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Heterotrophic respiration of ferric iron by Acidiphilium
cryptum was investigated in anoxic microcosms with initial
media pH values from 1.5 to 3.5. No organic carbon
consumption or iron reduction was observed with an
initial pH of 1.5, indicating that A. cryptummay not be capable
of iron respiration at this pH. Significant iron reduction
was observed at pH 2.5 and 3.5, with different effects. When
the initial pH was 3.5, pH increased to 4.7—5.5 over 60
days of incubation with simultaneous production of 0.4 g
L="FeZ*. However, at aninitial pH of 2.5, no significant change
in pH was observed during iron respiration, although the
accumulation of soluble ferrous iron was significantly higher,
averaging 1.1 g L=' FeZ*. The speciation of the ferric

iron electron acceptor may explain these results. At pH
values of 3.5 and higher, precipitated ferric hydroxide Fe-
(OH)3 would have been the primary source of ferric

iron, with reduction resulting in net production of OH~
ions and the significant increases in media pH observed.
However at pH 2.5, soluble complexes, FeOHZ™ and Fe(OH),™,
may have been the more prevalent electron acceptors,
and the alkalinity generated by reduction of complexed iron
was low. The existence of charged ferri—hydroxide
complexes at pH 2.5 was verified by voltammetry. Results
suggest that initiation of bacterial iron reduction may
result in neutralization of acid mine drainage. However,
this effect is extremely sensitive to iron speciation within
a relatively small and critical pH range.

Introduction

Acid mine drainage (AMD) occurs when oxygen-laden water
contacts rock surfaces containing pyrite (FeS,) minerals that
have been exposed by mining and ore processing activity.
The growth of autotrophic iron-oxidizing bacteria is essential
to acid mine drainage formation under low pH conditions
typical of weathered pyrite found in many hard-rock mining
sites. Oxidation of pyrite by biologically produced ferric iron
using O, is generally accepted as the major cause of AMD.
At pH <4.5, AMD has devastating ecological consequences
in pristine mountain watersheds (I, 2), and remediation
efforts heretofore often are prohibitively expensive and can
themselves cause significant disruption of the AMD sites.

Numerous strains of heterotrophic acidophilic bacteria
also have been identified in acid-generating rock formations
(3). Researchers have suggested that enhancement of one
heterotrophic metabolism, bacterial sulfate reduction, could
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play arole inrestoration of AMD sites (4, 5). However, typical
AMD conditions often do not support bacterial sulfate
reduction. Although SRB activity at relatively low pH has
beenreported, growth optima of many environmental isolates
and sulfide production in microenvironments appear to be
optimal above pH 5.5 (6, 7). In addition, it has been reported
that the exothermic pyrite oxidation reaction generates
sufficient heat to drive circulation of oxygen in unsaturated
formations, making the transition from iron oxidation to
sulfate reduction more difficult to obtain in AMD sources
8.

It is proposed that induction of bacterial iron reduction
may be a more achievable mechanism for suppression of
pyrite oxidation while generating alkalinity (5). Strains of
facultative iron-reducing bacteria, adapted to acidic and
aerobic or microaerophilic conditions, have been identified
at AMD sites (9, 10). Iron oxidation produces copious amounts
of oxidized iron Fe(IIl) species and ferric (oxy) hydroxide
species, which could serve as electron acceptor species for
iron respiration (5, 11). During iron respiration, ferric iron
could be consumed by heterotrophic acidophilic bacteria,
disrupting the pyrite oxidation cycle. In addition, lower redox
conditions produced by iron reduction could create a more
favorable environment for SRB growth. Finally, many iron
respiring bacteria are facultative and would induce a transi-
tion from aerobic to anoxic respiration (12, 13). However,
the lack of significant amounts of organic electron donors
is probably the most significant limitation for heterotrophic
growth in weathered rock formations. Marchand reported
that growth of two Acidiphilium strains grown in cocultures
with Acidothiobacillus ferrooxidans was significantly in-
creased by addition of glucose (14). It has been suggested
that addition of organic carbon to AMD-generating waste
rock may induce iron reduction in situ with beneficial results
for prevention or reversal of acid formation.

