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Abstract
Oxidized Fe minerals in Archean–Paleoproterozoic banded iron formations (BIFs) are commonly taken to indicate the
presence of biogenic O2 or photosynthetic Fe(II)-oxidizing bacteria in the oceans' photic zone. However, at least one viable
abiogenic oxidation mechanism has been proposed. Prior to the rise of atmospheric oxygen and the development of a protective
ozone layer, the Earth's surface was subjected to high levels of ultraviolet radiation. Bulk ocean waters that were anoxic at this
time could have supported high concentrations of dissolved Fe(II). Under such conditions, dissolved ferrous iron species, such
as Fe2+ and Fe(OH)+, would have absorbed radiation in the 200–400 nm range, leading to the formation of dissolved ferric iron
[Fe(III)], which in turn, would have hydrolyzed to form ferric hydroxide [Fe(OH)3] at circumneutral pH [Cairns-Smith, A.G.,
1978, Precambrian solution photochemistry, inverse segregation, and banded iron formations. Nature 76, 807–808; Braterman,
P.S., Cairns-Smith, A.G., and Sloper, R.W., 1983, Photo-oxidation of hydrated Fe2-Significance for banded iron formations.
Nature 303, 163–164]. This process has been invoked to account for BIF deposition without need for biology [François, L.M.,
1986, Extensive deposition of banded iron formations was possible without photosynthesis. Nature 320, 352–354]. Here, we
evaluate the potential importance of photochemical oxidation using a combination of experiments and thermodynamic models.
The experiments simulate the chemistry of ambient Precambrian seawater mixing with Fe(II)-rich hydrothermal fluids with, and
without, UV irradiation. We find that if Fe(II) was effused from relatively shallow seamount-type vent systems directly into an
anoxic photic zone, the photochemical contribution to solid-phase precipitation would have been negligible. Instead, most of the
Fe(II) would have precipitated rapidly as an amorphous precursor phase to the ferrous silicate mineral greenalite ((Fe)3Si2O5
(OH)4), and/or the ferrous carbonate, siderite (FeCO3), depending on different simulated atmospheric pCO2 levels. Conversely,
in experiments where Fe(II) was exposed either to phototrophic Fe(II)-oxidizing bacteria or to O2, ferric hydroxide formed
rapidly, and the precipitation of ferrous iron phases was not observed. If, as suggested on mass balance grounds, BIF deposition
requires that Fe be sourced from shallow seamount-type systems, then we are driven to conclude that oxide-facies BIF are the
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product of a rapid, non-photochemical oxidative process, the most likely candidates being direct or indirect biological oxidation,
and that a significant fraction of BIF could have initially been deposited as ferrous minerals.
© 2007 Elsevier B.V. All rights reserved.
Keywords: banded iron formations; photochemical oxidation; Precambrian; anoxygenic photosynthesis; mineral precipitation

1. Introduction
Banded iron-formations are iron rich (∼ 20–40 wt.%)
and siliceous (∼ 40–60 wt.% SiO2) sedimentary deposits that precipitated throughout much of the late Archean
(2.7–2.5 Ga) and Paleoproterozoic (2.5–1.8 Ga). The
“Superior” type BIFs, including those in the Hamersley
Group, Western Australia and the Transvaal Supergroup, South Africa, are hundreds of meters thick, over
105 km2 in areal extent, and contain N 1013 t of iron
[1,2]. The source of ferrous iron to the oceans was
almost certainly hydrothermal (e.g., [3,4]), but there are
considerable uncertainties about the proximity of this
source to BIF depositional settings. Holland [5] first
proposed that Fe(II) was brought from the deep ocean
onto the outer continental shelf by upwelling currents. In
this case, the Fe source could have been distal midocean-ridge (MOR) systems. This then led to a
depositional model suggesting that BIFs formed below
wave base on partially isolated, submerged platforms on
the continental shelves of older cratons, where deep
ocean water was able to circulate freely into and out of
them, but some form of physical barrier was nonetheless
required to explain the absence of terrigenous siliciclastic sediment coarser then clay size [6,7]. However, this
model for BIF deposition is problematic because it
necessitates an upwelling rate on the order of 3000 m
yr− 1 to account for BIF sedimentation rates (based on
the Trendall [8] estimate of the amount of Fe in an
annual microband; 3 × 1013 g Fe yr− 1), if we assume that
the concentration of Fe(II) was ∼ 0.03 mM, as dictated
by equilibrium with siderite and calcite [9]. This
upwelling rate is an order of magnitude higher than
the maximum rates observed in some modern coastal
environments (∼ 1 m day− 1; [10]).
More recently, it has also been proposed that Fe(II)
was directly supplied from hydrothermal plumes to
waters as shallow as 300–1000 m [11], similar to Loihi,
Hawaii, today [12]. Indeed, Isley and Abbott [13] have
suggested a direct link between mantle plume activity
between 3.8 and 1.8 Ga and global BIF deposition. This
view is supported by the work of Barley et al. [14,15]
who proposed that the Hamersley BIF formed during a
major tectono-magmatic event that caused an increased
supply of dissolved Fe(II) to the oceans. To some extent

