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Abstract: Published laboratory rate laws suggest an abiotic homogeneous mechanism, an
abiotic heterogeneous mechanism, and a bacterial-heterogeneous mechanism for aqueous iron
oxidation. This study attempts to groundtruth these laboratory rate laws against rates measured in
the field and from mine drainage brought to the laboratory. Rates of oxidation were measured
with varying pH and ferric oxyhydroxide concentrations.

Figure 1 shows rates from this study compared to other published rates. The addition of low
concentrations of ferric oxyhydroxides from field sites to pH 5.7 and 6 mine water had little effect
on oxidation rates, while it increased the rates at pH 3. At pH 6.5, the abiotic heterogeneous rate
law overestimated the oxidation rate in the field when there is sediment present. At pH 5.7, the
range of measured rates of oxidation fell between the predictions of the abiotic homogeneous and
abiotic heterogeneous rate laws. At pH 3 the rate was very similar to those predicted by the

bacterial-heterogeneous rate law.
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Figure 1. Comparison of observed rates to rates predicted by laboratory rate laws. Shaded fields
represent the full range of pH, temperature, initial Fe(Il), and initial Fe(IIl) conditions in

experiments.

Figures 2 and 3 suggest that acidophilic iron-oxidizing bacteria preferentially attach to the
surface of the ferric oxyhydroxides or oxyhydroxysulfates, accelerating the rate of oxidation at
low pH; few non-attached bacteria are found in the water column. The heterogeneous rate may
not be needed to predict the rate of oxidation at pH greater than 5.7 with low concentrations of
ferric oxyhydroxides, but other studies suggest that heterogeneous catalysis is important in this

pH range.
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“dead” bacillus

“live” bacillus

Figure 3. Photomicrographs of sediment from Figure 2 experiments (pH ~ 3.9) in a) plain light,
and b) UV light. Sediment was composed of schwertmannite and goethite. The outline of two
grains are shown in white for reference. Mineral surfaces hosted abundant “live” (green) and
“dead” (red) bacilli. Note the absence of iron-oxidizing bacilli in the water surrounding the

mineral grains, suggesting preferential attachment of bacilli to solid surfaces.
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ABSTRACT

Published laboratory rate laws suggest an abiotic homogeneous mechanism,
an abiotic heterogeneous mechanism, and a bacterial -heterogeneous mechanism for
agueous iron oxidation. This study attempts to groundtruth these laboratory rate laws
against rates measured in the field and from mine drainage brought to the laboratory. Rates
of oxidation were measured with varying pH and ferric oxyhydroxide concentrations.

The addition of low concentrations of ferric oxyhydroxides from field sites to
pH 5.7 and 6 mine water had little effect on oxidation rates, while it increased the rates at
pH 3. At pH 6.5, the abiotic heterogeneous rate law overestimated the oxidation rate in the
field when there is sediment present. At pH 5.7, the range of measured rates of oxidation
fell between the predictions of the abiotic homogeneous and abiotic heterogeneous rate
laws. At pH 3 the rate was very similar to those predicted by the bacterial -heterogeneous
rate law.

Data from this study suggest that acidophilic iron-oxidizing bacteria
preferentially attach to the surface of the ferric oxyhydroxides or oxyhydroxysulfates,
accelerating the rate of oxidation at low pH; few non-attached bacteria are found in the
water column. The heterogeneous rate may not be needed to predict the rate of oxidation at
pH greater than 5.7 with low concentrations of ferric oxyhydroxides, but other studies
suggest that heterogeneous catalysis isimportant in this pH range.
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INTRODUCTION

Acid mine drainage (AMD) is an important environmental issue worldwide. AMD isthe result of the
oxidation of pyrite and ferrousiron (1) and the precipitation of solid ferric hydroxide (2). The series of
reactions that lead to AMD are usually given as

FeS, s+ H,0 + 7/20, = Fe?* + 2S0O,% + 2H*, (1)
Fe** +0.25 O, + H* = Fe** + 0.5 H,0, (2)
Fe* + 3H,0 = Fe(OH), , + 3H". (3)

