


Not all coupled redox reactions in the pyrite oxidation
pathway generate protons. The reaction producing elemental
sulfur, a commonly observed partial product of pyrite
dissolution,12±14generates no protons:

FeS21 2 Fe31 ! 3 Fe21 1 2 S0. ~2!

This reaction represents formation of elemental sulfur di-
rectly through the sul®dic sulfur in pyrite. It has been sug-
gested that thiosulfate production at low pH can yield sig-
ni®cant elemental sulfur,15 but recent studies16 concerning
thiosulfate and tetrathionate transformations in acidic waters
with excess ferric iron clearly indicate that signi®cant el-
emental sulfur cannot form from thiosulfate under those con-
ditions. The observation of up to 20% elemental sulfur prod-
uct in laboratory studies of pyrite oxidation in acidic
conditions with excess ferric iron therefore indicates a reac-
tion generating elemental sulfur through another source such
as via oxidation of pyritic sul®de.

Thiosulfate has been invoked to be the ®rst product of
pyrite oxidation by several researchers.17±21 Reaction of py-
rite over several steps to form thiosulfate~outlined by
Luther17!, which subsequently forms tetrathionate via reac-
tion with Fe31 ,16,22 may be represented by the overall reac-
tion:

FeS21 7 Fe31 1 3 H2O! 8 Fe21 1 0.5 S4O6
22 1 6 H1 .

~3!

Reaction of pyrite to form tetrathionate, another intermediate
species detected in laboratory pyrite oxidation experiments
over a range of conditions,18,19,21generates 6 moles of pro-
tons per mole of pyrite.

The reaction for the total oxidation of pyrite, assuming
that ferric iron is the electron acceptor for all steps, is typi-
cally written ~for reactions occurring below pH 2!:

FeS21 14 Fe31 1 8 H2O! 15 Fe21 1 2 HSO4
2 1 14 H1

~4!

There is no direct source of ferric iron in AMD systems,
so ferric iron must be regenerated from oxidation by oxygen
according to the reaction:

14 Fe21 1 3.5 O21 14 H1 ! 14 Fe31 1 7 H2O. ~5!

Some reservoirs of Fe31 exist, as pools of dissolved Fe31

and as different ferric sulfate and oxide minerals, which may
essentially store this oxidant for varying times before
movement/dissolution carries the Fe31 into contact with py-
rite surfaces. If reactions~4! and~5! are summed, the overall
reaction for pyrite dissolution is given by

FeS21 3.5 O21 H2O! Fe21 1 2 HSO4
2 . ~6!

If reactions ~4! and ~5! are exactly balanced to yield
reaction~6!, the ratio of total iron:protons:sulfate should be
1:2:2. The molar ratio of iron:protons:sulfate will re¯ect
complete oxidation of pyrite if the iron and sulfur are prop-
erly accounted~i.e., if no sulfate minerals or iron oxyhydrox-
ide minerals precipitate before sampling the water! and if
protons can be properly accounted~i.e., if speciation of pro-
tonated forms of carbon, silica, iron, sulfate, etc., can be
accounted for!. That minerals with mixed-iron valences can

precipitate in these waters and that variations in iron oxyhy-
droxide precipitation can also affect S molar ratios~through
precipitation of schwertmannite or sorption of SO4

22 on goe-
thite, for example! emphasize the care required to interpret
compositional data.

Although it is clear that proton production is coupled to
sulfur oxidation, solution pH is determined by the excess of
protons over that required to complex anions~primarily sul-
fate!. If the system is described by reaction~6!, suf®cient
protons would be available to speciate sulfate as HSO4

2 ,
implying a pH around the pK1 for HSO4

2 , i.e., ; pH 2. How-
ever, not all protons generated by reactions~5! and ~6! are
required to complex sulfate due to formation of other sulfate
complexes~notably Fe21 ±sulfate species!. Evaporative con-
centration and precipitation of certain sulfate minerals@e.g.,
jarosite, KFe31

3(SO4)2(OH)6] drives the pH down whereas
iron oxidation drives the pH up23 for solutions at low pH.
Modeling results indicate pyrite oxidation can account for
lowering pH to approximately 0.0.24 Under some conditions,
extremely low pH values may be attained by evaporative
concentration. The lowest pH ever recorded for an environ-
mental sample~2 3.6! came from an evaporative pool within
the Richmond deposit.25

Although oxygen supply ultimately controls pyrite oxi-
dation in the environment, ferric iron is the most ef®cient
oxidant. The lowest unoccupied molecular orbital~LUMO!
of Fe31 is lower in energy than the LUMO of O2 ~which
typically yields a lower activation energy barrier!, which ex-
plains why ferric iron is the most effective oxidant.26 Addi-
tionally, O2 is not as ef®cient an oxidant due to the spin-
restriction of reacting paramagnetic O2 ~2 unpaired
electrons! with diamagnetic pyrite~all electrons paired!.18

Because the oxidation of pyrite by Fe31 is so much faster
than by O2, and in view of slow inorganic Fe21 reoxidation
rates at low pH, it was proposed that Fe21 reoxidation limits
the rate of pyrite oxidation in AMD solutions.27 Since micro-
organisms catalyze the oxidation of ferrous iron it was hy-
pothesized that they control pyrite oxidation rates in the
environment.27 Organisms which utilize intermediate sulfur
species for metabolic energy are also active in pyrite-
oxidizing environments.28 Microbial populations may change
signi®cantly in response to the local environment,4,29 and
between sites of varying acidity.3 The intermediate reactions
governing oxidation of sulfur species may vary with pH, O2 ,
and Fe31 concentrations as the kinetics of competing reac-
tions depend on the availability of oxidants or the pyrite
surface composition. Therefore, understanding differences in
the pyrite oxidation pathway as a function of pH may yield
better understanding of the interdependence between micro-
bial activity and redox kinetics in acidic environments.

Previous studies of the microbiology of the Richmond
deposit

The importance of microbial activity in pyrite dissolu-
tion and AMD formation is well documented.1,19,23,27,30±33To
date, the majority of microbiological studies of AMD sys-
tems have been based on physiology and characterization of
cultivated organisms. Nordstrom and Southam32 and
Johnson33 review the concepts that have emerged from these
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