this correlates well with sedimentological and petrographic work on the 2.5 Gyr Brockman Iron Formation
of the Hamersley Group which suggests that the Fe
layers formed as pelagic muds on the flanks of
submarine volcanoes, and were later re-sedimented
and spread laterally by density currents to a deep water
depositional setting, i.e., the trailing continental margin
of the Pilbara craton [16,17]. While the actual
concentration of dissolved Fe(II) released is unknown,
given the elevated temperatures of water–rock reactions
in the Archean, it is possible that dissolved Fe(II) in
hydrothermal effluents may have been 1–2 orders of
magnitude higher than today [18]; the concentration of
Fe(II) effused from some modern deep sea vents is
1.8 mM, or ∼ 100 mg L− 1 [19]. Furthermore, the
observation that Archean shales are enriched in Fe
further indicates a larger hydrothermal flux of Fe to the
early oceans [20].
The mechanism by which Fe(II) was oxidized to form
BIF is also highly uncertain. Oxidation by photosynthetically produced O2 is one possibility, allowing for
the indirect biological precipitation of ferric hydroxide,
Fe(OH)3. Under an anoxic atmosphere, this O2 could
have been confined to localized “oxygen oases” associated with cyanobacterial blooms in coastal settings [21,22]. Cloud further proposed that the primitive
O2-producing bacteria may have lacked suitably advanced oxygen-mediating enzymes, and thus required
ferrous iron to detoxify oxygen. If so, these microorganisms would have flourished specifically when Fe(II) and
nutrients were made episodically available. Garrels et al.
[23] and Hartmann [24] subsequently suggested that
light, not O2, may have coupled the carbon and iron
cycles, via photosynthesis that used Fe(II) rather than
H2O as an electron donor, producing Fe(III) rather than
O2. Since then, a number of experimental studies have
confirmed that various purple and green bacteria can use
Fe(II) as a reductant for CO2 fixation (e.g., [25]). By
modelling photosynthetic Fe(II) oxidation rates, some
have even suggested that such microorganisms could
have accounted for all of the Fe(III) initially deposited
in primary BIF sediment [26,27].
As an alternative to these biological models for Fe(II)
oxidation, Cairns-Smith [28] proposed that ferrous iron
could have been photooxidized by the high flux of
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ultraviolet photons that would have reached the Earth's
surface prior to the rise of atmospheric oxygen and the
development of a protective ozone layer. This reaction
proceeds readily in acidic waters exposed to UV
wavelengths in the range of 200–300 nm (reaction 1).
þ
3þ
2Fe2þ
ðaqÞ þ 2H þ hv→2FeðaqÞ þ H2 ↑

ð1Þ

Braterman et al. [29] explored the viability of the
photochemical oxidation model at circumneutral pH and
over a range of UV wavelengths (217 nm to 406 nm).
Based on a quantum yield determined from proton flux,
they suggested that at pH N 6.5 the presence of the
dissolved ferrous iron species Fe(OH)+ is important
because it is oxidized by photons of λ = 300–450 nm, a
wavelength region where the solar flux is more intense
and where seawater is more transparent, as compared to
λ b 300 nm. The dissolved ferric iron formed is subsequently hydrolyzed and precipitated as ferric hydroxide.
Extrapolating from these experiments, a mean photochemical oxidation rate of 0.5 mol Fe(II) m− 2 yr− 1 has
been estimated at very rapid upwelling rates (4000 m
yr− 1), indicating that this process alone could have
accounted for up to 1.8 × 1014 mol Fe(III) annually [30].
Other estimates place the total amount of Fe(II) photooxidized annually at 2.3 × 1013 mol [31]. These rates are
much greater than that predicted to have precipitated
annually as BIF sediment during deposition of the largest
such Archean–Paleoproterozoic formations (see [9]).
Anbar and Holland [32], noting the relative absence of
Mn in BIF, extended these experiments and models to
include plausible Archean ocean concentrations of Mn as
well as Fe. They found that Mn(II) photooxidizes much
more slowly than Fe(II) due to dependence on light with
λ b 250 nm. Hence, the lack of Mn in BIF is consistent
with a photochemical pathway.
Significantly, these earlier photochemical experiments focused on determining the specific rates of Fe
(II) photochemical oxidation, and did not simulate the
complex, disequilibrium water chemistry representative
of seamount-type systems, where Fe supply would have
been more than adequate to account for BIF deposition
rates. They also did not take into account ambient
seawater composition, in which there existed a number
of ions available to react with dissolved Fe(II) in the
water column. The most realistic experiments were those
of Anbar and Holland [32], which included 0.56 M NaCl
and buffering to pH ∼ 7 by the carbonate system under an
atmosphere of pCO2 = 10− 1.7 atm. However, these
experiments were carried out at, or close to, thermodynamic equilibrium conditions, with [Fe]∼ 0.02 mM. In
contrast, the photic zone proximal to a seamount-type
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system injecting Fe(II) into seawater would have been
profoundly out of equilibrium, with much higher
concentrations of dissolved Fe(II). This Fe(II) would
have mixed with seawater saturated with respect to
amorphous silica and calcite [5,33]. It is certain that such
disequilibrium systems would have been characterized
by rapid precipitation of a variety of Fe(II) phases, in
addition to photochemically- and biologically-produced
Fe(III) phases. Therefore, the critical parameters in
accounting for oxide-facies BIF in seamount-type
systems are the relative rates of Fe(II) oxidation by
photochemistry and/or other oxidative mechanisms
versus ferrous mineral precipitation.
In this work we evaluate the rate of photochemical
Fe(II) oxidation in disequilibrium systems in the
context of Archean–Paleoproterozoic BIF deposition.
We conducted experiments designed to test the
oxidative capacity of UV-A (320–400 nm) and UV-C
radiation (200–280 nm) on Fe(II)-rich fluids at nearneutral pH (as per [34]) and saturated with respect to a
number of minerals postulated to have been important
chemical components of the ancient oceans. An
experimental temperature of 40 °C was chosen in
accordance with predictions for the late Archean based
on O and Si isotopes in ∼ 2.5 Gyr cherts [35,36]; it
should be noted that this time was preceded by a
period of lower temperatures as indicated by glaciogenic units 2.9 Ga, but the temperature then rebounded
through increased methane production [37]. We also
ran the experiments with bicarbonate concentrations
equivalent to water in equilibrium with atmospheric
pCO2 ranging from 10− 2.4 to 10− 0.4 atm, in order to
bracket the proposed values for that time (see [38–
41]). Importantly, in silica-rich waters, this range of
CO2 values shifts thermodynamic mineral stability
fields from siderite (high CO2) to Fe(II)-silicates (low
CO2), such as minnesotaite and greenalite, allowing us
to compare the relative rates of photochemical Fe(II)
oxidation to the precipitation of two important BIF
mineral constituents.
2. Methodology
A closed, temperature-controlled, general-purpose
incubator was fitted with gas purge lines for up to six
reaction vessels, and independent UV-A and UV-C light
sources were set up to simulate UV irradiation of a
hypothetical Archean ocean. Maximum estimates for
Archean UV-A surface irradiance approach ∼9 mW
cm− 2 over the entire UV-A spectrum [42]; accordingly, a
conservative UV-A intensity of 10 mW cm− 2 was
employed using a 400 W medium pressure mercury

