments
at pH 7 and room temperature. The time evolution of solution and solid phase composition was monitored
over 2 weeks while TEM, and Mössbauer spectroscopy were used to characterize the transformations of the
solid phases.
Dissolved sulfide was consumed within 2 (Fh, Lp) to 8 h (Gt) with methanol extractable sulfur and HCl extract-
able Fe(II) (Fe(II)HCl) being themain products after this time. Themass balances of Fe and S indicated that a large
fraction of the Fe(II)HCl in the reactionswith Fh (46% of Fe(II)HCl) and Lp (36% of Fe(II)HCl) was solid-phase bound
but not associated with sulfur. This excess Fe(II) exceeded the adsorption capacity of the solids and remained as-
sociated with the oxides. Over the time scale of days, the concentrations of MES and Fe(II)HCl decreased and this
process was accompanied by the formation of secondary iron oxides and pyrite in all experiments. The pyrite
yield after two weeks showed the same trend as the amounts of intermediately produced excess Fe(II): Fh
(84% of initial S(− II)) N Lp (50%) N Gt (13%). Besides the formation of pyrite, Fh transformed completely into
thermodynamically more stable iron oxides such as hematite or magnetite. In contrast, formation of other iron
oxides was only minor when Lp or Gt reacted with sulfide.
We propose that the extent of pyrite and secondary ironmineral precipitation is controlled by the ratio between
the competing formation rates of excess Fe(II) and surface bound FeS (FeSs) in the early stage of the reaction. For-
mation of excess Fe(II) is a prerequisite for rapid pyrite formation and induces secondary formation of iron ox-
ides. The competition between excess Fe(II) and FeSs formation, in turn, is ruled by two factors: 1) the ratio
between added sulfide and available surface area, and 2) the capability of the iron(hydr)oxide to conduct elec-
trons from surface bound Fe(II) to bulk Fe(III) and to accommodate structural Fe(II). This capability is largest
for Fh and explains the most pronounced excess Fe(II) production and, by this, the greatest pyrite yield in exper-
iments with Fh. During the reaction with Gt, in contrast, formation of FeSs outcompetes the accumulation of ex-
cess Fe(II) and consequently the precipitation of pyrite is only minor.
This conceptual model constrains conditions at which relatively fast pyrite formation within the time scale of
days or weeks might be relevant in natural environments. Suitable conditions are expected in environments
with low sulfide levels in which formation of reactive iron (hydr)oxides is stimulated by redox oscillations
(e.g., wetlands, riparian soils, tidal flats).

© 2015 Elsevier B.V. All rights reserved.
49 921 552366.
1. Introduction

Reduction of ferric (hydr)oxides is a prominent pathway contribut-
ing to electron fluxes in subsurface environments (Raiswell and
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Canfield, 2011) and is directly connected to the bioavailability and
mobility of nutrients (Einsele, 1936) and contaminants (Haderlein and
Pecher, 1998). Reductive dissolution occurs either enzymatically
(e.g., /INS; Thamdrup, 2000) or chemically (Cornell and Schwertmann,
2003) with dissolved sulfide being a powerful and ubiquitous reductant
in anoxic environments (e.g., Canfield et al, 1992). Ferric (hydr)oxides
display awide spectrumof reactivity (Postma, 1993) as being controlled
by surface area (Roden, 2003) but also by thermodynamic properties
such as Eh (Fischer, 1987) or solubility product (Bonneville et al,
2009). Interaction with sulfide is regarded to be a surface controlled
process (Dos Santos Afonso and Stumm, 1992; Peiffer et al., 1992).
Under acidic conditions Fe(II) becomes completely dissolved (Peiffer
and Gade, 2007) whereas solid FeS is a common initial product at
circumneutral pH (Rickard, 1974; Pyzik and Sommer, 1981).

It has been early recognized that sulfidation of ferric (hydr)oxides
also triggers the formation of pyrite (Rickard, 1975). The accepted
model for pyrite formation is the reaction between an aqueous FeS spe-
cies and dissolved polysulfides, which requires solid FeS as a precursor
species (cf. review in Rickard, 2012 and references therein), irrespective
of the origin of the reactants. In a recent study, it was demonstrated that
sulfidation of lepidocrocite at millimolar S(− II) concentration and at
pH 7 is a highly dynamic process (Hellige et al, 2012). High resolution
transmission electron microscopy (HRTEM) revealed that lepidocrocite
crystals were covered with FeS after 2 h when dissolved S(− II) was
completely consumed. FeS started to disappear after 72 h along with
the formation of amorphous Fe and S phases. Nanopyrite particles
formed after only oneweek. Cryogenic X-ray photoelectron spectrosco-
py measurements demonstrate that a substantial fraction (N50%) of the
S species consisted of surface-bound polysulfides (Wan et al., 2014)
with only small amounts (b1%) of the initial sulfide being recovered
as aqueous polysulfides.

Poulton et al. (2004) investigated the reaction of various ferric
(hydr)oxideswith dissolved sulfide at pH 7.5 and observed the accumu-
lation of acid extractable Fe(II)which is neither Fe(II) extractable as acid
volatile sulfur (AVS) nor is it exchangeable with other cations. They
considered this fraction to be associated with the surface, but the
amount of Fe(II) in this pool exceeded in lepidocrocite the number of
sites at the oxide surface by a factor of 10. The nature of this Fe(II) con-
taining phase remained unclear. Similarly, a significant fraction of solid-
phase Fe(II) in excess to surface Fe(II) associatedwith sulfur specieswas
observed during sulfidation of lepidocrocite (Hellige et al, 2012). The
excess Fe(II) was interpreted as uptake of electrons into the bulkminer-
al (Gorski and Scherer, 2012). The amount of produced pyrite was
higher in experiments in which high concentrations of excess Fe(II)
were intermediately formed. It was therefore proposed that the pool
of excess Fe(II) triggered the sequence of mineral transformations and
promoted the formation of pyrite.

The relative importance of excess Fe(II) formation during the
reaction may also depend on the type of ferric iron (hydr)oxide.
Poulton et al (2004) observed a range in reactivity towards sulfide
covering two orders of magnitude when normalized to surface area.
According to our proposed model, channeling of electrons into the
bulk structure can therefore be expected to be less significant at low
reactivity, i.e. higher crystallinity.

We therefore hypothesize that the extent of excess Fe(II) production
and hence the extent of pyrite formation upon sulfidation is different for
various ferric (hydr)oxides and depends on their electron transfer
properties, but also on their ability to accommodate Fe(II) within the
structure. Adsorption of Mössbauer-insensitive 56Fe(II) to various ferric
(hydr)oxides revealed dramatic variations in magnetic response of
ferrihydrite (Williams and Scherer, 2004), hematite (Larese-Casanova
and Scherer, 2007), magnetite (Gorski and Scherer, 2009) and goethite
(Gorski andScherer, 2012) that is being attributed to a varying degree of
electron delocalization in the bulk minerals (Gorski and Scherer, 2012).
As a consequence, type and concentrations of secondary Fe minerals
such as pyrite forming upon the reaction with S(− II) are expected to
differ between different ferric iron (hydr)oxides in relation to the
relative production of excess Fe(II).

