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ABSTRACT: Acid mine drainage (AMD) is a major worldwide environmental
threat to surface and groundwater quality. Microbial low-pH Fe(II) oxidation
could be exploited for cost-effective AMD treatment; however, its use is limited
because of uncertainties associated with its rate and ability to remove Fe from
solution. We developed a thermodynamic-based framework to evaluate the
kinetics of low-pH Fe(II) oxidation. We measured the kinetics of low-pH Fe(II)
oxidation at five sites in the Appalachian Coal Basin in the US and three sites in
the Iberian Pyrite Belt in Spain and found that the fastest rates of Fe(II)
oxidation occurred at the sites with the lowest pH values. Thermodynamic
calculations showed that the Gibbs free energy of Fe(II) oxidation (ΔGoxidation)
was also most negative at the sites with the lowest pH values. We then conducted
two series of microbial Fe(II) oxidation experiments in laboratory-scale
chemostatic bioreactors operated through a series of pH values (2.1−4.2) and
found the same relationships between Fe(II) oxidation kinetics, ΔGoxidation, and pH. Conditions that favored the fastest rates of
Fe(II) oxidation coincided with higher Fe(III) solubility. The solubility of Fe(III) minerals, thus plays an important role on
Fe(II) oxidation kinetics. Methods to incorporate microbial low-pH Fe(II) oxidation into active and passive AMD treatment
systems are discussed in the context of these findings. This study presents a simplified model that describes the relationship
between free energy and microbial kinetics and should be broadly applicable to many biogeochemical systems.

■ INTRODUCTION

Coal mine drainage (CMD) is the single largest cause of stream
quality degradation in the Appalachian coal basins.1 CMD can
vary widely in its pH, acidity, and metal concentrations because
of varied hydrogeochemical conditions. CMD sources also vary
widely in their flow rates because of the relatively high, year-
round rainfall in the Appalachian region and the presence of
large underground mine pools. For example, in a study of 140
CMD sites (among thousands) in the Appalachian coal basins,
Cravotta2 reported that pH values ranged from 2.7 to 7.3,
specific conductance ranged from 131 to 3,980 μS/cm, net
acidity ranged from −326 to +1587 mg/L CaCO3, total Fe
ranged from 46 μg/L to 512 mg/L, and flow rate ranged from
0.028 to 2,210 L/s. Because of this great diversity in
hydrogeochemical conditions, CMD remediation systems can
be equally diverse in scale and biogeochemical processes
employed for their treatment.
For acidic, Fe(II)-rich sources of CMD, microbial low-pH

Fe(II) oxidation can be an effective component of an acid mine
drainage (AMD) treatment system3−5 At low-pH, abiotic

Fe(II) oxidation by dissolved O2 is slow. In contrast, the rate of
microbial low-pH Fe(II) oxidation can be up to 5 orders of
magnitude faster than abiotic oxidation.6 However, the use of
microbial low-pH Fe(II) oxidation for AMD treatment is
limited because of uncertainties associated with its rate and
ability to remove Fe from solution. For example, at a fixed pH
of ∼pH 3.0, rates of Fe(II) oxidation have been reported to
vary by more than 3 orders of magnitude.7 The solubility of
schwertmannite, the predominant mineral stable under these
geochemical conditions,8,9 is also highly variable with respect to
stoichiometry and log Ksp as values have been reported from 5.8
to 39.5.8−12 Uncertainties with respect to Fe(II) oxidation
kinetics and Fe(III) solubility confounds treatment design and
performance prediction.
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We hypothesized that the products of Fe(II) oxidation, that
is, soluble versus insoluble Fe(III), contribute to the wide range
in reported rates of low-pH Fe(II) oxidation. At many AMD
sites, microbial low-pH Fe(II) oxidation has led to the
formation of terraced iron formations3,13,14 (TIFs). In acidic,
su l f a te - r i ch waters , schwer tmanni te8 (nomina l ly
Fe8O8(SO4)1.5(OH)5(s)

9) is commonly found as the predom-
inant mineral across the surface of these TIFs.13,14 The
oxidation of Fe(II) occurs by
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Acidophilic microorganisms are responsible for catalyzing
reaction 1, while geochemical conditions (e.g., dissolved
concentrations of Fe3+ and SO4

2−, pH, temperature) control
the extent of reaction 2. Pesic et. al15 and Kirby et. al16 have
proposed a rate formulation for reaction 1 similar to