90

K.O. Konhauser et al. / Earth and Planetary Science Letters 258 (2007) 87–100

floodlamp (Spectroline UV-400) mounted ∼ 15 cm
overhead the reaction vessels (Fig. 1A). UV-C radiation
was provided by two side-mounted 15 W low-pressure
mercury lamps, variably powered with an in-line dimmer,
and calibrated for a UV-C flux of 0.3 mW cm− 2 (as
predicted for the Archean surface; [42]). UV light
intensity was measured with an Ocean Optics HR4000
fibre optic spectrometer, and irradiation measurements,
performed with the spectrometer placed within the quartz
reaction vessels, indicated that attenuation by the vessel
walls was negligible. For UV-A only experiments, vessels
were laid on their side for maximum solution exposure to
the overhead UV-A floodlamp. A spectrum for the
experimental conditions is shown in Fig. 1(B); note that
the low pressure mercury UV-C bulbs act as line sources
centred around 254 nm, while the UV-A floodlamp emits
a broader spectrum over the 320–400 nm range.

All experiments were conducted at least in triplicate,
in a series of custom-made quartz Erlenmeyer flasks.
These reaction vessels were constructed with three
ports: a gas outlet, a gas inlet, and a sample port, the
latter two extending to the flask bottom via Teflon
tubing. The sample port was fitted with a 3-way luer
lock valve in order to obtain samples by syringe under
anoxic conditions. Experiments were conducted under a
constant inert atmosphere (99.99% Ar) delivered via a
six-port manifold, and for the actual sampling procedure
all solutions were actively bubbled with Ar and
magnetically stirred for approximately 15 min.
Various solution chemistries were prepared at seawater ionic strength to give, in addition to NaCl (to adjust
ionic strength) and NaOH and HCl (to adjust pH), (1)
simple solutions containing only Fe(II), and (2) complex
solutions containing Fe(II), HCO3−, SiO2, and Ca2+,
designed to more accurately simulate Archean ocean
waters:
(1) We performed the Fe(II)-only photochemical
oxidation experiments in two different ways.
First, in order to allow particle settling and
diminish any solution turbidity that may inhibit
the photochemical reactions, the gas inlet line was
removed from the experimental solutions between
sampling points, but continued to deliver Ar at the
gas–water interface for positive Ar pressure
within the flasks over the duration of the
experiments. Second, we conducted experiments
with constant agitation (by magnetic stir bars) to
assess whether photochemical oxidation was
diffusion limited, i.e., if the reactions were
confined to a very thin layer, and consequently,
the reaction rate was dominated by the rate at
which products settled out of that layer versus the
rate at which ‘fresh’ Fe(II) diffuses into this
reaction zone.
(2) Three different complex solutions were evaluated,
representing solutions in equilibrium with 3
different atmospheres (with pCO2 values of
10− 0.4, 10− 1.4, 10− 2.4) and at saturation with
respect to calcite and amorphous silica at pH 7.
These experiments were not continuously agitated.

Fig. 1. Depictions of the arrangement (A) and power spectrum (B) of
the various UV lights employed for photochemical experiments. The
UV-A floodlamp provided 10 mW cm− 2 integrated over the 320–
400 nm range. The UV-C line source was adjusted for a total UV-C
intensity of 0.3 mW cm− 2. It should be noted that for UV-A
experiments, vessels were turned on their side for maximum light
exposure.