In addition to the consumption of ferric iron, bacterial
iron respiration may result in other restorative effects. Various
researchers have reported a pH increase during iron respira-
tion reactions. Kiisel et al. (10) compared the growth of
Acidiphilium cryptum]JF-5 on several carbon sources. Glucose
was consumed under anoxic conditions without apparent
delay and stimulated the formation of Fe(IlI) and CO,, and
the pH increased from 3.2 to 5.8. When glucose was added
to unaerated cultures of Acidiphilium acidophilus, Marchand
and Silverstein (14) observed a 2.5-unit pH increase during
iron respiration. However, Bilgin and Silverstein (15) sug-
gested that the initial pH at the onset of iron respiration may
have a significant effect on pH change. They have observed
similar rates of iron respiration (Fe’" production) by A.
cryptum, with an initial pH of 2.2 and 1.8, but the final pH
was markedly different, 4.8 and 1.8, respectively.

Speciation of the ferric iron electron acceptor may explain
these findings (16). Stoichiometry for respiration of ferric
hydroxide, using glucose and neglecting cell synthesis,
predicts 2 mol of acidity consumed per mole of ferric iron
reduced:

24Fe(OH), + C4H,,04 + 48H" —
24Fe*" + 6CO, + 66H,0 (1)

However, for the free ferric ion, 1 mol of acidity is produced
per mole of iron reduced:

24Fe*" + C,H,,0, + 6H,0 — 6CO, + 24Fe”" + 24H"
@)
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In addition to neutral ferric hydroxide and Fe®" ion,
Langmuir (I17) reported that significant amounts of soluble
iron hydroxide complexes are formed at pH greater than 2.2.
Since typical AMD pH values are between 2 and 4 (18, 19),
complexed iron species may be important in determining
the feasibility of bacterial iron respiration as a means to
mitigate acid mine drainage formation.

Marchand and Silverstein (14, 20) proposed that ferric
iron speciation was important in the biogeochemical effects
and the activity of heterotrophic bacteria in AMD; however,
they were not able to confirm the existence of the different
iron complexes using conventional analytical techniques or
to verify their effect on iron respiration. For the research
reported here, voltammetry was used to investigate ferric
iron complex formation.

Voltammetry is an electrochemical method for analyzing
solutions containing reducible and oxidizable charged species
in real time. Electric potential (voltage) between two elec-
trodes (indicator and reference) is varied in a regular manner
while the current produced as a result of charged complex
formation/consumption is monitored. The majority of
chemical elements, and particularly metals, can be identified
by reduction spectrarecorded during voltammetric analysis.
One method, Osteryoung square wave voltammetry (OSWV),
has proved useful to investigate redox reactions (21), although
there are no reports of its application to monitoring of iron—
hydroxide complexation under environmental conditions.
For this research, an OSWV method was developed to
investigate the pH-associated changes in the charge and redox
state of soluble iron species in both the free ion and
hydroxide-complexed forms.

Materials and Methods

The effect of initial pH on bacterial iron respiration and
associated iron speciation and pH changes was investigated
in flask cultures in the Environmental Engineering Labora-
tories at the University of Colorado, Boulder.

Bacteria Cultures. A. cryptum (ATCC 33463) was the
heterotrophic iron reducing strain used in all experiments.
Cultures were obtained from the American Type Culture
Collection (ATCC, Manassas, VA) and maintained using
glucose minimal media as described by Wichlaz and Unz
(22).

Microcosm Experiments. Experiments were performed
in 500-mL Erlenmeyer flasks mounted on a shaker table (New
Brunswick Scientific Co. Inc., Edison, NJ) agitated at 200 rpm.
The initial liquid volume of each microcosm was 300 mL,
with 3 mL removed for each sample. Sterility was ensured
by autoclaving the flasks at 121 °C and 15 psi for 15 min and
sampling aseptically. At the beginning of the experiments,
inoculated flasks were covered with cotton plugs to prevent
contamination of the culture while allowing oxygen transfer
into the flask. Experiments were started under aerobic
conditions to determine the switch from aerobic to anoxic
growth of the bacterial population. After a period of aerobic
growth, flasks were capped with butyl rubber septa for anoxic
growth. To all flasks was added 300 mL of LHET2 medium
(23): 2 gof (NH4)2S04, 0.5 g of K;HPO,, 0.5 g of MgSO.7H,0,
0.1 g of KCl, 0.002 g of NaCl, 0.106 g of tryptic soy broth, and
0.1 g of yeast extract per liter of medium. Sampling continued
as the headspace oxygen was consumed, and anoxic reactions
occurred. Liquid samples were taken using a sterile 21-gauge
needle and syringe. Ferric sulfate [Fe,(SO4)3°5H,0] (Fisher
Scientific, Pittsburgh, PA) was added as the source of iron
and added to obtain an initial ferric iron concentration of 1.2
g L' at 188 h. Glucose (CgH,,06) (Fisher Scientific) was the
substrate for heterotrophic bacterial growth in all experi-
ments, added to obtain an initial concentration of 5 g L™! [2
g L1 as total organic carbon (TOC)] at the beginning of the

experiments. Additional glucose, 2.5 g L™} (1 g L' as TOQ),
was supplied to the flasks at 188 h.