= − = · · · · +R
t

k C
d[Fe(II)]

d
[O ] [Fe(II)] [H ]Fe(II) bact 2 (4)

where RFe(II) is the rate of Fe(II) oxidation (mol Fe(II) L−1

s−1), k is the rate constant (L3 mg−1 mol−2 s−1), Cbact is the
concentration of Fe(II)-oxidizing bacteria (mg L−1, dry weight),
[O2] is the dissolved or atmospheric equivalent concentration
of oxygen (mol L−1), and Fe(II) and H+ are in mol L−1.
Importantly, this rate formulation predicts that the kinetics of
microbial low-pH Fe(II) oxidation will increase proportionally
with decreasing pH. Consistent with this prediction, Larson et.
al17 found that field rates of Fe(II) oxidation measured at
multiple sites in the Appalachian Bituminous Coal Basin and
the Iberian Pyrite Belt (IPB) were fastest at the sites with the
lowest pH values.
In the current study, we have developed a thermodynamic-

based framework to describe how the kinetics of microbial low-
pH Fe(II) oxidation increases as pH decreases under field and
controlled laboratory conditions. We conducted a series of
laboratory experiments using two separate chemostatic
bioreactors operated at a range of pH values (pH 2.1−4.2) to
compare to field measurements. Results obtained from these
laboratory experiments and from geochemically distinct regions
(i.e., Appalachia versus IPB) were all consistent with
thermodynamic calculations. An applied objective of this
research is to translocate the biogeochemical processes
occurring on natural TIFs into more space-efficient bioreactors
for AMD treatment and optimize reactor conditions to
maximize Fe(II) oxidation rates. Design modifications for
active and passive systems for AMD treatment are proposed
based on this analysis.

■ METHODS AND MATERIALS

Laboratory Fe(II) Oxidation Experiments. Mixed
cultures of naturally occurring microbes were enriched from
two different sites in central Pennsylvania for use in
chemostatic (with respect to pH and temperature) bioreactor
experiments. Chemostat 1 used sediments and water collected
from Brubaker Run (40° 37′ 1.42″ N, 78° 28′ 35.76″ W), a
field site that displayed an “average” rate of Fe(II) oxidation
(Table 1). Chemostat 2 used sediments and water collected
from Scalp Level (40° 14′43.72″ N, 78° 51′33.18″ W), a field
site that displayed the fastest rate of Fe(II) oxidation among all
sites in this study. Sediments were collected from the top 2−3
cm of each TIF, 30−45 m downstream of the emergent AMD
sources. Emergent AMD was collected in large plastic
containers, filtered (0.2-μm) after transportation to the
laboratory, then containers were wrapped in aluminum foil
and stored at 4 °C. One hundred grams of moist sediment was
mixed with 1 L of 0.1% (m/v) sodium pyrophosphate (adjusted
to pH 3.5 with sulfuric acid) for 30 min at 400 rpm. The
suspension was then allowed to settle and 900 mL of the cell-
containing supernatant was transferred into a sterile 3-L
chemostat reactor vessel (Eppendorf BioFlo/Celligen 115
Fermentor). The reactor volume was increased to 2 L by
adding filtered site water. The chemostat was then operated in a
no-flow, fed-batch mode for 6 weeks. During this time the pH
set-point was pH 2.9 for chemostat 1 or pH 2.7 for chemostat
2, the stirring rate was 50 rpm, and the temperature was 20 °C.
The headspace of the reactor was open to the ambient
atmosphere. Ferrous sulfate was discontinuously added to the
reactor as the primary substrate to enrich for Fe(II)-oxidizing
microbes. Ferrous sulfate was added to yield 300 mg L−1

dissolved [Fe(II)] and added whenever the dissolved [Fe(II)]
decreased below 30 mg L−1. After less than a month, the
enrichment cultures required a daily dose of Fe(II). The fed-
batch enrichment mode continued until the reactor consistently
maintained an Fe(II) oxidation rate of 10−14 mg Fe(II) L−1

h−1.
The reactors were then switched to flow-through mode

(hydraulic residence time of 6 h). During all flow-through
experiments, influent water was flushed with 100% N2(g) and
FeSO4 was added to yield an average influent dissolved Fe(II)
concentration of 300 mg/L. For chemostat 1, the pH set-point
was varied by starting at pH 2.9 and sequentially adjusting to
pH 2.6, 2.3, 2.6, 2.9, 3.2, 3.5, 3.8, 4.1, 3.8, and 3.5. For
chemostat 2, the pH set-point was varied by starting at pH 2.7
and sequentially adjusting to pH 2.4, 2.1, 2.4, 2.7, 3.0, 3.3, 3.6,
3.9, and 4.2. Automatic feedback controls maintained the pH
set-point by adding either 0.1 M H2SO4 or 0.2 M NaOH. For
each pH set-point, the chemostat was operated until it had
achieved a pseudosteady state condition with respect to
maintaining a near-constant effluent dissolved Fe(II) concen-
tration. The operating time for each pH set-point ranged from
20 to 50 pore volumes for chemostat 1, but was fixed at 50 pore
volumes for chemostat 2.
Influent and effluent Fe was measured as total and dissolved