For all solutions, ultrapure water (18.2 MΩ) was first
purged of O2 by boiling and cooling to 40 °C with
constant N2 bubbling. Salts were added in a stepwise
fashion: NaCl (0.56 M) was added first, followed by
SiO2 (0.0021 M added as Na2SiO3(H2O)9), Ca2+(added
as CaCl2) and HCO3−(added as NaHCO3, see Table 1).
All reagents were Fisher brand certified A.C.S. Between
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each salt addition, the pH was adjusted to between 7.0–
7.5 with NaOH or HCl. Following the addition of all
aforementioned salts, or after the addition of NaCl in the
case of solutions with Fe(II) only, Fe(II) was added (as
Fe(NH4)2(SO4)2(H2O)6) to yield a solution of approximately 1.8 mM (or ∼ 100 mg L− 1) Fe(II), similar to the
concentration of Fe(II) presently effusing from some
modern deep-sea vents [19]. The pH was buffered to
between 7.0–7.5 as above, and ∼ 200 ml of solution was
transferred via syringe to each reaction vessel (prepurged and at positive pressure with Ar). For selected
UV-A experiments, the initial pH was set to be higher
than 7.0 (up to 8.0) in order to maximize the potential
oxidizing effects of UV-A [29], while remaining below
amorphous ferrous hydroxide Fe(OH)2 saturation.
The pH of samples was measured directly in the
reaction vessels using an Orion Ross pH electrode
calibrated between 3.0 and 10.0 with commercial
buffers. Samples (∼ 10 ml) were removed periodically
by syringe and filtered to 0.2 μm by in-line nylon
syringe filters into glass vials containing 3 drops of
concentrated HCl. Aliquots of acidified sample were
immediately diluted, and Fe(II) and Fe(III) concentrations were determined spectrophotometrically (Beckman-Coulter DU540) within 30 min of sampling by the
ferrozine method (after [43]). We chose this method
because it allowed us to differentiate ferrous Fe versus
ferric Fe (compared to measuring total Fe). The
concentration of dissolved silica was determined
spectrophotometrically using the heteropoly blue method [44]. UV-free controls were performed exactly as
above, but the UV lamps remained off. All experiments
were maintained at 40 °C by the incubator's temperature
controller. Selected experiments were purged with air
instead of Ar to represent rapid oxidation by O2.
Mineral products were isolated for analysis by
syringe-filtering fluid samples (obtained as above)
onto 0.2 μm Nylon in-line filters, and drying the filters
under a constant stream of Ar. X-ray diffraction (XRD)
analyses were performed on powdered samples using a
Rigaku Geigerflex diffractometer with a Co source and
graphite monochromator. Ferrous iron-containing minTable 1
Concentrations of Ca2+ and HCO−3 for different atmospheric partial
pressures of CO2 in equilibrium with calcite as calculated by Visual
MINTEQ at pH 7.0 and 40 °C
log pCO2
(atm)

Ca2+
(mM)

HCO−3
(mM)

− 2.4
− 1.4
− 0.4

4.59
0.49
0.08

2.40
23.7
233
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eral products were additionally examined in their anoxic
parent solution (in sealed quartz capillary tubes, without
filtering and drying) using a Bruker D8 Discover microXRD system with a Cu source and a Bruker HiStar
GADDS detector. Powdered samples were also examined using a JEOL 6301F field emission scanning
electron microscope (SEM) equipped with a PGT X-ray
elemental analyzer, after carbon stub mounting and a
∼ 3 nm Au sputter coat (Nanotek SEMprep 2). Finally,
the carbon content of selected powdered samples was
determined in pressed tin boats using a Costech
Instruments elemental combustion system with a
Thermo-Finnigan Conflo III interface coupling to a
Finnigan Mat Delta Plus Advantage mass spectrometer.
In order to compare rates of photosynthetic Fe(II) oxidation, the Fe(II)-oxidizing microorganisms “Thiodictyon
sp.” strain F4 and “Rhodobacter ferrooxidans” sp. strain
SW2 were cultivated at the University of Tuebingen in a
fresh-water mineral medium with 2.0 mM dissolved Fe(II)
at pH 6.9 and 19 °C, as described previously [45]. Cultures were incubated in triplicate with an abiotic blank at
800 lux with 40 W tungsten incandescent light bulbs as
light source. Silica was added to medium containing dissolved Fe(II) in the form of sodium metasilicate
nonahydrate (Na2O3Si·9H2O) to a final concentration of
2.0 mM. The cultures were then inoculated with an initial
density of 107 cells ml− 1. Fe(II) and Fe(III) concentrations were determined spectrophotometrically (FlashScan
550, Analytik Jena, Germany) via the ferrozine method
(after [43]).
3. Results
3.1. Thermodynamic modelling
In order to assess the effects of hydrothermallyderived Fe(II) effusing directly into shallow marine
waters, we modelled (using the visual MINTEQ v. 2.51
software package; [46]) the addition of 1.8 mM Fe(II) to
silica- and calcite-saturated solutions in equilibrium
with variable pCO2 at pH 7.0 and 40 °C (Table 2). Under
all atmospheric pCO2 concentrations, greenalite and
siderite are predicted to precipitate, but as pCO2, and
hence the concentration of HCO3− increases, siderite
precipitation becomes more favourable. Calcite and
amorphous silica are not predicted to precipitate, as they
are modelled to be at saturation. It should be noted,
however, that these thermodynamic predictions are
subject to two important caveats: (1) saturation indices
do not take into account the fact that initial mineral
precipitates are often unstable, amorphous phases that
are unlikely to be included in thermodynamic databases,
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Table 2
Saturation indices and dominant dissolved Fe(II) species in silica- and
calcite-saturated seawater containing 1.8 mM Fe(II) and equilibrated
with different partial pressures of atmospheric CO2
pCO2
(atm)
10− 2.4

10− 1.4

10− 0.4

Saturation indices (IAP/Ksp)
Siderite
Greenalite
Amorphous silica
Calcite

0.76
5.92
0
0

1.74
5.85
0
0

2.65
5.59
0
0

% Distribution Fe(II)-species(aq)
Fe2+
FeCl+
FeHCO+3
FeOH+
FeSO4(aq)