Here, we compare the reductive dissolution of lepidocrocite with
those of ferrihydrite and goethite, representing a less stable and a
more stable iron oxide phase, respectively. We conducted batch
experiments with the same set-up and analytical methods as described
in Hellige et al. (2012) with a focus on the reactivity of these
hydr(oxides) in sulfide-rich systems at pH 7 in regard to the reaction
rates, intermediate phases, and final products.

2. Materials and methods

2.1. Ferric (hydr)oxides

Synthetic 6-line ferrihydrite was prepared after Schwertmann and
Cornell (2000). Under rapid stirring, 20 g of Fe(NO3)3·9H2O was
added to 2 L 75 °C hot distilled water. After 12 min of stirring, the
solution was cooled and dialyzed for three days. The final product was
freeze dried.

Synthetic lepidocrocite and goethite were purchased from Lanxess
(Leverkusen, Germany). The trade names are Bayferrox 920 Z for
goethite and Bayferrox 943 for lepidocrocite. To remove sulfate from
the iron oxide surface (which commercial ferric (hydr)oxides typically
contain), 1 mol L−1 of each hydroxide was suspended in 0.01 mol L−1

NaNO3 and the pH was adjusted to 10 with NaOH. After 4 days of
shaking the suspension was washed and freeze-dried.

The ferric (hydr)oxides were characterized using X-ray diffractome-
try (XRD), scanning electron microscopy (SEM), and transmission elec-
tron microscopy (TEM). Lepidocrocite contained 5–10 wt.% goethite
and had a particle size of 0.2–0.4 μm as determined by SEM. Goethite
had a particle size of 0.2–0.9 μm. Ferrihydrite particles were b10 nm
as revealed by TEM (cf. Fig. 6). Surface area was measured by multi-
point BET-N2 (Brunauer, Emmett and Teller)method (Gemini 2375 Sur-
face Area Analyzer). Surface areas were determined to be 140 m2 g−1

for ferrihydrite, 17.34 m2 g−1 for lepidocrocite and 9.12 m2 g−1 for
goethite.

2.2. Experimental set-up

Kinetic batch experiments were conducted in an anoxic glove box at
pH 7 at a constant ionic strength of I = 0.1 mol L−1 NaCl and at room
temperature. In this publication data are presented from those three ex-
periments only where we have a complete data set in regard to wet
chemical analysis, TEM and Mössbauer spectroscopy. Additional results
from lepidocrocite experiments have been published in Hellige et al
(2012). Ferric (hydr)oxide concentrations in these three experiments
ranged between 12 and 26.6 mmol L−1 and the initial dissolved sulfide
concentration between 6.7 and 7.5mmol L−1 (cf. Table 1). Initial sulfide
concentrations were in large excess relative to initial surface site con-
centrations of the three mineral phases (Table 1). All reactions were
conducted in a 500-mL glass vessel with ports for sampling, addition
of reactants and for a pH electrode. The solution was stirred with a
Teflon-coated stirring bar at constant rate. With an automatic pH-stat
device the pH value was kept constant by adding HCl (0.5 mol L−1) in
the glove box. The reaction suspension was prepared by mixing 50 mL
of 0.1 mol L−1 NaCl solution containing approx. 1 g ferric (hydr)oxide
with 450 ml of 0.1 mol L−1 NaCl to which appropriate amounts of
NaHS (as a 1:1. mixture between Na2S·9H2O (0.5 mol L−1) and HCl
(0.5 mol L−1)) were added. In order to convert the mass of the ferric
(hydr)oxides into molar concentrations, the molar mass of ferrihydrite
was determined to be 92.3 g/mol after dissolution in 6 N HCl and deter-
mination of Fe. Molar masses of 89 g/mol were used for lepidocrocite
and goethite. The sulfide concentration was determined before each
run.

During the reaction, aliquots were taken to monitor the time evolu-
tion of dissolved Fe(II) and S(− II), Fe(II) extractable with 0.5 N HCl,



Table 1
Initial experimental conditions for experimental runs where both TEM and Mössbauer spectroscopy was performed. All runs were conducted at pH 7.

Mineral Fe concentration
mmol L−1

Surface area concentration
m2 L−1

Concentration of surface sitesa

mmol L−1
Initial sulfide concentration
mmol L−1

S(− II): surface site ratio
[–]

Ferrihydrite 12 155 0.98 7.5 7.7
Lepidocrocite 26.6 41.1 0.26 7.2 27.8
Goethite 22 17.9 0.11 6.7 57.6

a Concentration of surface sites was calculated based on a value of 6.3 · 10−6 mol m−2 for all minerals (Peiffer and Gade, 2007).
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methanol extractable sulfur, and total iron. Furthermore, solids were
retrieved after 1–2 h, 24 h, 1 week and 2 weeks and analyzed by
Mössbauer spectroscopy and TEM. All solutions were prepared with
distilled water and purged with N2 prior to use to remove dissolved
oxygen from solutions. All reagents were of analytical grade.

2.3. Sampling and analysis

2.3.1. Iron species
Dissolved Fe(II) (Fe(II)diss) was determined after filtration (0.45 μm)

using the phenanthroline method (Tamura et al, 1974). Total extract-
able iron was determined in the suspension prior to the addition of
sulfide after dissolution in 6 N HCl and heating at 60 °C for 3 days. HCl
extractable Fe(II) (Fe(II)HCl), which comprises both dissolved and solid
phase-bound Fe(II), was extracted with 0.5 N HCl for 1 h and briefly
(2–3 min) purged with N2, filtered and the Fe(II) was determined in
thefiltrate as described above. The occurrence of surface bound iron sul-
fide (FeSs) and iron associated with polysulfides (FeSn,s) in the samples
may lead to an overestimation of HCl extractable Fe(II) through reaction
of the liberated H2S with ferric iron in the acidic extraction solution. In
order to test the effect of this reaction on the yield of Fe(II), we have
added aliquots of a FeS suspension to a suspension of a predefined
amount of the respective ferric hydroxide to obtain a final concentration
of 2, 4, 8 and 13.5 mmol L−1 FeS and 2 g L−1 of ferric hydroxide and ex-
tracted Fe(II) with 0.5 N HCl at different time steps. FeS was prepared
by precipitation from Na2S (c = 0.4 mol L−1) and FeCl2·4H2O (c =
0.4 mol L−1) in a glove box to obtain a stock solution of 0.2 mmol L−1

FeS. Dissolved sulfide and Fe(II)aq in the stock solution were
68 μmol L−1 and16 μmol L−1 respectively. Recovery rates after 1h ranged
between 196% and 232% for the four FeS concentrations in case of ferrihy-
drite. In case of lepidocrocite and goethite, only 13.5 mmol L−1 FeS were
tested to yield a recovery of 101% and 95%, respectively. Hence, measured
Fe(II)HCl concentrations were overestimated by about a factor of two
when FeS and ferrihydrite were simultaneously extracted. Therefore, in
experiments with ferrihydrite a correction factor of two was applied for
calculating the amount of excess Fe(II) (Eq. (1)). In the experiments
with goethite and lepidocrocite, the increase of Fe(II)HCl due to the reduc-
tion of Fe(III) during HCl extraction seemed to be within the range of
uncertainty.