A. cryptum growth experiments were conducted with
varying initial pH values (1.5, 2.5, and 3.5), and duplicate
flasks for each pH were maintained. Media pH was adjusted
with HCl and NaOH just prior to inoculation. A control flask
contained sterile growth media incubated under the same
conditions as the growth flasks.

Efforts were made to ensure a uniform inoculum cell
density in each flask. The DNA intercalating agent DAPI (4',6-
diamidino-2-phenylindole) was used to quantify the cell
density of A. cryptum in all the inoculated microcosms (24).
Microscope counts of DAPI-stained samples indicated that
the initial A. cryptum cell concentration in the flasks ranged
from 3.6 x 106+ 0.7 x 10%to 5.0 x 10% &+ 1.6 x 106 cells/mL.
Although DAPI stains both viable and nonviable intact cells,
the flasks all were inoculated from log growth phase cultures.

Iron. Both soluble (filterable) and solid-phase (nonfil-
terable) iron were determined spectrophotometrically using
1,10-phenanthroline according to a modification of the
procedure described in ref 25. Soluble ferrous iron chelates
with 1,10-phenanthroline to form an orange complex that
was measured at 510 nm in a spectrophotometer (Model
UV160U, Shimadzu Corp., Kyoto, Japan). For the purpose of
this study, “soluble” iron was defined as that fraction that
passed through a 0.2 um filter. To measure the total filterable
iron, all oxidized iron in the filtrate was reduced to the ferrous
form using the chemical reducing agent hydroxylamine
hydrochloride (NH,OH-HCI) (Fisher Scientific) with total
filterable iron concentration determined as above. The
filterable ferric iron concentration was calculated by sub-
tracting ferrous from total iron. The total iron in unfiltered
samples was measured at the beginning and end of the
experiments to determine the conservation of mass. The total
iron was measured by digestion of unfiltered samples at 150
°Cfor 15min in 25% hydroxylamine hydrochloride to convert
both solid and soluble Fe®*" to Fe?*, which was analyzed as
described above.

Total Organic Carbon, pH, and Dissolved Oxygen. Total
soluble organic carbon was used to monitor consumption
of glucose during the experiments. The TOC of filtered
samples was measured as the nonpurgable organic carbon
fraction using an autoanalyzer (Model TOC 5000, Shimadzu
Corporation, Kyoto, Japan). pH was monitored using a
calomel electrode and pH meter (Accumet AB15 Basic &
Biobasic, Fisher Scientific). Dissolved oxygen (DO) was
measured using a probe (Model 5750 BOD Probe, YSI
Incoporated, Yellow Springs, OH) and meter (Model 52 YSI
Incorporated, Yellow Springs, OH).

Fe(III) -Hydroxide Complexes. For the ferric iron—
hydroxide complexation experiments, voltammetric mea-
surements were performed with a CV-50W voltammetric
analyzer fitted with a controlled-growth mercury electrode;
the multimode electrode was used in static mercury drop
electrode (SMDE) mode. The mercury electrode was mul-
tiplexed using BAS commercial software (Bioanalytical
Systems, Inc., Lafayette, IN), a platinum auxiliary electrode,
and a Ag/AgCl (3 M KCl) reference electrode. All potentials
were normalized to the Ag/AgCl electrode. A system scan
rate of 5 mV s~! was used with a drop time of 1 s. For OSWV,
the pulse amplitude was 100 mV with a sample width of 17
ms. Arepeatable drop size was produced using a borosilicate
capillary tube. The time the solenoid was energized (valve
open) was 100 ms for all runs. The supporting electrolyte
was a solution of sodium carbonate (0.5 M) and oxalic acid
(0.5 M) (26). A stock solution of ferric iron (3.6 x 1072 M) was
prepared from Fe,(SO4)3:5H,0 that had been dehydrated by
drying overnight at 100 °C. A stock solution of 1 N NaOH was
prepared for OSWV generation of Fe(OH),® " complexes.
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For each OSWV titration, 10 mL of electrolyte was added to
the electrochemical cell.