based on 0.2-μm filtration. Fe(II) was measured using the
ferrozine assay.18 Total Fe, Fe(T), was measured using the
ferrozine assay after reduction by 0.5 M hydroxylamine in 0.5
M hydrochloric acid. Biomass samples were collected at the end
of the fed-batch enrichment mode and at the end of each
pseudosteady state condition. Biomass was collected from a
unit area of the reactor wall (1 cm2) and a unit volume of the
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reactor contents (135 mL) to measure attached and suspended
biomass concentrations, respectively. A colorimetric protein
assay (Bio-Rad) was used to measure biomass and calculated as
cells mL−1 based on the manufacturer’s conversion factor and
geometric features of the reactor vessel. Biomass samples from
chemostat 1 were also characterized by pyrosequencing. Details
of these laboratory experiments are provided in the Supporting
Information and in Kaley.19

Assuming that the chemostat operated as a completely mixed
flow-through reactor at steady state, the rate of Fe(II) oxidation
in the laboratory (RFe(II),lab; mol Fe(II) L

−1 s−1) was calculated
as

θ
= − =

−
R

t
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d
([Fe(II) ] [Fe(II) ])

Fe(II),lab
in out

h
(5)

where [Fe(II)in] is the influent dissolved Fe(II) concentration,
[Fe(II)out] is the effluent dissolved Fe(II) concentration, and
Θh is the hydraulic residence of the reactor. Assuming that the
rate of Fe(II) oxidation was dependent on the dissolved Fe(II)
concentration, the first-order rate constant for Fe(II) oxidation
in the laboratory (kFe(II),lab; min

−1) was calculated as

θ
=

−
·

k
([Fe(II) ] [Fe(II) ])

[Fe(II) ]Fe(II),lab
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Field Measurements of Fe(II) Oxidation Rates. Eight
mine-impacted sites with natural TIFs were sampled (Table 1).
Five sites were located in the Appalachian Bituminous Coal
Basin of the United States and three sites were located in the
Iberian Pyrite Belt (IPB) of southwestern Spain. These sites
were selected to ensure a broad spectrum of geochemical and
hydrological conditions for our thermodynamic calculations,
and to compare rates of Fe(II) oxidation in Appalachian coal
mine drainage versus IPB metal mine drainage. Sites in the US
contained discharges associated with bituminous coal or clay
mining that occurred in the mid to-late twentieth century. Sites
in the IPB contained discharges associated with metal mining
that occurred since pre-Roman times until present-day, and the
ore deposits were composed of massive sulfides dominated by
pyrite.20

For each site, geochemical profiles were established as
longitudinal transects downstream from the emergent source
using a combination of field measurements, water samples, and
physical site characteristics, along a single flow path which
conveyed the majority of the water across each TIF. Portable
field meters were used to measure pH, oxidation−reduction
potential (ORP), dissolved oxygen (DO), and temperature.
Dissolved Fe(II) and dissolved total Fe(T) (after reduction by
hydroxylamine-HCl) were determined using the ferrozine
assay18 with filtered (0.2-μm) samples preserved with HCl.
Dissolved Fe(III) concentrations were determined from the
difference of dissolved total Fe(T) and dissolved Fe(II)
measurements. Rates of Fe(II) oxidation in the field were
calculated using concentrations of dissolved Fe(II) versus travel
time. Stream velocities were measured at each sampling
location and used to transform concentration-versus-distance
plots into concentration-versus-travel time. Water velocities
were measured using a food color dye as a tracer along with a
stopwatch and tape measure. Assuming that each stream reach
functioned as a plug flow reactor with no other inputs of flow
or dissolved Fe(II), the rate of Fe(II) oxidation in the field
(RFe(II),field; mol Fe(II) L

−1 s−1) was calculated asT
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where [Fe(II)inflow] is the dissolved Fe(II) concentration at the
inflow to the TIF (i.e., emergent source of AMD),
[Fe(II)outflow] is the dissolved Fe(II) concentration at the
outflow from the TIF, and t is the travel time of the water from
the inflow to the outflow of the TIF. Assuming that the rate of
Fe(II) oxidation was dependent on the dissolved Fe(II)
concentration, the first-order rate constant for Fe(II) oxidation
in the field (kFe(II),field; min−1) was calculated as

=
− ( )

k
t

ln
Fe(II),field

[Fe(II) ]
[Fe(II) ]

outflow

inflow

(8)

Phospholipid fatty acids (PLFAs) were used to measure
biomass concentrations in the sediments at the five US field
sites. PLFAs were analyzed for PLFA by Microbial Insights, Inc.
(Rockford, TN, US). Details of these field measurements are
provided in the Supporting Information and in Larson et. al.17