Once iron-laden waters reach a sufficiently oxidizing environment, Equation 2 is considered to be
rate limiting. Therefore the rate of Fe(ll) oxidation is critically important in understanding the
propagation and treatment of AMD. Although Fe(OH); is the solid commonly given in this reaction
series, the formation of severa other iron hydroxides or iron oxyhydroxysulfatesis also likely.
Published laboratory rate laws suggest three mechanisms for aqueous iron oxidation: an abiotic
homogeneous mechanism (3), an abiotic heterogeneous mechanism (Fe(l11) solid) (2), and a biological
catalytic mechanism

The rate of iron-oxidation has been studied extensively in the laboratory. Stumm and Lee (1)
suggested that the rate law at near-neutral pH in the laboratory is

d[Fe?*]/dt = -k[Fe(11)][OH]?Po, (4)

wherek isarate constant in mint atm L2 mol-?, [ ] indicate mol L (except for OH- and H*), and Pis
the partial pressure in atm. Stumm and Morgan (3) later modified this rate law into the form

Faviotic = A[FE(ID]/At = Ko [FE(ID][O]/[H]? (5)
where k isthe rate constant in mol L1 s, The rate constant can be extended to account for temperature
dependence using the Arrhenius relationship

Kaviotic= ~{ Aavictic EXP(-Eq, aniotic/RT)} (6)

where A, i (Value = 4.00x10°) and E, 4, i (value = 96 kJ mol 1) are the pre-exponentional factor

and the activation energy, respectively, R isthe gas constant in kJ mol-2 K-1, and T is the temperaturein 1108

Kelvin.



Tamuraet al. (2) reported that the rate law for iron oxidation depends on the amount of Fe(l11) solid

that is present and gave the rate law as
d[Fe(11)]/dt = [Fe(11)] (k[O[OH12 + ke [0, K[Fe(l1)]/[H]) (7)

where the first term is the homogeneous component, and the second term is the heterogeneous
component, which takes into account the concentration of Fe(l11) solids. In thisrate law, K, » K iqic>> <,
Kso = 73 M1 st and K isan equilibrium constant (value = 1.41x10) for the adsorption of Fe(ll) onto
Fe(l11) hydroxide, and [ ] indicates agueous concentration in mol L1 . No temperature dependence is
reported for this rate law.

Pesic et al. (4) developed a parallel biological rate law, which included the influence of T.
ferrooxidansis given as

d[Fe(I1)]/dt = -kyioCra H*1[Fe(I)][O] (8)
= -{ Apictic EXP(-Eq, biotic/RT)} Coectl FE(I1)][O][H] 9)
where k is the rate constant in L3 mg -2 mol 2 s, C,, is the concentration of T. ferrooxidansin mg L,
and [ ] indicates agueous concentration in mol L. E, ;, (value = 58.77 kI mol 1) is the activation
energy, R isthe gas constant in kJmol-* K-, and T is the temperature in Kelvin. A, .S reported as
1.62x101 in (4), but it has been modified for this study asin Kirby et al. (5) to avalue of 1.02x10° due
to amathematical mistake in the original reference.

Several rate laws invoke bacterial kinetics (e.g., 6,7,8,9). Other published laboratory rate laws show
dependence on other variables such as organic acids and light intensity; for alist and references see
Table 1 in (10). Published rates for iron oxidation in AMD in the field or for waters taken from the field
include (10-17).
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Thiswork

This research compares three laboratory rate laws to rates measured in solutions
or suspensions (including field sediments and bacteria) collected in the field. It is
hypothesized that at low pH values iron-oxidizing bacteria, likely Thiobacillus
ferrooxidans, act as significant biocatalysts primarily while attached to ferric iron
hydroxide particles rather than while suspended unattached in the water column. It
IS also hypothesized that ferric iron hydroxide particles have a catalytic effect on
the rate of oxidation at circumneutral pH (2,5,16). The goa is to examine the
effects of pH, iron-oxidizing bacteria (both suspended and those attached to ferric
hydroxide), and ferric hydroxide itself on these rates.
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METHODS

Resear ch Sites

Threefield sites:

1) Southwestern Virginia: A discharge from a massive sulfide deposit in the Great Gossan Lead
district. The drainage comes from a pit that was filled with mine spoil amended with limestone in an
unsuccessful attempt to raise the pH and keep the ferric hydroxide from precipitating. The pH drops
from 6to 3in 75 meters; Fe(ll) ~ 220 mg L.

2) Shamokin, Pennsylvania: Untreated discharge in the Anthracite coal region of central PA. The pH
is™ 5.7, Fe(Il)” 67 mg L.