88.7
8.0
0.3
0.4
2.6

86.0
7.8
2.6
0.4
3.2

69.8
6.4
20.8
0.3
2.7

and (2) the kinetics of mineral formation are not
considered.
The aqueous speciation of Fe(II) was also modelled
for the three concentrations partial pressures of CO2
and is reported as percentage of total Fe (Table 2). At
low atmospheric pCO2, Fe2+ and FeCl+ are the domi-

nant Fe(II) species, at 88.7% and 8.0%, respectively,
with less than 1% FeHCO3+ and FeOH+. As pCO2
concentrations increase from 10− 2.4 to 10− 0.4, the
percentage of FeHCO3+ increases from 0.3% to 20.8%;
FeCl + decreases from 8.0% to 6.4%; and Fe 2+
decreases from 88.7% to 69.8%. Notably, the concentration of FeOH+ is always less than 1% of the total Fe
(II) under the conditions modelled. Due to the low
concentrations of Fe(OH)+ in solution, only a small
fraction of the total iron in our simulated seawater may
be photosensitive to UV-A light [29]. As a comparison,
at pH ∼ 3, over 99.9% of dissolved Fe(II) will be
present in the form of Fe2+.
3.2. Inorganic Fe(II) oxidation experiments
In conjunction with thermodynamic predictions and
mineral analyses (see below), we conducted experiments to compare the relative rates of abiological/
biological Fe(II) oxidation and Fe(II)-mineral precipitation (Fig. 2). In the most simple experiments, we
subjected solutions with only Fe(II) and NaCl (at pH 7)
to either UV-C or UV-A irradiation. In the UV-C experiments without agitation, 0.2 mM of dissolved Fe(II)
was lost over a 24 h duration, the pH dropped from 7.0

Fig. 2. Experimentally measured concentrations of dissolved Fe(II) for control, photochemical oxidation, mineral precipitation and air-exposed
experiments. In the legend, −2.4, −1.4, and −0.4 refer to the log of the pCO2 equilibrium values used in the experiments. ‘Complex control’ denotes silicaand calcite-saturated experiments with no irradiation, while “complex air” denotes similar solutions bubbled with air. Continuously agitated Fe(II)-only
photooxidation experiments and complex controls exposed to UV are not plotted. Error bars represent 95% confidence intervals.
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to ∼ 3.5, and orange-coloured particles formed and
settled out to the bottom of the reaction vessel. On
occasion a black precipitate formed instead of the
typical orange precipitates (see Mineralogy section).
Experiments that were constantly agitated showed no
increase in iron loss (data not shown), indicating that
UV penetration and Fe(II) diffusion over a restricted
photoactive zone were not limiting on the scale of our
experiments. The orange-coloured particles that formed
in the agitated experiments remained in suspension, but
had no measurable influence on UV-C penetration as
measured through the solution after 24 h of UV
exposure. In the UV-A only experiments without
agitation, dissolved Fe(II) concentrations did not
decrease over the experimental duration, pH dropped
less than 1 unit, and no precipitate or colour change was
observed. UV-A experiments with agitation showed no
difference. It is interesting to note that if excess NaOH
was added during the initial pH adjustment, a blue-grey
precipitate formed, presumably ferrous hydroxide. UVshielded controls not exposed to O2 showed negligible
changes in Fe(II) and pH remained relatively constant
(within ∼ 0.2 pH units), confirming that the fluids
remained anoxic throughout the duration of the
experiments.
In comparison to above, in the three silica- and calcitesaturated solutions not exposed to UV, (Fig. 2; ‘complex
[log pCO2] control’), the loss of dissolved Fe(II) was
exceedingly more rapid. In the least buffered of the three
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solutions (pCO2 = 10− 2.4), only 4 h were required to
observe a similar dissolved Fe(II) loss as in the UV-C
experiments after 24 h, but in this case due to Fe(II)
mineral precipitation. Under conditions of higher pCO2
(10− 1.4 and 10− 0.4), an Fe(II) loss equivalent to 24 h of
UV-C irradiation occurred within minutes; Fe(II) concentrations decreased to 0.03 mM in 8 and 24 h at high
(10− 0.4) and intermediate (10− 1.4) simulated pCO2,
respectively. The pH of the 10− 2.4 and 10− 1.4 pCO2
solutions remained within 0.2 units of their initial value,
while the pH of the 10− 0.4 pCO2 solution increased from
∼7 to ∼9, over 24 h.
When the same solutions were exposed to UV-C or
UV-A radiation, the amount of dissolved Fe(II) loss was
within experimental error of the UV-free controls (data
not shown), although the pH dropped slightly upon 24 h
of UV-C irradiation. In all cases, light grey- to greencoloured mineral precipitates formed spontaneously
following the addition of Fe, and without continuous
agitation, they quickly settled to the bottom of the
experimental vessels, thereby reducing the initial
turbidity that could potentially have inhibited continuous UV penetration. It should be noted, however, that
we did not attempt to measure whether the Fe(II)
component in the precipitates were subsequently
photooxidized, although visual inspection of the filtered
solid-phases, before and after several minutes of
exposure to atmospheric O2, strongly indicated (by
their spontaneous oxidation) that these minerals were

Fig. 3. Oxidation of 2.0 mM dissolved Fe(II) by anoxygenic Fe(II) oxidizing phototrophs Thiodictyon sp. F4 (▴) and “Rhodobacter ferrooxidans” sp.
strain SW2 ( ) in the presence of 2.0 mM Si and at light saturation (800 lux). Monomeric silica concentration values measured throughout Fe(II)
oxidation are represented by ( ) and ( ), for Thiodictyon sp. F4 and “R. ferrooxidans” sp. strain SW2, respectively. Black lines highlight maximum
biological Fe(II) oxidation rates. All experiments were performed in triplicate.