Thermodynamic Calculations. On the basis of reaction 1,
the Gibbs free energy for Fe(II) oxidation (ΔGoxidation) was
calculated as

Δ = Δ + ·
· ·

+

+ +

⎛
⎝⎜⎜

⎞
⎠⎟⎟G G RT ln

{Fe }
{Fe } {O } {H }oxidation oxidation

0
3

2
2

1/4

(9)

where ΔGoxidation
0 was the standard state Gibbs free energy

calculated from ΔGf
0 for all products and reactants,21 and { }

represents chemical activities for all dissolved species. ΔGoxidation
0

was adjusted to different temperatures by assuming that
ΔHoxidation

0 (298 K) and ΔSoxidation0 (298 K) remained constant
over the temperature range in this study22 (9.3−26.2 °C). Ionic
strength was calculated from conductivity using a correlation
developed by the USGS based on 93 samples collected from 42
active mine water treatment plants in Pennsylvania, US that
ranged from 250 to 13 000 μS/cm (Charles Cravotta III, 2014;
personal communication). Activity coefficients for Fe2+ and
Fe3+ were calculated with the Davies equation.23 Measured
values of pH equaled p{H+}. The activity coefficient of O2(aq)
was assumed to equal 1 for all ionic strengths. Measured values
of dissolved [Fe(II)], dissolved [Fe(III)], dissolved oxygen, pH,
and temperature were then used in eq 9. On the basis of
reaction 2, the standard state Gibbs free energy for
schwertmanite precipitation (ΔGprecipitation

0 ) was calculated
using an equilibrium constant of log K = 18.8 (25 °C).9 The
Gibbs free energy for the precipitation of schwertmannite
(ΔGprecipitation) was calculated based on {H+}, {Fe3+}, and
{SO4

2−}. Details of these calculations are included in the
Supporting Information.

■ RESULTS AND DISCUSSION
Evaluation of biogeochemical kinetics in the field is challenging
because the microbial community often evolves in parallel with
changing geochemical conditions. A sophisticated approach to
measuring low-pH Fe(II) oxidation kinetics at field scale could
attempt to account for biomass concentration (as in eq 4),
microbial community composition, specific activity of com-
munity members, a suite of geochemical parameters (e.g., pH,
O2, Fe(II), Fe(III), sulfate, ...) and temperature, and then

integrate all these factors across the stream reach. We have,
instead, attempted to simplify our kinetic analysis and
incorporate the effect of many system variables into a single
first-order rate constant (kFe(II),field or kFe(II),lab). There are
several justifications for this approach. Geochemical gradients
across these sites display similar trends,13,14,17,24,25 microbial
communities evolve in similar ways13,25,26 (primarily controlled
by pH27), biomass concentrations remain relatively constant
along the reach,13,24,25,28 and the specific activity of many
Fe(II)-oxidizing bacteria (FeOB) are similar.29

Geochemical gradients are established downstream of each
AMD source such that dissolved oxygen increases, pH
decreases, Fe(II) decreases, Fe(III) increases, and total Fe
decreases.13,14,17,24,25 The microbial ecology shifts from photo-
autotrophs at the emergence to chemoautotrophs further
downstream.13,25−27 Microbes more tolerant of lower pH tend
to become predominant as one moves downstream. As Fe(III)
minerals and organic matter (algal biomass and leaf detritus)
accumulate on the stream bottom, heterotrophic Fe(III)
reduction also occurs at relatively shallow depths in the stream
sediments.30 The microbial community composition does not
vary much from one site to another, being comprised primarily
of some combination of Ferrovum, Acidithiobacillus, Leptospir-
illum, and Acidiphilium.13,25,26 Measured cell abundance or
cultivatable cell numbers along AMD-impacted streams remain
relatively constant (within an order of magnitude).13,24,25,28 In
the current study, we found that total PLFAs in the sediments
at four of the five U.S. sites were quite similar (Table 1). On the
basis of these PLFA measurements, the microbial communities
were also similar (Figure S1 of the Supporting Information).
Finally, the specific rates of Fe(II) oxidation for eight different
FeOBs, including Ferrovum, Acidithiobacilli, and Leptospirillum,
have been shown to vary by less than a factor of 3.29 One the
basis of these previous studies and limited microbial character-
izations of the US field sites, we have evaluated both field and
laboratory kinetics using a first-order model (eqs 6 and 8)
where [H+] is explicitly removed from the rate equation such
that we can separately evaluate the effect of pH.
Rates of low-pH Fe(II) oxidation measured at the various

field sites were consistently faster than previous studies16,31−33

(Figure 1A). For each individual set of rates (US sites, IPB sites,
chemostat 1, chemostat 2), the relatively fastest rates occurred
at the lowest pH values. Rates from the US field sites ranged
from 1.43 × 10−6 mol Fe(II) L−1 s−1 at pH 4.05 to 9.70 × 10−6