2) Ravine, Pennsylvania: Untreated discharge in the Anthracite coal region of central PA. The pH is
~ 3.8, Fe(ll)” 220 mg L1,

Experimental

All samples were collected in the field, and the rate experiments were conducted both in the field and
laboratory; Figurel shows afield setup. Data for seven field and eight laboratory (see Table 1)
experiments are reported, although several other preliminary experiments were conducted. Upon
arrival at the laboratory the water was brought to room temperature to limit the change in temperature
during the experiment. About 2L water was collected from discharges, placed in high-density
polyethylene (HDPE) batch reactors, and oxygen was introduced (such that 8.3 =DO =7.5mg L") by
agitation. All reactors were continuously stirred with a known mass of in-situ iron oxide added to
selected reactors. 50 mg sodium benzoate was added to selected reactors (see Table 1) to inhibit
bacterial catalysis (18). For longer-term experiments (BR 31-34), the reaction vessel was fitted with a
lid to prevent evaporation, and air was bubbled into the headspace. A multiparameter meter was used
to measure temperature, pH, and dissolved oxygen; the same parameters measured in the field were
measured in the laboratory. All parameters were recorded for times up to at least forty minutes; BR 31- 1111
34 were run for 4950 minutes (3.4 days).



Field iron oxidation experiments

Figure 1. Water ( iron oxides and bacteria) for al experiments was collected in the field. Some
oxidation experiments were conducted in the field as shown, and some were conducted in the lab soon
after transport. DO, pH, and T were measured with a’Y SI multimeter (shown). Most experiments were
less than one hour duration (with the exception of BR 31-34). No sediments were added tothe 4745
experiments shown here.



Experimental, continued
Fe(ll)

The concentration of dissolved Fe(l1) was determined in the laboratory using a spectrophotometer
and 1,10 phenanthroline and ammonium acetate reagents (19). The samples were filtered with 0.02 nm
filtersto prevent any bacterial oxidation while in transport. Immediately after collection, al samples
were acidified (HCI). The preservation of samples was tested by filtering samplesin the field,
measuring the absorbance, transporting the same samples to the lab, and measuring the absorbance
again in the laboratory.

Sediments

Local subaqueous iron oxide sediments were collected from the discharges in an HDPE container
before introduction into reactor vessels. A known volume of the stirred suspension was filtered through
adried and weighed 0.45 um membrane filter to find the concentration of ferric hydroxides.

Suspensions of sediment samples for X-ray diffraction (XRD) analysis were centrifuged briefly at
approximately 4000 rpm and the supernatant discarded. Samples were then rinsed with distilled
deionized water, centrifuged, and the supernatant discarded. The remaining suspensions were oven-
dried at 40 °C overnight. Samples were either placed in a packed powder mount or mixed in acetone
slurry and mounted on a low-background quartz plate if insufficient sample was available. The
diffractometer was operated at 30kV and 15 mA from 5 to 80° 2Q with a 0.05 ° step size and 15 s/step
counting times. Long counting times were necessary to identify the poorly crystalline mineral
schwertmannite, which was undetectable in short scans. Minerals were identified based on visual
comparison of patterns to standard JCPDS data (20). Schwertmannite was identified by comparison to
published d-spacings. (21)
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Experimental, continued
Observation of bacteria

Sel ected suspensions of sediment samples were stained using L-13152 Live/Dead® BacLight™
two-color fluorescence stain kit by Molecular Probes according to the manufacturer's instructions,
Southam (22, pers. comm.) recommended this approach. Suspensions were viewed on aglass slide
with acover dlip. "Live" bacteria (those with uncompromised membranes) fluoresce green under UV
light; "dead" bacteria (those with compromised membranes) fluoresce red under UV light. The dual
band filter set on the microscope included 465-495 and 540-580 nm extinction filters, 505 and 595 nm
dichromic mirrors, and 515-555 and 600-660 nm band pass emission (barrier) filters.