▪
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predominantly in a reduced form. We also only ran the
photochemical oxidation experiments for 24 h, and thus
we cannot be fully confident that these minerals would
not have been susceptible to subsequent oxidation by
continuous UV exposure. Nonetheless, in a natural
photic zone setting, one could argue that those
precipitates would have settled out of the active UV-C
range within a matter of hours: we conservatively
estimate the UV photic zone as 100 m thick, based on
reasonable penetration depths for 1% UV-A, below
which is the aphotic zone; 1% UV-C transmittance is
limited to shallower depths, perhaps only 1 m [47].
When the complex solutions were exposed to air (Fig.
2; ‘Complex [log pCO2] air’), the initial Fe(II)
concentration dropped from ∼ 1.8 mM to 0.002 mM
within 15 min in both the 10− 0.4 and 10− 1.4 buffered
solutions; this rapid decrease in Fe(II) concentration was
accompanied by a distinct orange precipitate. At lower
pCO2 (10− 2.4), Fe(II) concentrations dropped rapidly for
the first 4 h, and then remained nearly constant for the
remaining 20 h as the pH dropped to a point where Fe(II)
oxidation proceeds slowly (pH ∼ 5). The precipitates that
formed in low pCO2 experiments exposed to air also had
a distinct orange colour, although there was, overall, less
solid formed.
3.3. Biological Fe(II) oxidation experiments
The maximum rate of Fe(II) oxidation by anoxygenic
Fe(II)-oxidizing phototrophs in the presence of 2.0 mM
Fe(II) and 2.0 mM Si was assessed in order to compare
the relevant biological processes of Fe(II) oxidation to
the abiological reactions reported above. The maximum
rates of Fe(II) oxidation by Thiodictyon sp. F4 and “R.
ferrooxidans” sp. strain SW2 under these conditions
were 0.6 mM day− 1 and 0.2 mM day− 1, respectively
(Fig. 3). These rates increase substantially when the
Fe(II) concentration is raised to 4.0 mM, resulting in
oxidation rates as high as 2.4 mM Fe(II) day− 1 by
Thiodictyon sp. F4 and 0.5 mM day− 1 by “R.
ferrooxidans” sp. strain SW2 (data not shown). In all
cases, an orange-red solid phase precipitated that
showed no crystalline mineral peaks when analyzed
by X-ray diffraction. Interestingly, analysis of the supernatant during and after Fe(II) oxidation showed that
the Si remained largely in solution as monomeric
silica, an observation inconsistent with a number of
studies that have demonstrated the high affinity of
silica to iron hydroxides (e.g., [48,49]). Although
secondary to the focus of this study, this discrepancy
is likely attributed to the preferential sorption of organic
compounds (i.e., cellular lysates, chelators, or even the

cell wall proper) to the iron mineral surface (e.g., [50])
thus blocking the sorption sites for Si under the culture
conditions.
3.4. Mineralogy
As described above, in most reaction vessels exposed
to UV, as well as in the UV-free controls containing
dissolved bicarbonate and silica, a precipitate formed;
only in the simple Fe(II)-only controls (no O2/UV) and
those exposed to UV-A only were solids not evident. It
should be noted here that if the pH was adjusted to
above 8 in the simple-Fe(II) only experiments, a blue
precipitate formed that proved to be highly unstable
under oxic conditions, turning orange within a minute of
exposure to O2, and thus is assumed to be ferrous
hydroxide.
Under the experimental conditions (pH ∼ 7) and in
the UV-C photooxidized reaction vessels with Fe(II)
only, a distinct orange precipitate was observed within
4 h. Upon treatment with NH4-oxalate, all of the Fe in
this solid-phase was soluble, indicating the presence of
amorphous ferric hydroxide similar to the minerals
precipitated in the biological experiments (see above).
XRD analysis confirmed the presence of amorphous
two-line ferrihydrite (not shown) and SEM images
reveal that the precipitate comprised poorly-crystalline,
nano-scale flocs of non-uniform size and morphology
(Fig. 4A). As mentioned above, a black precipitate
occasionally formed during the Fe(II)-only UV-C
experiments, and was magnetic, as evidenced by its
attraction to the magnetic stir bars. XRD analysis
confirmed for these samples the presence of magnetite,
and SEM images revealed that the precipitates were
similar in appearance to the amorphous two-line
ferrihydrite (not shown). In some Fe(II)-only samples,
peaks corresponding to lepidocrocite and goethite were
also identified by XRD in addition to amorphous twoline ferrihydrite.
With the addition of HCO3−, Ca2+, and dissolved
silica to the experimental iron solutions, and both in the
presence and absence of UV radiation, a grey to pale
green precipitate formed upon mixing, and developed
no obvious orange component after up to 24 h of UV
irradiation. Separate mineral precipitation experiments
with Fe(II) and HCO3− only (and in the absence of UV
radiation) yielded precipitates that were grey in colour,
and produced XRD patterns corresponding to siderite
(reaction 2), or diverse, metastable, amorphous siderite
precursors (based on [51]).
Fe2þ þ CO2
3 →FeCO3ðsÞ

ð2Þ
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SEM images further reveal that this solid consists
of nanometer-scale aggregates with a platy texture
reminiscent of crumpled tissue (Fig. 4B). Similar
mineral precipitation experiments were performed with
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only Fe(II) and silica, resulting in a green precipitate that
turned black upon drying, and yielded no identifiable Xray diffraction peaks. SEM revealed the precipitates to
be highly amorphous, nanometer-scale aggregates that

Fig. 4. SEM micrographs of particles precipitated from the various experimental solutions and sampled at 24 h. The following experimental solutions
are represented: (A) Fe(II)-only solutions after 24 h of UV-C exposure; (B) iron and bicarbonate solutions without UV exposure; (C) iron and silica
solutions without UV exposure; and iron, silica, and bicarbonate solutions representing log atmospheric pCO2 values of − 0.4 (D); − 2.4 (E); and − 1.4
(F). All scale bars are 500 nm, except the 100 nm scale bar in the inset of (C), which highlights the novel tubular structure of the iron-silicate
composite.
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possessed a tubular appearance on the smallest visible
scale (inset, Fig. 4C). X-ray analyses indicated the
presence both Fe and Si, and thermodynamic modelling
predicts that all of the silica-containing solutions are
highly supersaturated with respect to the ferrous-silicate
mineral greenalite (reaction 3):
3Fe2þ þ 2SiðOHÞ4 þ H2 O→Fe3 Si2 O5 ðOHÞ4
þ 6Hþ