mol Fe(II) L−1 s−1 at pH 2.73 (Table 1). Rates from the IPB
field sites ranged from 13.1 × 10−7 mol Fe(II) L−1 s−1 at pH
3.13 to 67.9 × 10−7 mol Fe(II) L−1 s−1 at pH 2.36. Rates from
the chemostat experiments ranged from 1.05 × 10−7 mol Fe(II)
L−1 s−1 at pH 3.50 to 2.44 × 10−7 mol Fe(II) L−1 s−1 at pH 2.40
(Tables 2 and 3). Laboratory rates were slower and, on a zero-
order basis, less pH-dependent as compared to field rates.
Sańchez España et al.34 measured zero-order rates of Fe(II)
oxidation in laboratory experiments and also found that the
corresponding field rates were almost an order of magnitude
faster than the laboratory rates.
The dotted line in Figure 1A is included to show how, when

considering all the rates as one set of observations, these rates
are consistent with the pH-dependency proposed in eq 4. The
slope of −1·pH is derived directly from the stoichiometry of
reaction 1, analogous to the slope of +2·pH for the rate-
dependency of the oxidative precipitation of ferrihydrite
(Fe(OH)3(s)):
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shown by the rising solid line in Figure 1A. The dotted line in
Figure 1B is the Gibbs free energy (ΔGoxidation) for Fe(II)
oxidation (reaction 1) calculated using eq 9 and shows how this
process becomes more favorable at lower pH. For the dotted
line shown, {Fe3+}/{Fe2+} was fixed at 10−2, {O2} was fixed at
6.25 μM, temperature was 25 °C, and {H+} was the only
variable. The values for the {Fe3+}/{Fe2+} ratio and {O2} were
selected to represent typical emergent AMD conditions. Thus,
the pH-dependency of the rate of Fe(II) oxidation can be
simply attributed to the amount of free energy available to the
microbes catalyzing the reaction. Faster rates occur at lower pH
values where ΔGoxidation values are more negative.
In contrast to Fe(II) oxidation producing soluble Fe(III)

(reaction 1), the precipitation of schwertmannite (reaction 2)
becomes more energetically favorable as the pH increases
between the pH range of 2.0−4.5 (Figure 1B). Microbes do not
directly produce schwertmannite, instead a series of sequential
abiotic reactions transform biogenic Fe(III) produced in
reaction 1 into solid Fe(III). Assuming schwertmannite
precipitation occurs according to reaction 2 and using an
equilibrium constant of log K = 18.8 (25 °C),9 ΔGprecipitation was
calculated as a function of {H+} for fixed values of {Fe3+} and
{SO4

2−} (per mol Fe). The dashed line in Figure 1B was
calculated for {Fe3+} = 0.18 mM, {SO4

2−} = 10 mM, and 25 °C.
The values for {Fe3+} and {SO4

2−} were selected to represent
typical oxidized conditions for AMD that has been transported
across a TIF.
First-order rate constants for Fe(II) oxidation were fastest at

lower pH values (Figure 2A). Rate constants from the US field
sites ranged from 0.034 min−1 at pH 4.07 to 0.465 min−1 at pH
2.73. Rate constants from the IPB field sites ranged from 0.002
min−1 at pH 3.10 to 0.030 min−1 at pH 2.27. Rate constants
from the chemostat experiments ranged from 0.0020 min−1 at
pH 3.50 with chemostat 1 (Table 2) to 0.128 min−1 at pH 2.40
with chemostat 2 (Table 3). Fe(II) oxidation kinetics measured
in the field were 5-times slower at Brubaker Run (source of
biomass for chemostat 1) as compared to Scalp Level (source
of biomass for chemostat 2) (Table 1). However, differences in
Fe(II) oxidation rates by the microbial communities enriched
from these two sites were much smaller. Over the range of pH
set-points tested, first-order rate constants for Fe(II) oxidation

Figure 1. (A) Rates of Fe(II) oxidation reported from multiple studies
and compared to the current study. Literature values compiled from
Kirby and Elder Brady,31 Sańchez-España et al.,32 and Chen and
Jiang.33 Biotic trend included to show −1·pH dependency. Abiotic
rates from Stumm and Lee.43 (B) Gibbs free energy (ΔG) for
microbial low-pH Fe(II) oxidation (reaction 1) and for schwertmann-
ite precipitation (reaction 2). Conditions used for calculations are
provided in the text and the Supporting Information.