Analysis of Data

To compare the published homogeneous rate law with the field measured rates, the temperature and
dissolved oxygen measurements were averaged, the initial Fe(ll) measured, and the rate constant for
the average temperature for each experiment was calculated. All of these parameters were entered into
Equation 5 to find the predicted abiotic homogeneous rate. The comparison for the bacterial rate law
(Equation 9) was done similarly, but in addition, the concentration of bacteria was assumed to be 150
mg L-1; see (6) for adiscussion of this choice. For the heterogeneous rate law (Equation 7), dissolved
oxygen was averaged, initial Fe(ll) was measured, the rate constants (25 °C) were calculated. Initial
Fe(l11) was entered assuming that all of the sediment mass added was Fe(OH)4. These predictions were
then plotted against pH and compared to measured rates. With the exception of BR 31 and 33,
measured rates were calculated using all data pointsin theinitial rate method. Rates for BR 31 and 33
are discussed later.
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Table 1. Conditions and results for batch reactor experiments. T is temperature; DO is dissolved oxygen; dissolved iron
concentrationsareinmg L-1. T, pH, and DO are average values. Uncertaintiesare 1 s values for the slopes of initial rates.

Samp BR Total T, DO, Initial Initial Rate Log Sodium
from Where Exp# Time min pH °C mg/L Fe(ll) Fe(lll) mol/(L*s) Rate Benzoate
Virgina  Field 6 45 2.98 27.4 6.1 97 0 1.9+0.7 x 10°® -1.7 No
Shamokin  Field 7 42 5.57 16.7 51 67 0 4+3x10° -84 No
Shamokin  Field 8 45 5.87 17.5 7.8 67 unknown 7+3x10° -8.2 No
Shamokin  Field 9 45 5.54 17.0 5.2 67 unknown 8+3x10° -8.1 No
Shamokin  Lab 10 80 574 16.5 7.5 66 0 10+ 1x10° -8.0 No
Shamokin L ab 11 50 5.77 16.8 7.8 65 10 7.3+0.8x10° -8.1 No
Shamokin  Lab 12 50 5.77 18.4 7.6 64 18 7.6+0.7 x 10° -8.1 No
Shamokin  Lab 13 45 573 19.2 7.5 63 38 8.0+ 0.6 x 10° -8.1 No
Virgina  Field 14 41 6.26 16.1 7.0 229 0 4+2x10° -74 No
Virginia  Field 15 40 6.20 16.8 6.3 221 12 5+3x10° -7.3 No
Virginia  Field 17 20 3.12 18.8 8.0 157 41 4+1x10°® -14 No
Ravine Lab 31 4950 *3.8®26 26.6 8.3 228 0 * S2x10° <-75 No
Ravine Lab 32 4950 3.8-3.9 26.6 7.6 226 0 0 Yes
Ravine Lab 33 4950 *3.8®29 238 8.0 218 25 * S3x10° <-75 No
Ravine Lab 34 4950 3.7-4.1 23.8 8.2 224 25 0 Yes

* Rates and pH varied during BR 32 and 34 experiments. The pH decreased due to hydrolysis of
Fe(lll). Rateincreasesin BR 32 and 34 are attributed to increase in bacterial populations associated
with sediment formation; see Figure 7.
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RESULTS AND DISCUSSION

Sediment Examination

Figure 2 shows that the sediment from Shamokin, PA were aimost entirely comprised of bacteria
morphologically consistent with Gallionella ferruginea, which were partially coated by iron oxides.
Figures 3a and 3b show the Shamokin sediment in plain light and under ultraviolet light, respectively.
The Gallionella did not fluoresce, and very few bacilli were found attached to the Gallionella or in the
water column.

Two distinct sediments were found at the Ravine site. The downstream sediment was aloose orange
floc that had few bacilli attached or in the water column. The upstream sediment (Figure 3a) was a
mixture of adark, red-brown subaerial crust and an orange floc found on the subagqueous substrates.
Figure 4b shows the upstream sediment under fluorescent light; it was heavily coated with both “live”
and “dead” attached bacilli, presumably Thiobacillus ferroxidans. There were very few bacilli present
in the water column.

The upstream Ravine, PA sediment (See Figure 4) containing schwertmannite, quartz, and goethite
was added to BR 33 and 34. The crystalline iron oxides that formed upon iron oxidation in BR 31 and
33 were primarily schwertmannite. Examination of suspensions of the original sediment and sediments
from BR 31, 33, and 34 showed that bacilli (presumably T. ferrooxidans) were clearly preferentially
attached to particle surfaces. Very few live or dead bacilli were found in the water surrounding
particles. A biofilm that formed interference patterns on the water surfacein BR 31 and BR 33 was
sampled directly. Numerous bacilli and iron hydroxides were attached to the flat amber particles that
formed the biofilm. Both "live" and "dead" bacilli were found in BR 34 sediments, suggesting that
sodium benzoate did not necessarily kill bacteria, but rather inhibited bacterial catalysis.
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Sedimentsfrom pH 5.7 (Ravine PA ) site

Figure 2. Sediment from Shamokin PA
. site(pH ™ 5.7) was amost entirely

" composed of stalked bacteria
morphologically consistent with
Gallionella ferruginea (based on
photographs in 23), which were coated
with iron oxides.