ð3Þ

Precipitates obtained from the complex solutions
containing Fe, SiO2, HCO3−, and Ca2+ were amorphous
and unidentifiable by XRD. With aqueous bicarbonate
concentrations progressively decreasing (reflecting decreasing atmospheric pCO2 as discussed above), the
accumulation of visible precipitates was slower, and the
precipitates themselves were less grey and more pale
green in colour. Correspondingly, SEM demonstrates that
the precipitates in the 10− 0.4 pCO2 experiments (Fig. 4D)
were similar in aggregate size to the Fe(II)- and HCO3only precipitates, while the precipitates in the 10− 2.4
experiment bear a closer resemblance to the Fe(II)and SiO2-only precipitates (Fig. 4E); the 10− 1.4
precipitates appear as an intermediate (Fig. 4F). It is
interesting that acid-base titrations of particles precipitated from the 10− 1.4 experiments reveal that there is
significant dissolution at both low and high pH, possibly

indicating the presence of (at least) two mineral phases
(data not shown). Based on the composition and
saturation indices, we hypothesize that the phase dissolving at low pH is a Fe(II)-carbonate, while the phase
dissolving at high pH is a Fe(II)-silicate.
The SEM analyses agree well with preliminary data
regarding these solids' composition, which indicate that
as pCO2, and thus HCO3−, is increased, the particles
incorporate less Si, and more C (with solid phase Si:C
molar ratios of 55:1 at pCO2 = 10− 2.4 decreasing to 3.8:1
at pCO2 = 10− 0.4). It should be noted that the carbon,
iron and silicon contents of the dried particles varied
considerably between experimental runs, and it is likely
that small differences in mixing rates and local
geochemical environments (that at the end determine
formation of the initial aggregates) might be responsible
for the nature and composition of the above-described
precipitates.
4. Discussion
During mantle plume events, the eruption of komatiitic and tholeiitic magmas produce relatively shallow
oceanic plateaus, aseismic ridges and seamount chains
comprised of Fe-rich mineral phases. High temperature
water–rock reactions, in the absence of dissolved sulfate,