In OSWV, a square wave potential is superimposed on a
staircase potential between the anode and cathode in a
solution containing charged species. The applied potential
shifts toward the anode after each square wave cycle (21).
In the case of reversible processes, the current peaks are
Gaussian and the peak potentials are equal to the half
potentials of the redox processes. The number of electrons
involved in the redox reaction can be calculated from the
half-peak widths, after accounting for the effects of tem-
perature and the amplitude of the applied voltage (21). The
Faradaic current is sampled at the end of each half cycle.
Therefore, the current is sampled twice during each square
wave: the top of each square waveform represents the reverse
current, and the bottom, the forward current. The net current
is the forward current minus the reverse current (21). Two
sets of experiments were conducted. For the first set of
experiments, 0.5 mL of Fe(III) stock solution was added to
the cell, producing a sample concentration of 1.8 x 1072 M.
Titration continued with additions of 0.1 mL NaOH stock
until all the iron had precipitated, as indicated by the
disappearance of the current peak. A control titration was
done using Milli-Q water as the titrant. The initial pH of the
iron solution was 1.63, and the pH after precipitation of all
ferric iron was 2.51. Corresponding current and potential
values were recorded after each NaOH (or water) addition.
For the second set of experiments, 0.05 mL of Fe(III) stock
was added to the sample cell electrolyte (initial ferric iron
concentration = 1.8 x 10~*M) and titrated with NaOH starting
with 0.5 mL, followed by additions of 0.02 mL NaOH until
all the iron had precipitated. Initial pH was 1.67 and the
titration was stopped at pH 2.34 before iron precipitation
was complete. For the second titration, to calculate the
stability constants of these complexes with the OSWV method,
temperature was maintained at 30 °C with a thermostat-
controlled electric heater. The overall stability constants (53)
of the Fe(OH),® " complexes were calculated using the
DeFord—Hume Function (27).

Results and Discussion

Figure 1a—e shows profiles for ferrous iron, dissolved oxygen,
pH, ferric iron, and TOC, respectively, for the inoculated
flasks with initial pH values of 1.5, 2.5, and 3.5. As shown in
Figure 1a, accumulation of ferrous iron was observed in flasks
inoculated with aerobically grown cultures of A. cryptum
within 50 h after aeration ceased (at 188 h) in flasks with
initial pH values of 2.5 and 3.5. No iron reduction occurred
in sterile controls (data not shown), and no Fe?* accumulated
in the A. cryptum cultures inoculated at pH 1.5.

In addition, there were no changes in pH (Figure 1c),
soluble ferric iron (Figure 1d), and TOC (Figure le) for the
low pH cultures, suggesting that the experimental conditions
tested were outside the tolerance range for A. cryptum.
Dissolved oxygen profiles in Figure 1b are consistent with
the ferrous iron trends: in flasks started at pH 2.5 and 3.5,
dissolved oxygen decreased from 6 to less than approximately
1 mg L~ within 50 h, consistent with the appearance of Fe?*.

It is of interest that iron reduction began while dissolved
oxygen was still present. Fe?* was observed 24 h after aeration
stopped in culture flasks at pH 2.5 and 3.5, although the
dissolved oxygen at that time was over 2 mg L™!. In fact,
dissolved oxygen levels persisted near 1 mg L~! throughout
iron reduction, suggesting that A. cryptum cultures were
capable of rapid transition from oxygen to iron as an electron
acceptor. Similar observations have also been reported by
Kiisel et al. during microcosm studies conducted with coal
mining lake sediments (28).

Consumption of organic carbon (Figure 1e) also followed
the trends for appearance of ferrous iron in the pH 2.5 and
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3.5 flasks, further supporting bacterial iron respiration as
the cause of iron reduction. Significant differences in the
extent of iron respiration and resulting changes in water
chemistry were observed between the flasks started at pH
2.5 and 3.5, as discussed below.