Figure 3. Single stalked bacteria from Shamokin PA
sitein plain light and UV light. Green arrow points to
“live” bacillus; red arrow pointsto “dead” bacillus.
Few live or dead bacilli were found in the sediments
from this pH 5.7 water.

Addition of such sediment made no measureable
difference in iron oxidation rates in the pH 5.7 range
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Bacilli prefer iron oxide surfaceto water in low-pH suspensions

Figure 4. Photomicrograph of sediment
from Ravine PA site (pH ™ 3.9) ina) plain
light and b) UV light.

sl The sediment was composed of
schwertmannite and goethite. Mineral
surfaces hosted abundant “live’ (green)
and “dead” (red) bacilli. The outline of
two grains are shown in white for
reference.

Note the absence of iron-oxidizing
bacilli in the water surrounding the
mineral grains, suggesting preferential
attachment of bacilli to solid surfaces.
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Ehrlich (24) discusses the geomicrobiology of iron and the role of and occurrence of T.
ferrooxidans as part of a consortium of several bacteria, but T. ferrooxidans appears to be the primary
biological catalyst in these consortia. In a significant exception to thisrule, Leptospirillum
ferrooxidans have been found to be important (25 and references therein) in very low pH settings. A
new iron-oxidizing Archeon was also found in very low pH settings (26).

Initial one-hour XRD analyses of sediments showed few peaks. Six-hour runs produced much better
defined peaks, especially for schwertmannite. Table 2 lists the minerals identified from field sediments
used in reactors and sediments collected from batch reactors BR 31, 33, and 34 at the end of each run.
The use of XRD for phase identification in mine drainage sedimentsis inexact because 1) the quantity
of each phase cannot be determined without either spiking or crystal structure refinement modeling, 2)
the presence of X-ray amorphous phases may be missed, 3) many freshly precipitated phases exhibit
poor crystallinity, and 4) many iron oxide phases have peaks that overlap with each other and other
minerals. In particular, it is difficult to distinguish ferrinydrite and schwertmannite from goethite. In
many literature references, the subagueous sediments associated with mine drainage are referred to as
*amorphous iron hydroxides, " although jarosite, goethite, and ferrihydrite are sometimes mentioned.
There are numerous iron solid phases and many of them are crystalline. For example, poorly
crystalline schwertmannite is a common mine drainage mineral (22). The particular solid phase present
Is dependent on sediment age and water chemistry.

The Virginia sediments varied downstream due to the pH decrease from 6 to 3 within a 70-m
flowpath. The upstream sediment (VAZ2; used in BR 15) contained ferrihydrite and goethite. The
downstream sediments (VA3; in BR 17) were primarily goethite and possibly schwertmannite. The
mineral clinochloreidentified in VA3 was likely detrital. The mine discharge is located adjacent to a
tailings pile, and chlorite group minerals have been identified in the schist that hosts the ore body (27).
Bacterial populations were not examined in the Virginia sediments,

1119



Table 2. Minerals identified from sediment suspensions.

Sample Used in/formed in minerals

Virginia2 BR 15 goethite?, ferrihydrite?
Virginia3 BR 17 schwertmannite, goethite, clinochlore
Shamokin BR 11-13 schwertmannite, goethite, quartz
Ravine upstream (RU) BR 33, 34 schwertmannite, goethite, quartz

BR 31
BR 33
BR 34

formed in r eactor
from RU:; some formed in reactor
from RU; none formed in reactor

schwertmannite
schwertmannite, quartz
schwertmannite, goethite, quartz
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Ratesat pH 5.7 to 6.2: Theinfluence of iron oxyhydroxides.