2.3.2. Sulfur species
Dissolved sulfide (S(− II)diss) was determined photometrically by

the methylene blue method (Fonselius et al, 1999) after filtration.
Methanol extractable sulfur (MES) was measured by high performance
liquid chromatography (HPLC, Beckman) combined with UV detection
(Detector 168, Beckman) after extraction of 300 μL of unfiltered sample
suspended in 1200 μLmethanol (modified after Ferdelman et al., 1991).
Wan et al. (2014) demonstrated thatMES comprises not only elemental
S8 sulfur but also zero-valent sulfur from polysulfides associated with
the ferric (hydr)oxides surface, probably as Fe(II)-polysulfide associa-
tions. After 1 h equilibration time, the suspension was filtered
(0.2 μm) and the filtrate was stored at−20 °C until analysis. The preci-
sion of this method was estimated from measurements of MES after
10 min of reaction of dissolved sulfide with lepidocrocite. The data
were taken from five independent experiments documented in Hellige
(2011). Since initial concentrations of both dissolved sulfide and
lepidocrocite where different in each experiment, it was not possible
to calculate themean value and the standard deviation of theMESmea-
surement. Hence, the relative error was calculated from the amount of
MES recovered per mol lepidocrocite and was 13%.

2.3.3. Mössbauer spectroscopy
30mL of the suspensionwas centrifuged outside the glove box using

closed centrifuge tubes. After centrifugation, the supernatant was
decanted inside the glove box and the solid phase was dried under a
nitrogen stream for 1 min. After drying, the solid phase was put on a
membrane filter (13 mm diameter and 0.45 μm) and was sealed be-
tween two layers of Kapton tape (polyimide tape with very low oxygen
permeability). The samples were placed in a sealed crimp vial and
stored at 4 °C until measurement. Mössbauer spectra were collected
with a WissEl Mössbauer gamma-ray spectrometer and a Janis closed-
cycle helium gas cryostat at 4.2 K. A Co-57 gamma-ray source was
usedwith a constant acceleration drive systemoperated in transmission
mode. Spectra were calibrated against a spectrum of alpha-Fe(0) foil at
room temperature. Data acquisition times were usually about 12–20 h
per spectrum. Spectral fitting was performed using Recoil® software
(University of Ottawa, Canada) and Voigt-based spectral lines. Model
parameters from the various specimens are listed in Table 2. The con-
centrations of iron mineral phases were calculated by multiplying
total Fe concentration by their fitted spectral area, which represents
the percentage of the individual mineral phases. The detection limit of
Mössbauer spectroscopy is ~2% of total Fe.

2.3.4. Transmission electron microscopy
Aliquots of the reacting suspension (after 2 h and 2weeks) were an-

alyzed by a Philips CM 20-FEG TEM (Bayerisches Geoinstitut, University
of Bayreuth), operating at 200 kV. In order to minimize oxidation in air
during sample preparation the aliquots collected from the experimental
suspension were stored in gas-tight vials until TEM analysis.
Immediately before transfer of the sample into the TEM, a drop of the
suspension was then taken with a syringe and put onto a Lacey
carbon-coated copper grid. The grid was immediately transferred to
the TEM holder and inserted into the high vacuum of the TEM. The
short exposure of the sample to air was limited to 1–2min atmaximum
with this procedure. The chemical composition and the distribution of
elements were determined by energy dispersive X-ray (EDX) spectros-
copy (Thermo Noran Ge detector).

3. Results

3.1. Chemical speciation

In the presence of ferrihydrite and lepidocrocite, dissolved sulfide
was consumed within 30 min. In contrast, the reaction was slower
when goethite was added andmore than 5 hwere required to quantita-
tively remove the added dissolved sulfide (Fig. 1). The consumption of
S(− II)aq was accompanied by the production of Fe(II) and MES
(Fig. 1). In all cases, the concentration of dissolved Fe(II) represented
only a minor fraction of Fe(II)HCl with a maximum concentration of
0.3 mmol L−1 (data not shown). In experiments with ferrihydrite and
lepidocrocite, Fe(II)HCl concentrations reached almost instantaneously
a level which remained practically constant during the first hour of



Table 2
Concentrations of products during the reaction ofH2Swith the three ferric (hydr)oxides after constant valueswere reached. Values for ferrihydrite and lepidocrocite correspond to t=2 h,
while those for goethite to t = 8 h.

Mineral H2Sinitial
(mmol L−1)

S0

(mmol L−1)
Fe(II)HCl
(mmol L−1)

Excess Fe(II)
(mmol L−1)

Fraction of excess Fe(II)
(%)

Protons consumed
(mmol L−1)

Ferrihydrite 7.5 5.1 9.0 4.2 46 1.2
Lepidocrocite 7.2 3.7 5.5 2.0 36 2.4
Goethite 6.7 1.5 4.5 −0.7 0 2.8
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reaction (Fig. 1). Production of Fe(II)HCl also followed S(− II)aq con-
sumption in the experiments with goethite and, consequently, was
slower compared to the reaction with ferrihydrite and lepidocrocite. It
required about 5 h, before the increase of Fe(II)HCl ceased.

The stoichiometric ratio between the concentration of Fe(II) pro-
duced until a constant Fe(II)HCl level had established and the S(− II)aq
concentration consumed varied between the different starting mate-
rials (Table 3) ranging from 1.20 for ferrihydrite, 0.76 for lepidocrocite
to 0.67 for goethite. Similar experiments performed with various initial
concentrations of lepidocrocite demonstrated that ratios N0.8 coincide
with a significant fraction of excess Fe(II) not bound in the form of
Fe(II) associated with sulfur (cf. Table 3 in Hellige et al, 2012). Observa-
tions made by Wan et al. (2014) imply that Fe(II) associated with sur-
face polysulfide (FeSn,s) can be also extracted with HCl. Hence Fe(II)HCl
comprises FeSs, Fe(II)excess, and FeSn,s. The results from that study fur-
ther imply that the concentration of these surface Fe(II) sulfur species
(FeSs and FeSn,s) can be estimated by the concentration difference be-
tween initially added sulfide and MES. We therefore calculated the
amount of excess Fe(II) based on the S mass balance as

c excess−Fe IIð Þð Þ ¼ c Fe IIð ÞHCl
� �

−F � c FeSsð Þ þ c FeSn;s
� �h i

¼ Fe IIð ÞHCl;const− F � c S −IIð Þinitial
� �

−c MESconstð Þ� �
;

where Fe(II)HCl,const and MESconst are concentrations of Fe(II)HCl and
MES after a constant concentration level was obtained, i.e. 2 h in case
of ferrihydrite and lepidocrocite and 8 h in case of goethite. F is a correc-
tion factor that accounts for the generation of Fe(II) through reaction

(1)
Fig. 1. Time evolution of sulfur and iron species during the reaction between dissolved
sulfide and ferrihydrite (A), lepidocrocite (B), and goethite (C). Note the different time
scale for goethite.
between Fe(III) and H2S liberated from FeSn species during the extrac-
tion. Based on the recovery tests of Fe(II)HCl in the presence of FeSn spe-
cies, F was set to be 2 for ferrihydrite, and 1 for lepidocrocite and
goethite, respectively.

The largest fraction of Fe(II) in excess of FeSs and FeSn,swas found for
ferrihydrite (~46% of HCl extractable Fe(II)). It was smaller for
lepidocrocite (36%) and even negative for goethite (Table 3). The nega-
tive value probably reflects the uncertainty inherent to the analytical
methods so that the fraction of excess Fe(II) is assumed to be zero in
case of goethite.