An average of 0.4 g L™! of soluble Fe?* accumulated when
the initial pH was 3.5, with over 90% of the accumulation
within the first 450-h incubation. Ferrous iron accumulation
represented only 33% of the ferric iron added. Reduction of
added iron at pH 3.5 was significantly less than that for the
flasks with initial pH of 2.5. The availability of soluble ferric
iron, shown in Figure 1d, may provide an explanation for
this difference. At the higher pH, soluble ferric iron was not
detected after the first sample time, and the fact that only
a fraction of added iron was reduced may have been the
result of the ferric iron electron acceptor being in the solid
phase. Other researchers have reported limitations on the
extent of bacterial iron reduction when iron precipitates age
and become more crystalline in structure (29—39). For the
flask started at pH 3.5, the pH rose significantly during iron
respiration, from 3.5 to over 5, also consistent with use of
iron hydroxides as the electron acceptor in iron respiration.
The fact that iron respiration appeared to stop altogether
may have been due to formation of more crystalline and less
bioavailable ferric iron, either due to aging or higher pH. To
further investigate the iron mineral phase transformations
that occur over the pH range of 3.5—5 in the media supplied,
speciation calculations were conducted by using PhreeqC
v.2 (40). Model results suggested that the predominant iron
phases in the media at pH 3.5 are amorphous ferric
hydroxides, goethite, hematite, and jarosite. It is known that
goethite and hematite are the more crystalline structures of
amorphous iron hydroxides and tend to form as amorphous
ferric hydroxides age (17). Also confirmed with model results,
as the environment become more reducing and the pH
increases to 5, the dominant phases become goethite,
hematite, and magnetite, indicating that the formation of
less labile/crystalline iron oxides may be the cause of
incomplete iron reduction. Bilgin et al. previously observed
a plateau in Fe(II) production during iron respiration by A.
cryptum at pH 5, and X-ray diffraction analysis conducted
on the precipitates suggested that it may be due to formation
and precipitation of Fe(Il)—Fe(III) oxides (30).

Researchers have suggested that the presence of Fe(II) at
elevated concentrations may have an effect on the bioavail-
ability of iron (hydr)oxides (33, 34, 36—38). Roden et al.
showed that the low microbial reducibility of crystalline Fe-
(ITT) oxides may be caused by sorption (adsorption and/or
surface precipitation) of biogenic Fe(II) on oxide and Fe-
(ITN)-reducing bacterial surfaces (33, 34, 37, 38). Although
their experiments were conducted at circumneutral pH and
by neutrophilic, iron-reducing bacteria, sorption of Fe(II)
onto iron (hydr)oxides produced during iron respiration may
explain the slower reduction of iron (hydr)oxides observed
in this paper. Fe(I) sorption may be a result of the lack of
bioavailable iron (hydr)oxides, halting further Fe(III) reduc-
tion in flasks started at pH 3.5.

Iron respiration by anoxic A. cryptum cultures started at
pH 2.5 resulted in 1.1 g L™! Fe?* within the first 450 h of
incubation (Figure 1a). Ferrous iron formation accounted
for over 90% of ferric iron added to the medium at pH 2.5
and mirrored the decrease in soluble ferric iron species (Fe-
(ITD)), as shown in Figure 1d. Unlike the higher pH flasks,
iron respiration by A cryptum cultures grown at pH 2.5 did
not result in a pH change in the media.

Figure 1e shows TOC consumption during both aerobic
and anoxic growth of A. cryptum in the iron respiration
experiments. Initial pH did not have a significant effect on
TOC consumption during iron respiration; and the course
of TOC consumption followed ferrous iron accumulation
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FIGURE 1. (a) Average soluble Fe?* accumulation. (b) Dissolved oxygen (DO) profiles. (c) pH profiles. (d) Average soluble Fe(lll) profiles.
(e) Average TOC profiles in flask reactors with glucose and ferric iron media inoculated with A. cryptum with initial pH values of 1.5,
2.5, and 3.5. Ferric iron (Fe,(S0,);) and glucose (2 g L' as TOC) were added and aeration stopped after 188 h. Initial TOC is residual from
aerobic incubation before aeration stopped. Data at pH 2.5 and 3.5 are averages of duplicate flasks in replicate experiments (n = 4), and
data are averages of duplicate flasks at pH 1.5 (n = 2). Error bars for pH 2.5 and 3.5 are + 1 standard deviation.