Table 1 shows the average experimental conditions and rates measured from field solutions. Figure
5 compares measured rates from this study and others to rates predicted by the three laboratory rate
laws. Note that there are few measured rates for pH values between 4 and 5.6. Few mine watersfall in
this pH range (28) for a combination of reasons. Buffering capacity in this pH rangeislow (29). As
microbial iron oxidation proceeds, Fe(l11) concentrations increase and Fe(l11) hydrolysis causes pH to
decrease. The pH values of solutions below pH 4 are probably controlled by the available
concentrations of iron and other metals and equilibrium with respect to metal oxyhydroxides.

Williamson et al. (17) givefield ratesof > 107 mol L1 st for pH 3.7 to 5.7. These rates are
significantly faster than the few other published rates and to predicted rates for this pH range (see Fig.
4).

The datafrom BR 14 and 15 shown in Figure 5 suggest that the homogeneous rate law predicts the
field rate well at a pH of approximately 6.2 while the heterogeneous rate law overestimates the field
rate significantly and may not be needed to predict the field rate of oxidation in systems with low
Fe(l11) solid concentrations.

Between pH 5.7 and 6, rates from this study (BR 7-13) fall between the predicted homogeneous and
heterogeneous rate laws. In some cases the addition of sediment had no effect while other reactors
appear to show an increase in the rate with the presence of sediment. Based on our data and our
analysis alone, it appears that the heterogeneous rate law overestimates the rate. Neither inorganic
sediments nor the presence of bacteria morphologically consistent with Gallionella ferruginea
Increased oxidation rates significantly in samples with pH greater than 5.7. Although G. ferruginea
apparently comprised much of the "sediment”" added to BR 11-13, these iron-oxidizing bacteria do not
appear to have significantly increased oxidation rates over the predicted homogenous rate at
circumneutral pH values (see Figure 5). Indeed, reactors with higher amounts of this " sediment"
produced dlightly slower oxidation than samples with no added sediment (see Table 1). Significant
catalysis of iron oxidation by G. ferruginea has not been conclusively demonstrated (24,30). However,
the discussion below suggests that the abiotic heterogeneous rates likely are significant in some cases.
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Comparison of iron oxidation ratesto lab-rate law predictions
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Figure 5. Comparison of observed rates to rates predicted by laboratory rate laws. Shaded fields represent the full
range of pH, temperature, initial Fe(l1), and initial Fe(l11) conditions in experiments. Arrows indicate pH-path for BR
31 and BR33 experiments over approximately 3 days. The other experiments in this study were of approximately 0.75-

1.0 hour duration.

Although heterogeneous iron oxidation was not predominant at pH > 5.7 in this study, Dietz and Dempsey (triangesl in
thisfigure, 16) demonstrated signficant heterogeneous catalysisin the pH range at higher Fe(I11) solid concentration
than employed in this study. We do not specul ate as to why the Williamson et al. (17) data do not correspond to other

rate measurements.
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Ratesat pH 5.7 to 6.2: Theinfluence of iron oxyhydroxides, continued

It isimportant to note that one component of the abiotic heterogeneous rate law (2) is a modified
version of the homogeneous rate law (3). In theory, the heterogeneous rate should equal the
homogeneous rate when there is no sediment present. There will be increasingly large errors as field
temperatures diverge from 25°C in the prediction of the heterogeneous rate law because of the lack of
atemperature dependence reported in (2).

In solutions with up to 25 mg L1 Fe(l1), catalysis by amorphous Fe(l11) solidsis reported (2) at pH
values between 6 and 7. Sung and Morgan (30) use the rate law from (2) , but they claim that
autocatalysis by Fe(l11) solidsis only noticeable for approximately pH 7 and greater. This observation
seems contrary to the predicted heterogeneous rate law in Figure 5, which shows increasing
autocatalytic rates with decreasing pH. Sung and Morgan (30) suggest that the Fe(l11) solid surfaces
forms slowly below pH 7, inhibiting adsorption of Fe(l1) and autocatalysis. In solutions from pH 2.8 to
6.4 and with Fe(Il) up to 240 mg L1, Kirby et al. (5) were able to model iron oxidation rates in several
passive mine drainage treatment systems using Equations 9 and 5 without calling upon heterogeneous
catalysis.