In the presence of ferrihydrite, the concentration of Fe(II)HCl
achieved a maximum of almost 12 mmol L−1 at 48 h. Even if one ac-
counts for an overestimation of extractable Fe(II) due to interference
with AVS during acidic extraction, a significant fraction of the initial
amount of Fe(III) in ferrihydrite was reduced (Fig. 1A). After 48 h,
however, Fe(II)HCl and MES started to decrease for all three minerals.
The decrease was more pronounced for Fe(II)HCl and most prominent
in experiments with ferrihydrite (Fig. 1A).

Visually, all ferric suspensions turned black during the reaction with
dissolved sulfide indicating formation of a solid FeS phase. After 2weeks
the black coloration of the suspensions disappeared for goethite and
lepidocrocite while the ferrihydrite suspension remained black.

When constant concentration levels of MES and Fe(II)HCL were
established, H+ consumption was comparable for lepidocrocite and
goethite with 2.4 mmol L−1 after 2 h and 2.8 mmol L−1 after 8 h,
respectively (Fig. 2). Additional 0.8 mmol L−1 (lepidocrocite) and
0.4 mmol L−1 (goethite) of alkalinity were generated in the following
2 weeks. In the reaction with ferrihydrite, the amount of consumed
H+ was distinctly lower with only 1.2 mmol L−1 H+ after 2 h and addi-
tionally 0.4 mmol L−1 H+ in the following 2 weeks. A drop in pHwhich
could not be balanced by the pH-stat device (addition of HCl) occurred
after 250 h in the experiment with ferrihydrite and lepidocrocite.

The three ferric (hydr)oxides showed the same chemical reaction
pattern but the velocity of dissolved sulfide consumption was different.
The reactivity was very high for lepidocrocite and ferrihydrite with the
initial rate constant kobs being in the same order of magnitude
(~5 · 10−3 L m−2 min−1). It was significantly slower for goethite
(5 · 10−4 L m−2 min−1, cf. also Fig. 1). Initial rate constants kobs were
determined as pseudo first-order rate constant obtained from the
concentration change of c(S(− II)aq) with time divided by the surface
area concentration of the ferric (hydr)oxides. Values for ferrihydrite and
lepidocrocite bear some uncertainty due to the poor time resolution.
3.2. Spectroscopic and microscopic results

3.2.1. Mössbauer spectroscopy
Mössbauer spectra revealed a dynamic transformation process with

distinct differences between the three oxyhydroxides. The dominant
signal in spectra from solids collected in experimentswith lepidocrocite
and goethite (Figs. 3 and 4) could be clearly attributed to the starting
minerals. Six-line signals (sextets) with narrow line-widths were iden-
tified as lepidocrocite and goethite, respectively, based on model
parameters that were consistent with an oxidation state of Fe(III) in a
high-spin octahedral configuration similar to that in synthetic minerals
with Fe(III) in its antiferromagnetic state.



Table 3
Model parameters used for evaluation of 4.2 K Mössbauer spectra and abundances of the minerals identified.

Fe(III) sextet FeS2

Sample time Ia

mm s−1
χ2b bCSNc

mm s−1
bQSNd

mm s−1
bHNe

T
# of comp.f Hpg

T
Abundance bCSN

mm s−1
bQSN
mm s−1

Abundance

Ferrihydrite Fe(III) sextet
1 h – – – – – – – – – – –

1 day – – – – – – – – – – –

1 week 0.11 4.0 0.49 −0.11 49.1 2 50.1 70.7 0.41 0.62 29.3
2 weeks 0.11 2.0 0.48 −0.10 48.8 2 49.9 73.6 0.40 0.64 26.4

Lepidocrocite Lepidocrocite sextet
1 h 0.11 1.4 0.50 0.04 44.8 2 45.4 100 – – –

1 day 0.11 2.0 0.50 0.04 43.7 3 45.5 100 – – –

1 week 0.11 1.3 0.50 0.04 43.9 3 45.5 98.2 0.42 0.60 1.8
2 weeks 0.11 2.0 0.50 0.03 44.4 2 45.4 93.4 0.40 0.65 6.6

Goethite Goethite sextet
1 h 0.11 1.6 0.49 −0.23 50.6 1 50.6 100 – – –

1 day 0.11 2.9 0.49 −0.23 50.6 1 50.6 100 – – –

1 week 0.11 2.3 0.49 −0.23 50.6 1 50.6 91.6 0.40 0.64 8.4
2 weeks 0.11 1.5 0.49 −0.23 50.6 1 50.6 98.0 0.40 0.64 2.0

Mineral standards
Ferrihydrite, 4.2 K 0.48 −0.02 47.4 2 49.9
Goethite, 4.2 K 0.48 −0.25 50.6 1 50.6
Pyrite, 77 K 0.36 0.64
Pyrite, 4.2 K 0.43 0.66
Marcasite, 80 K 0.37 0.50
Magnetite, 4.2 K IVFe(III) 0.37 −0.02 50.1

VIFe(III) 1h 0.49 0.00 52.2
VIFe(III) 2h 0.83 −0.27 49.8
VIFe(II) 1h 1.03 −0.41 48.2
VIFe(II) 2h 0.96 0.89 35.9

a Lorenztian half-width at half-maximum.
b Reduced chi-squared goodness of fit value.
c Average center shift.
d Average quadrupole splitting.
e Average hyperfine magnetic field.
f Number of Voigt-based components used to model the hyperfine magnetic field.
g Most probable hyperfine magnetic field value.
h Numbers refer to sites of the corresponding octahedra.
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In contrast to lepidocrocite and goethite, sextets were present after
one week within spectra of solids from the original ferrihydrite experi-
mental suspensions (Fig. 5). These sextets demonstrate abundance of
Fig. 2. pH progress (bottom) and H+ consumption (top) during the reaction between
ferrihydrite, lepidocrocite, and goethite with dissolved sulfide.
iron in the Fe(III) oxidation state but they do not provide clear indica-
tion for the presence of ferrihydrite. The broad peaks and the large
number of parameters (cf. Table 2) made it impossible to find a unique
solution. The sextets represent iron which is magnetically ordered at
this temperature and belong to a mixture of various minerals that may
represent a combination of goethite, hematite, and magnetite as ob-
served in TEM spectra (cf. below). Unfortunately, we could not collect
enough material for the analysis of the first two samples of the ferrihy-
drite experiments taken after 1 h and 24 h (data not shown).

In spite of the large fraction of excess Fe(II) that was derived from
wet chemical analyses in the presence of ferrihydrite and lepidocrocite
in the initial phases of the experiment (Eq. (1)), no signals could be re-
trieved from theMössbauer spectra that could be attributed to an Fe(II)
containing phase.

After one week a second signal emerged in the form of a doublet in
the presence of all ferric hydroxides. We exclude the possibility of this
signal being an iron (hydr)oxide phase because crystalline iron (hydr)
oxides, even paramagnetic ones, do not produce doublet signals at
4.2 K and instead produce sextet signals. However, diamagnetic iron
sulfides such as pyrite and marcasite can remain as doublet signals
when analysis temperature is 4.2 K (Murad and Cashion, 2004). Pyrite
and marcasite share the same unit cell formula (FeS2) and have low-
spin octahedral Fe(II) configurations with paired d-orbital electrons
that allow the minerals to remain paramagnetic at 4.2 K.