both at pH 3.5 and 2.5. The theoretical stoichiometry for the
dissimilatory iron reduction in eqs 1 and 2 predicts that 18.6
g of Fe?" would be produced per gram of TOC consumed,
neglecting cell yield. It would therefore be expected that
energy production from respiration yielding 0.4 and 1.1 gL ™!
of Fe?* would require on the order of 20—55 mg L' of glucose
TOC, respectively. However the amount of TOC consumed
during the iron respiration experiments was significantly
higher than that amount: approximately 0.8 g L~! TOC was
consumed at pH 2.5 by reduction of 1.1 g L™! ferric iron, and
0.6 g L7! TOC was consumed when iron respiration began
at pH 3.5 during the reduction of 0.4 g L™! iron. Residual
oxygen in the headspace and trace amounts that persisted
in the media (Figure 1b) could have supported glucose
utilization in aerobic respiration, and cell synthesis would
probably account for significant additional glucose con-
sumption. The data in Figure 1d show that approximately
1.5 gL' TOC remained in the flask media for both pH values
after 1200 h of incubation. The end of consumption of soluble
TOC coincides with the plateau in production of Fe?*, further

indicating that heterotrophic dissimilatory iron respiration
was the principal activity in the flasks after aeration stopped.

The average pH change duringiron respiration beginning
at pH 2.5 was negligible in replicated experiments (Figure
1c). This result differed significantly from the 1.5-pH unit
change in the culture flasks, where iron respiration started
at pH 3.5. The pH increase observed in the higher pH media
was consistent with reduction of solid-phase ferric hydroxide
and associated release of acid-neutralization capacity. The
lack of pH change during iron respiration at pH 2.5 may be
explained by ferric iron speciation, as reported by Nordstrom
(41). He found that equilibria for iron complexation reactions
during pyrite oxidation resulted in a “crossover” point at pH
2.39. At pH greater than 2.39, oxidation of ferrous iron resulted
in a decrease in solution pH due to increased formation of
hydroxide solids, while pH increased during iron oxidation
at pH <2.39 with more free Fe*" ion produced. At a pH near
2.39, however, the solution was buffered by hydrolysis
reactions of the Fe(III) products, Fe(OH),* and FeOH?*. Iron
complexation may have played a similar role during ferric
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equations are from Langmuir (77).

iron reduction by A. cryptum, in the reverse direction. At pH
greater than the theoretical crossover point (3.5), the pH
increase is due to consumption of Fe(OH)s(s). When Fe(III)
respiration occurs at a pH near the ferric iron “crossover”
point, pH changes could depend on the complexes present.
Reduction of the dibasic ferric hydroxide complex would
consume 1 mol of acidity per mole of complexed iron reduced:

24Fe(OH)," + 24H" + C4H,,04 —
24Fe*" + 42H,0 + 6CO, (3)

However, use of ferric iron in the monobasic complex as the
electron acceptor would produce no change in acidity:

24FeOH*" + C4H,,0, — 24Fe*" + 6CO, + 18H,0 (4)

Negligible pH changes observed when iron respiration
started at pH 2.5 were consistent with utilization of the
monobasic ferric hydroxide complex as the dominant
electron acceptor (eq 4). Figure 2 is an Eh—pH diagram for
the iron—oxygen—water system (also including jarosite)
showing the effect of pH on iron speciation, using the
equilibrium relations reported by Langmuir (17). According
to the Eh—pH diagram (Figure 2) specific to the concentra-
tions used in this experiment (10~16” mol/kg of total dissolved
iron), under the initial aerobic conditions, the dominantiron
phase in the system will be amorphous ferric hydroxides.
The exact pH of the “crossover point” will depend on total
iron concentration, as well as temperature. As total iron
concentration increases, the pH for stability of Fe(OH);(s)
decreases. In the experiments reported here, the maximum
soluble iron concentration was 1.2 g L™ (1076 M) just after
the addition of Fe,(SO,); to the microcosms (Figure 1d).
According to Figure 2, at this concentration of ferriciron and
under aerobic conditions as the initial conditions of experi-
ments, at pH 3.5 the dominant Fe(IIl) species would be
expected to be Fe(OH)s(s). However, at flask pH of 2.5, the
formation of cationic ferric—hydroxy complexes may have
buffered the media pH.