Table 2. Biogeochemical Characteristics of the Laboratory Chemostat Reactor 1 (Brubaker Run) and Corresponding Fe(II)
Oxidation Kineticsa

reactor
pH reactor O2(aq) (mg L

−1) influent dissolved Fe(II) (mg L−1) reactor biomass (×107 cell mL−1) RFe(II),lab(×10
7 mol L−1 s−1)

kFe(II),lab
(min−1) n

2.90 7.2 ± 1.1 346 ± 7.7 0.63 2.41 0.146 4
2.60 5.2 ± 0.3 313 ± 15 1.9 2.31 0.0226 3
2.30 5.9 ± 1.3 311 ± 15 0.94 2.43 0.0469 5
2.60 8.6 304 0.77 n.d. n.d. 1
2.90 6.1 ± 0.3 299 ± 21 2.3 2.19 0.0212 2
3.20 6.4 ± 0.6 305 ± 5.5 1.1 1.92 0.0087 8
3.50 4.8 ± 0.3 306 ± 3.5 0.47 1.53 0.0042 3
3.80 4.1 ± 0.3 300 ± 2.5 1.2 1.65 0.0055 5
4.10 5.4 ± 2.1 301 ± 4.4 0.92 1.49 0.0041 5
3.80 3.9 ± 0.7 304 ± 0.0 0.48 1.27 0.0028 5
3.50 3.1 ± 0.7 303 ± 2.9 0.44 1.05 0.0020 6

aValues represent mean ± one standard deviation for n sampling points during pseudo-steady-state conditions. n.d. = not determined based on only
one pseudo-steady-state time point.
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were 1.1-times slower in chemostat 1 as compared to chemostat
2. The convergence of these rates could have been caused by

identical conditions used in the laboratory tests versus different
physical and hydrodynamic conditions encountered at each
field site. The −1·pH dotted line in Figure 2A is included only
for visual reference.
The rate of microbial respiration has been shown to be

dependent on the amount of free energy available to the
microbes.35,36 Jin and Bethke35,36 proposed a rate law for
microbial respiration that includes a thermodynamic factor (FT)
similar to a saturation index (Q/Ksp) term commonly used to
adjust the kinetics of mineral precipitation/dissolution.37 Their
rate law was derived on the basis of chemiosmotic theory and
accounts for forward and reverse fluxes through the electron
transport chain and the energy required for ATP synthesis.
Bethke et al.38 validated this rate law by measuring and
modeling the populations of sulfate reducers, iron reducers, and
methanogens in long-term, energy-limited laboratory experi-
ments. We hypothesized that the rate of low-pH Fe(II)
oxidation in both the field and in our laboratory reactors were
similarly controlled by free energy, in this case ΔGoxidation as
calculated by eq 9.
First-order rate constants for Fe(II) oxidation were depend-

ent on the ΔGoxidation calculated for each specific site and each
specific chemostatic condition (Figure 2B). For the field sites,
ΔGoxidation was calculated based on the geochemical conditions
(dissolved [Fe(II)], dissolved [Fe(III)], [O2(aq)], pH, temper-
ature, and conductivity) at the emergent source of AMD. For
the chemostat experiments, ΔGoxidation was calculated based on
the geochemical conditions in the influent feed tank (dissolved
[Fe(II)], dissolved [Fe(III)]) and in the reactor vessel
([O2(aq)], pH, temperature, and conductivity). These geo-
chemical conditions essentially represented the greatest
potential energy for microbes to gain from oxidizing Fe(II).
In contrast to the thermodynamic calculations presented in
Figure 1B, only measured values were used for the data shown
in Figure 2B.
Statistical analyses were employed to examine the signifi-

cance of the relationships between the first-order rate constant
versus pH (Figure 2A) and the first-order rate constant versus
ΔGoxidation (Figure 2B) for each series (US sites, IPB sites,
chemostat 1, chemostat 2), and the difference of the regression
slopes of each series by pairwise comparisons. t tests
demonstrated that all regression equations for log rate
constant-vs-pH described the data at a 95% significance level
(Table S1 of the Supporting Information). All regression
equations for log rate constant-vs-ΔGoxidation, except for the IPB
sites, also described the data at a 95% significance level. Pair-

Table 3. Biogeochemical Characteristics of the Laboratory Chemostat Reactor 2 (Scalp Level) and Corresponding Fe(II)
Oxidation Kineticsa

reactor
pH

reactor O2(aq)
(mg L−1)

influent dissolved Fe(II)
(mg L−1)