Fig. 5. Conceptual model showing Fe(II) effused from a shallow seamount-type system almost directly into the photic zone of the ocean, where its
concentration is diminished by a combination of mineral precipitation, photochemical oxidation, anoxygenic photosynthesis, and possibly reaction
with dissolved O2, which could be present in localized ‘oases’ or in a continuous surface layer. The attainment of equilibrium conditions depends on
the relative depth of the seamount vent versus the depth of the photic zone.
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could then foster the release of highly reduced, Fe(II)-rich
hydrothermal fluids [18] directly to the upper ocean (e.g.,
[52,13]), and maybe even the photic zone. Under such
conditions, the fate of Fe(II) depends on the competing
kinetics of photochemical oxidation, reaction with
localized sources of O2, photosynthetic Fe(II) oxidation,
and mineral precipitation (Fig. 5). Although experiments
were run for 24 h, here we consider only the first 12 h in
order to normalize our rates according to a diel cycle.
Our complex solution experiments lose similar amounts
of Fe(II) to mineral precipitation irrespective of UV
exposure. Dissolved Fe(II) loss is greatest, and most rapid
in pCO2 = 10− 0.4 solutions, with 1.8 mM of Fe(II) lost,
while 1.7 and 0.4 mM of Fe(II) is lost in the same amount
of time for pCO2 = 10− 1.4 and 10− 2.4, respectively. Over
12 h of UV exposure in Fe(II)-only solutions, Fe(II) loss
was ∼0.1 mM for UV-C and negligible for UV-A. Clearly our results contradict earlier studies suggesting the
importance of UV-A in terms of Fe(II) oxidation at
circumneutral pH [29,31,32]. The discrepancy may arise
for two reasons:
(1) We employed different light sources. The mediumpressure Hg lamp used by Anbar and Holland [32]
gave continuous UV output across the spectrum,
with superimposed Hg peaks. In contrast, our
experiments have spectral gaps (UV-B, and also
wavelengths shorter than 250 nm). UV-B has not
been reported as being important for photochemical
Fe(II) oxidation, but this spectral region has not
been directly tested before. Wavelengths shorter
than 250 nm may also be significant because such
energetic photons can drive the formation of highly
reactive species. For example, in the presence of
Cl−, such short wavelength UV (as in the experiments of Anbar and Holland [32], but not our own)
could lead to formation of Cl radicals which are
powerful oxidants.
(2) In our experiments we used relatively high
dissolved Fe(II) concentrations (1.8 mM) compared to those of Anbar and Holland [32] who
used Fe(II) concentrations ranging from 0.003 to
0.2 mM. When we conducted similar photochemical oxidation experiments at lower Fe(II) concentrations we noted a loss of ∼ 0.03 mM Fe(II)
(from a starting concentration of 0.08 mM) due to
UV-A exposure over 12 h (data not shown). This
higher rate of Fe(II) oxidation at lower concentrations is puzzling and requires further study.
The dominance of mineral precipitation over photochemical oxidation in terms of loss of dissolved Fe(II) is
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not surprising given the state of supersaturation of our
experimental fluids. Our solutions were made to mimic
possible Archean seawater in the vicinity of hydrothermal
venting, where silica concentrations were at least as high
as at saturation with cristobalite (0.67 mM at 40 °C in
seawater), and possibly even amorphous silica (2.20 mM)
[33]. Similarly, in the presence of an atmosphere with
pCO2 values ranging from 10− 2.4 to 10− 0.4 atm, the
oceans may have had bicarbonate levels significantly
higher than today (e.g., [42]). Such concentrations would
have had two effects: (1) it would have led to the rapid
precipitation of ferrous carbonate phases and (2) a significant fraction of the aqueous Fe would have been in the
form of dissolved Fe(II)-carbonate species (e.g., up to
20.8% as FeHCO3+ at pCO2 = 10− 0.4).
Crucially, our photochemical oxidation results imply
that Fe(III) mineral precipitation could not have
dominated over Fe(II) mineral precipitation in seamount-type systems unless there existed an oxidative
mechanism more rapid than photochemical oxidation.
There are two obvious candidates. First, rates of Fe(II)
oxidation by O2 are extremely rapid in modern
oxygenated seawater (on the order of minutes in
seawater; e.g., [53]), hence, dissolved Fe(II) removal
by this reaction is considerably faster than oxidation by
UV radiation. We have verified this expectation in
control experiments continuously purged with air. In
these experiments, Fe(II) loss can be 100% within
minutes (recall Fig. 2). For example, at high pCO2, the
elevated buffering capacity of the waters ensures that pH
remains sufficiently high that inorganic Fe(II) oxidation
proceeds rapidly; at low pCO2, before all of the ferrous
iron can be oxidized, the pH drops to the point where
inorganic rates of Fe(II) oxidation are considerably
slower. Clearly, if O2 was available, it would have been
an important mechanism of Fe(II) loss. Although we
have few constraints on O2 availability during the late
Archean, despite evidence supporting the existence of
cyanobacteria at that time (e.g., [54,55]), this classic
scenario remains a possibility in localized oxygen oases.
Second, anoxygenic photosynthetic bacteria may
have utilized Fe(II) as a reductant. While limited data
exist on Fe(II) oxidation rates by anoxygenic bacteria,
a recent study by Kappler et al. [27] demonstrated that
the purple nonsulfur bacterium, R. ferrooxidans strain
SW2, displays a linear dependence on light intensity,
up to 600 lux, above which light saturation becomes
important. In addition, the metabolic rate of the photoferrotrophs was shown to be dependant upon the
available wavelengths of light. Given that wavelengths
b 300 nm and N 600 nm are readily adsorbed or
scattered by water within the top few meters of the
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ocean, the authors subsequently measured rates of Fe
(II) oxidation using only wavelengths b 650 nm. They
calculated that a photoferrotrophic community, using
essentially only their carotenoids for light absorption
(at wavelengths between 360–520 nm), could grow at
depths of 100 m and oxidize Fe(II) at rates on the order
of 0.014 mM day− 1. However, when those same
bacteria additionally utilize bacteriochlorophyll (as
would occur in more shallow waters), their oxidative
capacity is increased to 0.4 mM day− 1. In this study
with the purple sulfur bacterium “Thiodictyon sp.”
strain F4 and the purple non-sulfur bacterium “R.
ferrooxidans” sp. strain SW2 (exposed to the full light
spectrum, 2.0 mM Fe(II) and 2.0 mM Si), oxidation
rates (0.6 mM day− 1 and 0.2 mM day− 1, respectively)
fell within the range of the UV-C photochemical
oxidation experiments (0.2 mM day− 1) and ferrous
mineral precipitation controls (0.5–1.8 mM day− 1).
When these strains were exposed to 4.0 mM Fe(II) and
2.0 mM Si, however, we found that Fe(II)-oxidation
rates of these microorganisms ranged from 0.5 mM
day− 1 to as high as 2.4 mM day− 1. This rate is higher
than those for both abiological processes. This increase
in oxidation rate suggests that these microorganisms
may adapt to higher dissolved Fe(II) concentrations,
and that microbial oxidation rates could increase with
pulses of Fe(II) from hydrothermal vents.
5. Conclusions
At present, much of the consensus on BIF deposition
necessitates some form of oxidative mechanism; photochemical oxidation, anoxygenic bacterial photosynthesis
or abiological oxidation with cyanobacterially-generated
O2. However, if Fe(II) was effused into shallow waters
from a seamount-type system, our experiments suggest
that photochemical Fe(II) oxidation would not have been a
dominant mechanism for dissolved Fe(II) loss. It is
therefore difficult to account for ferric oxide in BIF as
primary precipitates without invoking either the presence
of dissolved O2 or Fe(II)-based bacterial photosynthesis —
both biologically-associated processes. It is also interesting
to note that our observations might challenge the accepted
view that much of the Fe(II) component in BIF are
predominantly diagenetic (e.g., [7]). Given that BIFs have
an average overall oxidation state of Fe2.4+ [56] it is
plausible that much of the Fe(II) fraction is a primary
signature. In fact, some earlier studies have even argued
that the siderite-rich deposits in the Kuruman Iron
Formation of the Transvaal Supergroup, South Africa are
primary precipitates [57] while in the well oxidized
portions of the initial Brockman IF sediments, primary

siderite and greenalite were replaced by hematite (Fe2O3)
and ankerite (CaFe(CO3)2). In less oxidized portions of the
initial sediment, siderite was replaced by magnetite [58].
Clearly, developing a better understanding of the origins of
Fe(II) minerals in BIF has important implications for Fe
cycling and redox conditions in Archean and Paleoproterozoic oceans.
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