To confirm Fe(III) complexation near pH 2.5, two sets of
voltammetric experiments were conducted. During the first
set, NaOH was added to an 18 mM ferric iron solution, with
aninitial pH of 1.63, until no Fe(III) remained in the solution.
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FIGURE 3. Current—voltage profiles during 0SWV titration of ferric
iron solutions (18 mM) with initial pH = 1.63: NaOH titrant, showing
the formation of Fe(OH),®* " with the associated shift of the current
peak to the right (lower redox potential); decreasing the current
peak indicates precipitation of ferric iron as Fe(OH); with all ferric
iron precipitated when the sample cell pH reached 2.51. (Complete
precipitation shown in current profile line uniformly decreasing
with no peak). Temperature for all tiratations was not controlled
and varied between 25 and 30 °C.

A significant and consistent shift in electrical potential was
observed after the first NaOH addition, indicating that a
charged ferric iron complex had been formed. The final pH
after precipitation of all the iron was 2.51 (Figure 3). A control
experiment with the 18 mM ferric iron solution titrated with
water was conducted, and no electrical potential shift or pH
change was observed.

To be able to identify any complexes formed during
hydroxide titrations, a new voltammetry experiment was
conducted with the temperature maintained at 30 °C so that
the overall stability constants of the complexes could be
calculated. The temperature increase to 30 °C was necessary
because of the solubility of the electrolyte used in the analyses.
As previously described, acidic (pH 1.67) ferric solutions (18
mM) were titrated with 1 N NaOH until a shift in the electrical
potential peak was observed, indicating that a charged ferric
iron complex had been formed. Figure 4 shows the current—
potential diagram for one of the three replicate titrations.
The overall stability constant for complex i, f;, is defined as
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FIGURE 4. Current—voltage profiles during 0SWV titration of ferric
iron solutions (1.8 mM) with 1 N NaOH. Temperature was maintained
at 30 °C throughout titration, and initial sample pH was 1.67. Formation
of Fe(OH),*~"* is indicated by shift of the current peak to the right
(lower redox potential); decreasing current peak height indicates
precipitation of a fraction of initial ferric iron as Fe(OH);. Titration
ended when the sample cell pH reached 2.34 before all the iron had
precipitated.

cument (A)

the equilibrium constant for the reaction in which the metal
ion combines with the ligands necessary to form it (42).
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For the monobasic iron hydroxide complex,

[FeOH?"]
[Fe’"][OH"]

1 =
and for the dibasic ferric hydroxide complex,

) =

[Fe(OH),"]
[Fe][OH ]

The overall stability constants of the complexes were
calculated according to the method developed by DeFord
and Hume (27). Under the experimental conditions at the
initiation of iron respiration by A. cryptum, calculations using
the DeFord—Hume function indicated that two ferric hy-
droxide complexes were present at pH 2.34: FeOH?* and
Fe(OH),". The stability constants calculated from the vol-
tammetry measurements were log(51) = —3.02 and log(f.) =
—5.57, respectively, which fall within the range of values
observed by previous researchers at 25 °C using other
methods: —2.19 and —5.67 (43) and —3.05 and —6.31 (44), for
FeOH?* and Fe(OH),", respectively.

Impact of Iron Respiration on Acid Mine Drainage.
Results of the iron respiration experiments indicate that
geochemical conditions, particularly pH and resulting iron
speciation, would have a significant effect on the role of
bacterial iron respiration in remediation of acid mine
drainage with a typical pH range of 2 to 4. At pH values
where the electron acceptor would have been primarily
uncharged ferric hydroxide, bacterial iron respiration resulted
in increased pH, as well as reduced availability of ferric iron
oxidant for pyrite oxidation. In addition, higher pH conditions
would favor precipitation of other contaminant metal ions
and growth of sulfate reducing bacteria. At somewhat lower
pH values, where complexed ferric iron species would be the
prevalent form of electron acceptor, iron reduction appears
to proceed until the electron donor is completely consumed.
Although not producing a pH increase, iron respiration is
still an important mechanism, since exhaustion of ferric iron

oxidant would halt future pyrite oxidation. The results of
this research indicate that iron respiration is a factor in
initiating a transition from aerobic pyrite oxidation, and the
availability of organic substrate is the key factor in this
process, to induce oxygen depletion and provide electrons
foriron respiration. The results show that the effect of carbon
addition is more complex than what was initially anticipated,
although the overall effect whenever iron respiration occurred
was the elimination of ferric iron oxidant from the AMD
generation cycle. Future research on acidophilic iron res-
piration by native mixed populations and on the long-term
effects of carbon addition will be critical in developing a
microbial process for in situ inhibition of acid drainage
formation.
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