The abundance of FeS2 was very high (almost 30%) in ferrihydrite
experiments after 1 week and slightly decreased or remained constant
after 2 weeks (Table 2, Fig. 5). In the lepidocrocite experiments, the
abundance was significantly smaller in the first week (1.8%, Table 2,
Fig. 3) compared to ferrihydrite but strongly increased to 6.6% by the



Fig. 3.Mössbauer spectra of lepidocrocite reactedwith sulfide after 1 h, 1 day, 1 week, and
2 weeks. White sextets correspond to lepidocrocite, and gray shaded to FeS2. All spectra
were collected at a temperature of 4.2 K. The scale bar represents 2% absorption for each
spectrum. Solution conditions are listed in Table 1, and model parameters are listed in
Table 3.

Fig. 4. Mössbauer spectra of goethite reacted with sulfide after 1 h, 1 day, 1 week, and
2 weeks. White sextets correspond to goethite and gray shaded doublets to FeS2. All
spectra were collected at a temperature of 4.2 K. The scale bar represents 2% absorption
for each spectrum. Solution conditions are listed in Table 1, and model parameters are
listed in Table 3.

Fig. 5. Mössbauer spectra of ferrihydrite reacted with sulfide after 1 week and 2 weeks.
White sextets are bulk models for all Fe(III) (hydr)oxides present and may represent a
combination of the goethite, hematite, and magnetite observed by TEM. Gray shaded
doublets reflect signals from FeS2. All spectra were collected at a temperature of 4.2 K.
The scale bar represents 2% absorption for each spectrum. Solution conditions are listed
in Table 1, and model parameters are listed in Table 3.
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end of the secondweek. In the case of goethite, the signal seems to have
decreased with time (Fig. 4). 8.4% of the initially added goethite was
transformed into FeS2 after 1 week with only 2% remaining after
2 weeks (Table 2). This observation, however, needs to be used with
caution. Parts of the suspension of the sample taken after 2 weeks
seem to have passed the filter during the filtration process so that the
recovery of the solid material was probably incomplete in the goethite
experiment. Based on these results 26.4%, 6.6%, and at least 2% of the ini-
tially added ferrihydrite, lepidocrocite, and goethite, respectively, were
converted into FeS2 after two weeks (Table 2). From these values the
concentration of pyrite Fe and consequently that of pyrite S can be
derived, which was 6.3 mmol L−1 for ferrihydrite, 1.8 mmol L−1 for
lepidocrocite and 0.9 mmol L−1 for goethite. This implies that the con-
version efficiency of the initially added S(−II) in this time period varied
strongly between the minerals. It was 85% for ferrihydrite, 49% for
lepidocrocite and 13% for goethite.

3.2.2. TEM analysis
TEM analyses confirmed the dynamic transformation process

occurring upon sulfidation of the various ferric (hydr)oxides. In particu-
lar, it revealed insight into the fate of sulfide during the reaction
progress which was clearly different between the minerals.

TEM images display well-defined grains of ferrihydrite after 2 h of
reaction with dissolved sulfide without any changes in either the mor-
phology of the particles and or their electron diffraction patterns com-
pared to the unreacted starting material. Hence, the almost complete
reduction of Fe(III) in the initial phase, as implied by wet chemistry
data, has not led to changes in the ferrihydrite structure detectable
with TEM. Furthermore, the formation of other distinct different
secondary phases was not observed. EDX mapping demonstrated that
sulfurwas evenly distributed andwas probably adsorbedon the ferrihy-
drite surfaces (Fig. 6d, e) as ferrous polysulfide associations (Wan et al.,
2014).

In contrast, the experiments performed with lepidocrocite revealed
the formation of sulfur-rich rims around the lepidocrocite crystals that
could be attributed to the nucleation of mackinawite by high resolution
TEM images and electron diffraction (cf. Fig. 6 in Hellige et al, 2012).



Fig. 7. Bright field TEM image (a) of the apparently pristine particle size and morphology
of goethite after 2 h of reaction. High resolution TEM images (b, c) reveal sulfur rich rims
on goethite crystals. Lattice fringes in these rims are characteristic for mackinawite (FeS).
EDX spectra (d) taken from the rims (black) and in the center of goethite crystals (white)
reveal the formation of iron sulfide with a Fe:S ratio close to 1:1 on the goethite surface.

Table 4
Interplanar spacings and corresponding lattice planes of the phases formed after 14 days
of reaction of ferrihydrite with sulfide identified by electron diffraction and fast Fourier
transformation of high resolution images.

Pyrite Hematite Magnetite Goethite

dhkl [Å] (hkl) dhkl [Å] (hkl) dhkl [Å] (hkl) dhkl [Å] (hkl)

3.12 111 3.70 012 4.86 111 4.18 101
2.71 200 2.76 104 2.95 220 2.72 301
2.42 210 2.54 110 2.52 311 2.56 210
2.21 211 2.23 113 1.48 440 2.24 211/102
1.93 220 1.79 024 2.18 401
1.64 311 1.71 116
1.47 312 1.46 214/300
1.21 420

Fig. 6. High resolution TEM image (a) and electron diffraction pattern (b) of ferrihydrite
after 2 h reaction with dissolved sulfide. Dark-field STEM image (c) and EDX maps of
iron [Fe Kα] (d) and sulfur [S Kα] distribution (e) show that sulfur was evenly distributed
on the solid phase.
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Additionally, a thin layer of magnetite could be identified at the inter-
face between themackinawite and lepidocrocite structure which disap-
peared after 2 weeks of reaction (Hellige et al, 2012).

Goethite crystals were surrounded by a layer of mackinawite of
variable thickness (Fig. 7b, c) at the end of the first phase of the
reaction (2 h). In contrast to lepidocrocite, no evidence for a magne-
tite layer was found between the goethite core and the surrounding
mackinawite layers. Greigite was not detectable in any of the
experiments.

After two weeks of reaction, the appearance of particles retrieved
from ferrihydrite experiments has changed completely. TEM images
confirmed the complete transformation of ferrihydrite and the forma-
tion of new phases which is consistent with the chemical data and
Mössbauer spectra. Table 4 shows the interplanar spacings (d-values)
of the phases which can predominantly be attributed to the structures
of magnetite, hematite and pyrite (Fig. 8a, d, e). Only minor amounts
of goethite were observed. In contrast to lepidocrocite and goethite,
the black coloration of the suspension did not disappear towards the
end of reaction which might be due to the very small size (50–
100 nm, Fig. 8e) of the newly formed iron oxide particles.

In all samples collected from experiments after two weeks, electron
dense particleswere detected (Figs. 8a, 9a, cf. also Fig. 8d inHellige et al.,
2012). Themorphology of the aggregated assemblages resembles quad-
ric outlines (black squares) indicating an Ostwald ripening process to
attain lower surface energy. EDX spectra revealed an Fe:S ratio of 1:2
in the black squares and electron diffraction identified the occurrence
of pyrite. All these features point towards the presence of nanocrystal-
line pyrite domains that may have formed by oriented aggregation
(Penn, 2004). These structures were not directly connected to the iron
oxide crystals, suggesting that the primary particles formed by precipi-
tation and not solid phase transformation.