In contrast, Dempsey et al. (15) suggest that heterogeneous catalysis accounts for 60 to 90 %
percent of the iron oxidation in two passive mine drainage treatment systems, including one system
examined in (6). Dietz and Dempsey (16) provide convincing evidence (see trianglesin Fig. 4) of
significant catalysis by iron oxide solids, especially at higher iron oxide concentrations, in alarge scale
field reactor. It seemslikely that iron oxide catalysis does indeed occur and that it increases with
increasing Fe(l11) solid concentration. Our experiments had relatively low Fe(l11) concentrations,
making the heterogeneous rate contribution difficult to measure. Because the heterogeneous catalysis
mechanism requires adsorption of Fe(ll) to an Fe(ll1) surface, it isimportant to note that there are
numerous Fe(111) hydroxides that form in mine drainage, and these solids will have different surface

properties which are likely pH-dependent. 1123



Ratesat pH 5.7 to 6.2: Theinfluence of iron oxyhydroxides, continued

Recirculation of iron hydroxide solids for improved treatment is arelatively common practicein
active mine drainage treatment systems. For example, such a system operated by the Pennsylvania
Department of Environmental Protection recirculates sludge from athickener (late-stage clarifier) back
to the first mixing unit; they observe increased sludge settling due to the recirculation at circumneutral
pH (31). Recirculation likely increases iron oxidation rates, but this assertion has not been documented
to our knowledge for active treatment. The work of Dietz and Dempsey (trianglesin Figure 5 this
study, 16) suggests that iron oxidation rates in passive treatment can be increased by increasing the
concentration of Fe(l1l) solids.

Ratesat pH 2.7 to 3.8: Influence of iron oxyhydroxides and bacteria

Rates from BR 6 and 17 plot on or below predicted bacterial ratesin Figure 5. Rates from (10,13)
were much lower than predicted rates, as were most rates from (12). The discussion below suggests
that these slower rates may have been measured because of alag time before bacterial and iron
oxyhydroxide growth would have increased iron oxidation rates as seen in BR 31 and 33.

In preliminary short-term experiments using non-turbid water from the Virginia and Ravine, PA
sites, no iron oxidation was measurable. However, after two days, reactors without sodium benzoate
were coated with schwertmannite, indicating that iron oxidation rates accelerated as bacterial
populations and iron oxyhydroxide concentrations increased. These results suggested that the oxidation
observed in the streams occurred due to catalysis by bacteriainhabiting the surfaces of iron
oxyhydroxides present on the stream bottom.

Figure 6 shows the experimental setup and visible results for the 3.5 day BR 31-34 experiments.
Figure 7 shows that rates increased with time for BR 31 and 33. Sediment concentrations, pH, and
oxidation rates changed during these experiments, thus rates were calculated as the slopes of selected
time intervalsin Figure 7. Regardless of whether sediments were initially present or not, sodium 1124
benzoate effectively stopped microbial oxidation of Fe(ll) (see Figure 7b).



L ab iron oxidation experiments using water £ sedimentsfrom thefield
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Figure 6. Experiments 31-34 at end of 3.5-day experiment. Water from the Ravine PA site was transported to the | ab.
Lids and aeration system are not shown. Reactors are labeled with initial conditions; pH ranged from 2.7-4.1 (see Table 1
and Figure 5). See Figure 7 for Fe(Il) concentration versustime data..
» No iron oxidation in reactors with sodium benzoate (BR 32, 34); final color same asinitial color.
» lron oxidation was rapid early in BR 33 due to added sediment (plus bacteria).
» Iron oxidation was initially slow in BR 31 until iron oxides formed and presumably bacterial population growth
increased. 1125



L ab iron oxidation rates using water + sedimentsfrom thefield
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Iron oxidation rate started out slow in BR 31 until iron oxides formed and (presumably)
bacterial population increases. Iron oxidation rate started out rapid in BR 33 (with sediment
and bacteria added initially); rate slowed when Fe(I1) was nearly exhausted. The pH
decreased in BR 31 and 33 asiron oxide precipitation occurred.

b) No iron oxidation was observed in reactors with sodium benzoate (BR 32, 34). 1126