reactor biomass
(×107 cell mL−1) RFe(II),lab (×10

7 mol L−1 s−1)
kFe(II),lab
(min−1) n

2.70 6.9 ± 0.4 314 ± 11.9 1.1 2.22 0.0161 5
2.40 7.5 ± 0.3 300 ± 12.0 1.8 2.44 0.128 2
2.10 7.8 ± 0.4 297 ± 12.5 0.94 2.36 0.0582 7
2.40 7.0 ± 0.1 295 ± 4.2 3.4 2.33 0.0556 2
2.70 7.9 ± 0.4 300 ± 4.2 4.9 2.22 0.0228 5
3.00 8.2 ± 0.3 297 ± 2.3 1.6 2.21 0.0245 4
3.30 8.1 ± 0.4 309 ± 9.4 1.4 2.08 0.0119 3
3.60 7.5 ± 0.3 292 ± 6.4 1.5 2.01 0.0135 6
3.90 7.7 ± 0.7 342 ± 11.7 2.3 1.86 0.00529 3
4.20 7.7 ± 0.3 299 ± 8.1 2.5 1.63 0.00536 5

aValues represent mean ± one standard deviation for n sampling points during pseudo-steady-state conditions.

Figure 2. (A) First-order rate constants for Fe(II) oxidation versus
pH. pH values for the field series were taken from the AMD
emergence. pH values for the chemostat series were taken from the
reactor set-point. The dotted line is included to show −1·pH
dependency. Enlarged borders around select data points correspond to
the same data in both panels A and B. Standard error shown with error
bars, otherwise smaller than symbol. (B) First-order rate constants for
Fe(II) oxidation versus Gibbs free energy for microbial low-pH Fe(II)
oxidation (ΔGoxidation). ΔGoxidation values were calculated based on site-
and condition-specific geochemical measurements.
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wise comparisons of all the log rate constant-vs-pH regressions
demonstrated that all slope coefficients were not significantly
different at a 95% significance level (Table S2 of the Supporting
Information). Similarly, all slope coefficients from the log rate
constant-vs-ΔGoxidation regressions were not significantly differ-
ent.
The fastest rates of Fe(II) oxidation occurred at the lowest

pH values and all corresponded with the most negative values
of ΔGoxidation (Figure 2). Enlarged symbols in Figure 2A and 2B
are used to highlight the same data points in both panels for the
four sets of rates. Less negative values of ΔGoxidation for the
chemostat experiments were caused by the partial oxidation of
Fe(II) in the influent feed tank solutions. The fastest rates of
Fe(II) oxidation also occurred under conditions where the
production of soluble Fe(III) (reaction 1) was predominant
versus the oxidative precipitation of schwertmannite (reaction
3). An increase in pH (i.e., consumption of H+) is consistent
with reaction 1 as compared to reaction 3. In the field, this was
evident by a pH increase across the TIFs where the fastest rates
of Fe(II) oxidation were measured (Table S3 of the Supporting
Information). In the chemostat experiments, this was evident
by titrant addition of acid to maintain the preset pH (Table S4
of the Supporting Information). The slower rates of Fe(II)
oxidation occurred at higher pH values where schwertmannite
precipitation became predominant as compared to the
production of soluble Fe(III). In the chemostat experiments,
this was evident by titrant addition of base to maintain the
preset pH. In the field, this was evident by a pH decrease across
the TIF and a decrease in dissolved Fe, plus the visual evidence
of ocherous sediments deposited across the TIFs.
While ΔGoxidation will become more negative as pH decreases

(Figure 1B), we note that the correlation between field Fe(II)
oxidation kinetics and pH will likely be valid over a limited pH

range. In our study, pH values varied from 2.1 to 4.2 and span
the great majority of pH conditions found in AMD systems
worldwide.39 We contend that the correlation between field
Fe(II) oxidation kinetics and pH would likely apply from pH
2.0 to 5.0 for the following reasons. Low pH (<2.0) can be
inhibitory to the growth and activity of FeOB, while
precipitation of Fe(III) solids at higher pH (>4.0) can also
inhibit FeOB.40 We suspect that at extremely low pH values
(<1.0), microbial diversity would be substantially less as
compared to pH 2.1 to 4.2 because the optimum pH for
growth of most acidophilic Fe(II) oxidizers is between pH 1.0
to 3.0.41,42 Because biomass concentrations are incorporated
into the first-order rate constant in our kinetic model (eq 8),
slower rates would be measured at sites with lower biomass
despite the high ΔGoxidation available to the microbes. Because
abiotic Fe(II) oxidation will become substantial above pH
5.0,43,44 Fe(II) oxidation kinetics could increase even though
ΔGoxidation would decrease according to eq 9. Biomass
concentrations remained relatively constant in the laboratory
chemostat experiments (0.44 × 107 to 2.3 × 107 cell mL−1 in
chemostat 1, Table 2; 0.94 × 107 to 4.9 × 107 cell mL−1 in
chemostat 2, Table 3) supporting our approach to incorporate
biomass into the first-order rate constant. On the basis of
pyrosequencing of the biofilm samples collected from chemo-
stat 1, the microbial communities remained relatively similar
over the whole range of pH set-points (Figure S2 of the
Supporting Information), also supporting our approach to
incorporate the microbial community into the first-order rate
constant.