Additionally to pyrite, small amounts of hematite were detected in
the goethite rims with a thickness of ~20 nm (Fig. 9d), preferably at
the top of the acicular goethite crystals.

In conclusion, mineral transformations occurred in experiments
with all three oxides during the second phase of the reaction. Howev-
er, after 2 weeks of reaction the extent of these transformations and
the composition of the solids differed. In particular, the formation of
other iron oxides and pyrite was less pronounced in experiments
with goethite than with lepidocrocite and ferrihydrite, whereas



Fig. 8. Bright field (a, c) and high resolution (b, d, e) TEM images after 2 weeks of reaction
between ferrihydrite and dissolved sulfide. Pyrite crystals are characterized by quadratic
outlines and occur separated from ferric oxides (a, c). The aggregates consisted of
agglomerated nanocrystalline domains (b). Ferrihydrite was completely transformed
into hematite (arrow in c, d, e) and magnetite (e).

Fig. 9. Bright field TEM image (a) showing the distribution of goethite and pyrite after
2 weeks reaction. The pyrite crystals consisted of nanocrystalline aggregates (b). Bright
field TEM images (c, d) and FFT electron diffraction pattern (inset in d) revealed that
minor amounts of goethite were transformed into hematite, preferably at the top of the
acicular goethite crystals.
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complete transformation into secondary minerals occurred in experi-
ments with ferrihydrite.

4. Discussion

4.1. Formation of excess Fe(II)

Formation of non-sulfur-associated excess Fe(II) is antagonistic to
the formation of FeSs. Mackinawite is a very early product of the inter-
action between both, lepidocrocite and goethite and dissolved sulfide.
A thin layer (~10–20 nm) ofmackinawite was observed in the presence
of lepidocrocite and goethite. FeSs turned out to be the largest fraction
(50–70%) of surface sulfur species detected with cryostat XPS in a com-
parable experimental approach (Wan et al., 2014). In contrast, in exper-
iments with ferrihydrite, in which the fraction of excess Fe(II) was
highest, no mackinawite was detected. Hence, an inverse relationship
seems to exist between the formation of mackinawite and excess
Fe(II) within the first hours, which we relate to processes occurring at
the mineral surface.

The reductive dissolution of ferric hydroxides is assumed to be pre-
ceded by a reversible surface complexation step (Dos Santos Afonso and
Stumm, 1992)

N FeIIIOHþHS−↔N FeIIIS
− þH2O ð2Þ
which is followed by electron transfer

N FeIIIS
−↔N FeIIS ð3Þ

and the release of an S radical

N FeIISþ H2O↔N FeIIOH2
þ þ S•− ð4Þ

that readily reacts further. The rate limiting step is regarded to be the
regeneration of a surface site. One possibility for the regeneration of a
surface site is the detachment of Fe(II) (Dos Santos Afonso and
Stumm, 1992)

N FeIIOH2
þ→ new surface siteþ Fe IIð Þ þH2O: ð5Þ

The consumption rate of dissolved sulfide is different between the
three hydroxides. The formation of Fe(II) occurs at a similar rate as the
sulfide consumption in all cases (Fig. 1) indicating that the disappear-
ance of dissolved sulfide from solution is not only due to sorption but
is directly linked to the electron transfer reaction. Hence, the key to
understand the formation of non-sulfur-associated Fe(II) is related to
the regeneration mechanism of surface sites (Eq. (5)). At neutral pH,
other pathways than release of Fe(II) into solution might be important:
electron transfer into the bulk phase and surface precipitation of FeSs.

Adsorbed Fe(II), which is equivalent to the surface complex NFeIIOH2
+

in Eq. (5), is known to exchange electrons with the bulk phase of various
ferric hydroxides. Hiemstra and van Riemsdijk (2007) postulate, based on
modeling of charge densities arising from adsorption isotherms, that
adsorption of Fe(II) to lepidocrocite requires complete surface oxidation
via electron transfer to the bulk mineral,

N FeIIOH2
þ þ FeIII bulkð Þ→ket N FeIIIOHþ FeII bulkð Þ þ Hþ

: ð6Þ

Goethite and 2-line ferrihydrite revealed a much lower tendency for
electron exchange and a larger fraction of adsorbed Fe(II). Pedersen
et al. (2005) observed complete electron transfer between adsorbed
Fe(II) and bulk 55Fe(III) ferrihydrite within 2 days, while goethite and
lepidocrocite reacted significantly lower. They measured characteristic



Table 5
Relationship between fraction of excess Fe(II) after 2 h (lepidocrocite and ferrihydrite) or
8 h (goethite) reaction time and pyrite yield after 14 days.

Ferrihydrite Lepidocrocite Goethite

Fraction of excess Fe(II) after 2–8 h
[% of Fe(II)HCl]

46 36 0

Fraction of pyrite S after 14 days
[% of initial S(− II)]

84 50 13
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reaction times (1/kobs) for electron transfer ranging between 100 min
for ferrihydrite and 23,000 min for goethite. Rapid electron transfer
was reported by Williams and Scherer (2004) to occur after 6 h equili-
bration between Fe(II) and bulk goethite and ferrihydrite. Silvester
et al. (2005) reported considerable oxidation of Fe(II) upon adsorption
onto 2-line ferrihydrite and goethite and its incorporation into the
bulk oxide. Jang et al (2008) observed electron transfer between Fe(II)
and bulk goethite Fe(III) that reached equilibrium after 7 days with a
characteristic reaction time of 1000min based onmeasurements of nat-
ural abundance isotope fractionation upon adsorption of Fe(II). Interest-
ingly, they could not retrieve the added Fe(II) and attributed this
observation to the formation of structurally bound Fe(II), while other
researchers were able to recover Fe(II) with dilute HCl from the bulk
phase (e.g., Williams and Scherer, 2004). Handler et al (2009), in a sim-
ilar experimental approach, observed almost complete electron transfer
between Fe(II) and bulk goethite within 30 days.

Note, that the electron transfer reported in the literature does not
appear to create Mössbauer sensitive Fe(II) entities, which is in line
with our observations. Attempts to follow the fate of 57Fe(II) adsorbed
onto 2-line ferrihydrite and goethite by Mössbauer spectroscopy failed
(Silvester et al, 2005). The authors were not able to detect the Fe(II)
character and interpreted this observation as a complete conversion of
Fe(II) into the host mineral by electron transfer between adsorbed
57Fe(II) and the surrounding Fe(III) neighbors. Similar observations
were made by Williams and Scherer (2004).

As this review shows there is clear evidence from the literature for
electron transfer between adsorbed Fe(II) and bulk Fe(III) for all three
minerals investigated in this study. It seems, however, that there are
distinct differences in the reaction kinetics, with goethite being the
slowest reactant and ferrihydrite being the fastest. Electron transfer
with ferrihydrite proceeds on the time scale of the initial phase in this
study, i.e. the first 2 h.