Ratesat pH 2.7 to 3.8: Influence of iron oxyhydroxides and bacteria, continued

Figure 7a shows duplicate measurements for all except two time intervals. In BR 31 and BR 33,
oxidation rates were initially too slow to measure. The samples were collected from adischarge at 3 °C
with low dissolved oxygen. Water and sediments were warmed to room temperature, and the water
was oxygenated before measurements began. These changes may have "shocked" iron-oxidizing
bacteria (32). It isalso likely that bacterial populations in the discharge were low because samples
were collected in the winter. In BR 31, schwertmannite began to become visible between 1500 and
2800 minutes, providing a surface for iron-oxidizing bacteriato attach to. The oxidation rate became
measurable and then increased to 2 x 108 mol L1 s1. The pH initially decreased more slowly in BR 31
than in BR 33. Having a"head start" due to added sediment and bacteria, the rate in BR 33 was always
more rapid than in BR 31 except when Fe(11) was nearly exhausted. The increases in oxidation rates
with time are likely due to increasing populations of attached iron-oxidizing bacteria, aided by pH
decrease during the experiments. Although Fe(l1) oxidation consumes H*, the pH decrease was driven
by Fe(l11) hydrolysis and schwertmannite precipitation. The datafor BR 31 and 33 are very similar to
other experiments (11,12) and can be explained by microbial growth kinetics and substrate [Fe(11))]
exhaustion.

Figure 5 shows that at apH of approximately 3, the bacterial rate law predicts the rate measured
using the batch reactorsin the field relatively well. Therelatively small difference in predicted and
measured rates could be due to the fact that a single concentration (150 mg L) of bacteriawas
assumed for the prediction. Southam (20) suggests that no satisfactory method for counting active T.
ferrooxidans has been developed. Another likely reason for discrepancies between measured and
predicted rates is the dynamic nature of microbial populations.
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Ratesat pH 2.7 to 3.8: Influence of iron oxyhydroxides and bacteria, continued

The results from BR 31-34 (and several preliminary experiments for which rates are not presented
here) combined with the association of bacteriawith iron oxyhydroxide solids shown in Figure 4b
suggest that the iron-oxidizing bacteria that are responsible for accelerated oxidation rates
preferentially populate iron oxyhydroxide surfaces over the water between particles. Experiments at
lower pH values to which no sediments were added showed slower oxidation rates (until sediments
formed during the experiment) than experiments with added sediment. T. ferrooxidans have been
shown to "hold tenaciously" to ferric sulfate or hydrated ferric oxides in the laboratory (33). The
addition of abacterial inhibitor, whether sediments were present or not, stopped iron oxidation.

Several different iron oxyhydroxides, jarosite, and schwertmannite can provide surface sitesto
which bacteria can attach, but we know of no studies of the affinities of these bacteria and minerals for
each other. By analogy, the attachment of T. ferrooxidans to sulfide mineral surfacesin governed by
both surface site properties of the mineral and by the lipopolysaccharide on the outer membrane
surface, and this attachment can be quite strong (34 and references therein). [ron oxyhydroxides that
are coating pyrite surfaces may facilitate bacterial attachment to pyrite that is undergoing oxidation (34
and references therein). Similarly it islikely that the surface properties of both bacteria and oxide
minerals govern the affinities of iron-oxidizing bacteria for iron-bearing solid surfaces such as
goethite, schwertmannite, ferrihydrite, and jarosite.

Iron oxyhydroxide solids may not be absolutely required for microbial catalysis. Wakao et al. (35)
observed rapid field iron oxidation at pH near 2 due to T. ferrooxidans held in gelatinous streamers,
visible iron oxides were absent. Grishin and Tuovinen (36) observed rapid oxidation in the laboratory
at pH near 1.4 dueto T. ferrooxidans sorbed to three types of synthetic biomass support particles
(BSP) with minor amounts of jarosite formed. However, Nemati and Webb (37) note that ferric iron
solids are an effective sorbent for bacteria and may accel erate the adsorption onto BSP's. It is clear that
T. ferrooxidans prefer some organic or inorganic matrix to reside on. Nyavor et al. (38) also note1 198
inhibition of bacterial iron oxidation at high dissolved ferric iron concentrations.



Ratesat pH 2.7 to 3.8: Influence of iron oxyhydroxides and bacteria, continued

One of the implications of this study is that prediction of iron oxidation rates using aterm for the
concentration of bacteria can be difficult. The population of bacteriain water that is not turbid will
likely be much lower than populations attached to bed surfaces. If waters are turbid due to suspended
iron oxides, the prediction of field oxidation rates from a bacterial rate may be more realistic. Accurate
enumeration of active T. Ferrooxidans is quite difficult. Additionally, bacterial populations are
dynamic and dependent upon nutrients and other environmental factors. Due to the complexity of the
field setting, a generally applicable rate law for microbial iron oxidation may continue to prove
elusive.
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