■ ENVIRONMENTAL IMPLICATIONS

Microbial low-pH Fe(II) oxidation could be readily incorpo-
rated into passive treatment systems by enhancing natural TIFs

Figure 3. Conceptual schematics of passive treatment systems for anoxic, acidic, Fe(II)-rich acid mine drainage (AMD). An “engineered” terraced
iron formation (TIF) would include a natural TIF followed by an alkaline channel. (A) Configuration for an extremely acidic discharge where the
oxidation of Fe(II) to soluble Fe(III) (reaction 1) would be thermodynamically favored. Solid lines are observations from Scalp Level, dashed lines
are conceptual predictions. (B) Configuration for a moderately acidic discharge where the oxidation of Fe(II) to insoluble Fe(III) (reaction 3) would
be thermodynamically favored. Solid lines are observations from Upper Red Eyes.
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to create so-called engineered TIFs (Figure 3). Thermody-
namic controls on the rates of low-pH Fe(II) oxidation and the
predominant production of soluble Fe(III) versus insoluble
Fe(III) solids would have important implications on how this
process can best be exploited for AMD treatment. Regional
geology and local hydrogeochemistry control the flow and
geochemical conditions of the AMD that must be treated.
Extremely acidic waters could be manipulated to promote the
fastest rates of Fe(II) oxidation. The trade-off for exploiting
faster rates at lower pH values is that less dissolved Fe will be
removed. From field studies we have found that “oxidation
channels” built from alkaline materials such as concrete or
limestone remove significant amounts of dissolved Fe but with
little change in pH.17 Engineered TIFs, therefore, could be
designed to use natural TIFs followed with an alkaline channel.
The alkalinity in this channel would not be sized to neutralize
the influent acidity but instead to counterbalance the acidity
generated by Fe(III) precipitation within the channel. The
hydrodynamics of the channel would be similar to the shallow
sheet flow commonly seen across natural TIFs. The natural TIF
would provide the microbial seed to colonize the downstream
alkaline channel.
Conceptually, the relative sizes of the natural TIF and

alkaline channel would be determined based on the
thermodynamic favorability of the production of soluble Fe(III)
(reaction 1) versus the production of schwertmannite (reaction
3). The solubility of schwertmannite (Ksp) and ΔGprecipitation,
and their noted uncertainties, will factor directly into the
thermodynamic favorability of reaction 1 versus reaction 3. If an
emergent AMD source was extremely acidic such that rapid
production of soluble Fe(III) was favored, an equal-sized
alkaline channel would be helpful to raise the pH and promote
Fe(III) precipitation (Figure 3A). If an emergent AMD source
had a pH that favored the oxidative precipitation of Fe(III), a
relatively smaller sized alkaline channel would be used to help
promote the removal of correspondingly lower concentrations
of Fe(III). The geochemical trends shown as solid lines for the
natural TIF portions in Figure 3 are from actual sites in the US;
Figure 3A from Scalp Level, and Figure 3B from Upper Red
Eyes. The geochemical trends shown as dashed lines for the
alkaline channel portions are conceptual predictions.
Similarly, microbial low-pH Fe(II) oxidation could be

incorporated into an active treatment system. In a pilot-scale
three-chamber reactor system, pH was manipulated to optimize
both Fe(II) oxidation and Fe(III) precipitation.4 The first
chamber was a suspended-growth bioreactor, the second
chamber was used for pH adjustment to precipitate Fe(III),
and the third chamber was an attached-growth bioreactor used
to oxidize any remaining Fe(II). The fastest rate of Fe(II)
oxidation occurred in the first chamber where the influent was
pH 2.1 and the effluent increased to pH 2.3. The pH in the
second reactor was adjusted with NaOH to pH 3.5 to rapidly
precipitate schwertmannite from solution. A slower rate of
Fe(II) oxidation occurred in the third chamber, where the
influent was pH 3.5 and the effluent decreased to pH 3.3. In
this example, the differing rates of Fe(II) oxidation as a function
of pH were consistent with all of our field and laboratory
studiesfaster rates at lower pH where Fe(III) is more soluble.
AMD is a worldwide problem affecting important freshwater

resources. Some of the areas most severely impacted by AMD
are in arid and semiarid climates where water availability is an
even greater issue. Low-pH Fe(II) oxidation can be
incorporated into active or passive treatment systems for

more cost-effective AMD treatment options. The treated water
should be considered as an economic and natural resource for
beneficial reuse. The geochemical conditions of the emergent
AMD set thermodynamic conditions that influence both the
rate and predominant products of Fe(II) oxidation. This simple
linkage between thermodynamics and microbial kinetics should
be broadly applicable to many other biogeochemical systems.
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