Alternatively to bulk electron transfer, Fe(II) at the surface may be
channeled into FeSs. The rate of FeSs formation is very fast with a
characteristic reaction time tr = 1 / k of about ~0.1 s and a dependence
on the concentration of total dissolved sulfide (Rickard, 1995). Based on
the TEM images it is reasonable to assume growth of mackinawite
directly on the host mineral's surface

N FeIIOH2
þ þHS− →

k FeS new surface siteþ FeSsurf þH2O: ð7Þ

Hence, we can envision two competitive reactions for the regenera-
tion of surface sites: bulk electron transfer that is mineral specific
(Eq. (6)) and FeSs growth that depends on the concentration of
dissolved sulfide (Eq. (7)). These considerations explain the different
extent of excess Fe(II) formation for the different iron (oxy)hydroxides
and also provide a conclusive model for the relationship between the
fraction of excess Fe(II) and the initial ratio of dissolved S(−II) concen-
tration to surface-site concentration (S(− II)aq:SS ratio) observed in
Fig. 10 of Hellige et al (2012). At high ratios reaction (7) is favorable.
With decreasing ratios reaction (6) becomesmore favorable. The extent
of the reaction depends on the specific mineral (Eq. (8)) with ket being
the mineral specific pathway controlling parameter (Eq. (8)).

ð8Þ

This model allows us to reinterpret the shape of the fraction of ex-
cess Fe(II) data determined in experiments with lepidocrocite plotted
as a function of S(− II)aq:SS ratios in Fig. 10 of Hellige et al (2012). The
inflection point in this Figure reflects the S(− II)aq:SS ratio at which
the reaction rate for the formation of excess Fe(II) (i.e. electron transfer)
exceeds that of FeSs formation. The rapid electron transfer from Fe(II) to
ferrihydrite reported by Pedersen et al (2005) predicts that formation of
FeSs is rather impropable, in agreement with our TEM analyses which
do not indicatemackinawite formation. In contrast, the electron transfer
rate is lowwith goethite so that reaction (7) is favorable for thismineral
andmackinawite forms at the crystal rimswhile excess Fe(II) formation
is negligible.

4.2. The role of excess Fe(II) as a driver of secondary phase formation

The most striking observation in this study is that the yield of pyrite
in relation to the initially added sulfide varies significantly between the
three ferric hydroxides and that the fraction of pyrite S after two weeks
reaction time is related to formation of excess Fe(II) in the early stage of
the reaction (Table 5).

Spontaneous pyrite nucleation from aqueous solution is regarded to
occur if a critical oversaturation is exceeded with regard to the activity
product a(Fe2+) a(H2S)/a(H+)2 which is reported to be 5.7 · 1014 at
pH 6.5 (Harmandas et al, 1998; Rickard, 2012). It is argued that such a
critical value is achieved already if the system is saturated with respect
to FeSs (Rickard, 2012). However, TEM images clearly demonstrate that
there is no FeS left at the time when pyrite nanoparticles are precipitat-
ing. Further, dissolved sulfide was rapidly consumed to become unde-
tectable (b10−6 mol L−1 after max 5 h in case of goethite). The
maximum oversaturation possible based on this value and a measured
dissolved Fe(II) concentration (0.3 mmol L−1) is 2 · 1011 (no speciation
of Fe(II) and no ionic strength considered), which is still three orders of
magnitudes lower then the critical value. Hence, nucleation of pyrite
from solution species seems improbable.

In our previous paper (Hellige et al, 2012) we have proposed a
mechanism which explains the relationship between excess Fe(II) and
pyrite formation. According to the mechanism, excess Fe(II) is a reduc-
tant for S0 promoting the formation of pyrite through generation of
polysulfides,which are regarded key precursors for the formation of py-
rite (e.g., Rickard and Luther, 2007)

2Fe2þexcess þ Sn þ 4H2O↔2FeOOHþ S2−n þ 6Hþ
: ð9Þ

Interestingly, no or only small amounts of dissolved polysulfides
could be detected in comparable experiments while a substantial frac-
tion of surface bound sulfur consisted of polysulfides (Wan et al.,
2014). We therefore propose that dissolved polysulfides may react
with surface bound Fe(II) to form surface bound precursors of pyrite.

HCl extractable Fe(II) as well as MES were significantly reduced or
even disappeared in experiments with the three different iron
oxyhydroxides after 14 days supporting the model proposed in reac-
tion (9). Based on the stoichiometry of reaction (9), protons are gener-
ated which can explain the drop in pH in experiments with
lepidocrocite and ferrihydrite (Fig. 2). Formation of surface-bound
polysulfides gives rise to pyrite precipitation as suggested by the ap-
pearance of pyrite in Figs. 8a and 9a of this paper and Fig. 8d in Hellige
et al (2012), implying that pyrite is not formed by solid phase
transformation.

Besides the formation of pyrite, the unidentified fraction of excess
Fe(II) might also trigger the transformation of ferrihydrite and
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lepidocrocite into iron (hydr)oxideswith higher thermodynamic stabil-
ity. Electron transfer between adsorbed Fe2+ and the bulk mineral is
known to stimulate transformation of the receiving mineral (Cornell
and Schwertmann, 2003). Indeed, secondary formation of iron
oxyhydroxides occurred in experiments with all three initial materials
but at different rates and at different extent. Themost pronounced alter-
ations happened with ferrihydrite. Selected area electron diffraction in-
dicates that the ferrihydrite structure remained intact after 2 h of
reaction (Fig. 6). After one week, ferrihydrite transformed into a mix-
ture of hematite, goethite and magnetite. Consumption of HCl was
much lower compared to the other oxides (Fig. 2) which is a clear
hint to the generation of protons along with the formation of the trans-
formation products takingplace already in a very early stage, e.g., during
the formation of magnetite (for simplicity reasons we have used the
stoichiometric formula Fe(OH)3 for ferrihydrite in Eq. (10)):

2Fe OHð Þ3 þ Fe2þ→Fe3O4 þ 2H2Oþ 2Hþ
: ð10Þ

Ferrihydrite has a similar anionic framework as hematite with the
same stacking of close-packed anions. Liu et al. (2009) proposed that
the nucleation and growth of hematite from ferrihydrite involved a
combination of dehydration and rearrangement processeswhich are fa-
cilitated by the structural resemblance between these two minerals.

In contrast, goethite and magnetite are products related to Fe(II)
driven transformation (Cornell and Schwertmann, 2003). Pedersen
et al. (2005) observed complete ferrihydrite transformation into goe-
thite at an aqueous Fe(II) concentration of 1 mmol L−1 within 2 days.
They found, however, that lepidocrocite is the main product at a lower
Fe(II) concentration of 0.2 mmol L−1. Similarly, the occurrence of mag-
netite also seems to depend on aqueous Fe(II) concentration,withmag-
netite being generated from ferrihydrite at high concentrations
(~2 mmol L−1) only (Hansel et al, 2005). Pedersen et al (2005) ob-
served magnetite as a product from transformation of lepidocrocite at
their highest experimental aqueous Fe(II) concentration of 1 mmol L−1.

High concentrations of ferrous iron in solution also reflect a high de-
gree of adsorbed Fe(II). Hence, the occurrence of goethite andmagnetite
as transformation products may also be related to the amount of excess
Fe(II) so that this entity may drive transformation pathways in our sys-
tems. For example, magnetite forms as an intermediate layer between
the lepidocrocite crystal and mackinawite surface coverage after reac-
tion with sulfide (Hellige et al, 2012), while no magnetite is observed
in experiments with goethite when no excess Fe(II) is produced.

Surprisingly, no transformation after reaction with aqueous Fe(II)
has been reported for goethite although significant isotopic exchange
between aqueous Fe(II) and solid phase Fe(III) could be observed
(Pedersen et al., 2005; Jang et al., 2008; Handler et al., 2009). Handler
et al (2009) interpreted this effect in terms of conveyer-belt model ac-
cording to which electron transfer occurs, but the new Fe(III) will lead
to isostructural growth at separate goethite surface sites with now re-
duced Fe(II) being released back into solution. It remains speculative
as to whether such a response to Fe(II) adsorption would also explain
the reaction kinetics between sulfide and the goethite surface and
thus the low formation rate of excess Fe(II). However, it becomes clear
that no reductive transformation product should be expected in the
goethite experiments. The traces of hematite observed at the top of acic-
ular goethite crystals are probably due to a ripening process.

5. Conclusion

The results of thiswork give reason to theproposition of pathway for
rapid pyrite formation that is based on three steps: i) sulfidation of ferric
hydroxides, ii) generation of bulk electrons, and iii) generation of (sur-
face bound) polysulfides by bulk electrons. These reactions are accom-
panied by a series of transformation steps. Depending on the iron
hydroxide phase and the initial concentration of dissolved S(− II), dif-
ferent pathways of solid product formation appear on both, the ferric
hydroxide side and the sulfur side, which implies a clear kinetic control
of these reactions that are of high relevance for early diagenetic
processes.

We propose that it is the rate of surface polysulfide generation
(Eq. (9)) and subsequent reaction with precursors bound to the host
mineral's surface that controls the overall rate of this sulfidation path-
way. Pyrite formation pathways based on dissolution of solid FeSn to
aqueous FeS (FeS-pathway) and subsequent reactions with dissolved
polysulfides in the absence of ferric oxides are comparatively slow (on
the order of several months to years, e.g., Luther, 1991). Hence, the
sulfidation pathway needs to be considered in environments that oper-
ate on the time scale of days andweeks and that are subject to redox os-
cillations, such as tidal flats, wetlands, riparian soils, the sediment–
water interface, or the capillary fringe in groundwater systems. Ferrihy-
drite and lepidocrocite are characteristic for such environments with
rapid redox recycling of Fe(II) (Cornell and Schwertmann, 2003). They
present a high potential for excess Fe(II) formation and are therefore
candidates to stimulate rapid formation of pyrite and transformation
of the host ferric mineral in such environments. In contrast, the occur-
rence of goethite typically reflects matured environments that allowed
for sufficient ripening time, although goethite specimen of high reactiv-
ity are also existing (e.g., van der Zee et al, 2003).

We have demonstrated that dissolved sulfide interacts with ferric
hydroxides in two ways. It generates Fe(II) (respectively excess elec-
trons) driving transformations of these minerals and it is a sulfide
source for FeSs formation. The extent of FeSs and/or Fe(II) formation,
however, seems to depend on the ratio between dissolved sulfide and
the amount of surface sites (SS) available (Hellige et al, 2012).

At low S(− II)aq:SS ratios, the concentration of dissolved sulfide is
low relative to the concentration of reactive surface sites, which
matches conditions in environments that are often abundant in ferric
hydroxides and in which sulfide may be continually supplied e.g.,
through microbial reduction or diffusion. From these considerations a
geochemical window can be derived that supports the occurrence of
the sulfidation pathway (Fig. 10).

Rapid pyrite formation (on a time scale of days) has been observed
in such environments (Howarth, 1979; Otero and Macias, 2002). Pyrite
formation was attributed to direct precipitation of pyrite with Fe2+ and
polysulfides (Giblin and Howarth, 1984; Giblin, 1988), the polysulfides
being assumed to be products of a not specified oxidation of sulfide.
Similar to our experiments (except thefirst couple of hours), concentra-
tions of dissolved sulfide were low (1–20 μmol L−1) probably due to
consumption by ferric iron. Polysulfides were not measured in these
studies. In a study on reflooding a formerly drained coastal wetland,
Burton et al (2011) observed decoupling of pyrite and AVS/greigite for-
mation and could not relate its formation to the classical pathway via
mackinawite. In the light of our study pyrite formation in such systems
occurred under conditions where dissolved sulfide is produced but
maintained at low concentrations by high amounts of reactive ferric
(hydr)oxides and therefore allows for a high fraction of excess Fe(II).

In contrast, high S(−II)aq:SS ratios reflect conditions in marine sys-
tems (or specific sulfate-rich terrestrial environments) with a high sup-
ply of organic material to stimulate sulfate reduction. According to the
results derived in the present work, the formation of excess Fe(II) and
its rapid conversion into pyrite would be suppressed by the fast forma-
tion of FeSs if the reactivity of the iron minerals towards sulfide is low
(e.g., Canfield et al., 1992). Such conditions exist where the reoxidation
of Fe(II) to generate low crystallinity Fe(III) phases is impeded and the
iron mineralogy is controlled by deposition of specimen of higher crys-
tallinity, such as goethite (and probably also hematite although we did
not study this mineral). We propose that the anomalous accumulation
of acid volatile sulfide at 40 cm depth of a fjord in the presence of low
dissolved sulfide concentrations reflects such conditions (Gagnon
et al, 1995). Similar observations were made at the sulfidation front at
a depth of ~300 cm depth in a Black Sea sediment (Jørgensen et al,
2004), where AVS accumulated upon reaction of sulfide with reactive
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Fig. 10. Scheme for the classification of environments according to their potential for rapid pyrite formation.
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iron. It is reasonable to assume that “reactive iron” at this depth is not a
high surface-area material so that reaction pathway (7) may be faster
than electron transfer to the bulk mineral (reaction (6)) under these
conditions.

This short discussion cannot encompass and revisit the entire body
of pyrite formation studies but it underpins that the specific reactivity
of iron minerals towards sulfide needs to be considered when
discussing the formation of pyrite and of other secondary minerals.

Our study has emphasized the role of an adsorption step preceding
the entire sulfidationmechanism. It has been demonstrated that the re-
activity of iron minerals can be significantly affected by interfering ad-
sorbates. Phosphate even inhibited reductive dissolution of ferric
(hydr)oxides (Biber et al., 1994). Hence, the role of important constitu-
ents of natural waters such as DOC or Si in affecting the sulfidation reac-
tion needs to be tested in order to refine our understanding of the
response of natural systems rich in these compounds on the interaction
between ferric (hydr)oxides and dissolved sulfide.

An interesting novel observation is the decoupling of reaction times
during the interaction between sulfide and ferric hydroxides. Genera-
tion of excess Fe(II), whichwe identified as a requirement for pyrite for-
mation, occurs within hours, while the formation of pyrite takes place
within days. This phenomenonmay be regarded as a process of charging
the ferric minerals with electrons prior to consumption along with the
pyrite formation process. Under conditions, where redox fluctuations
occur on a time scale shorter than that of the formation of pyrite (e.g.,
tidal fluctuations), excess Fe(II) may thus exert some reactivity towards
other oxidants than elemental sulfur (e.g., humic acids) and transfer
electrons. Conceptually, electron transfer from sulfide to the bulk ferric
mineral may thus be regarded as the build-up of electric capacity in a
dynamic redox system, the role of which for other electron transfer pro-
cesses being far from understood.
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