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We have studied principle rock—water interactions that
control trace metal concentrations in a complex geochemical
environment containing multiple contaminants and multiple
solid phases by combining kinetic and thermodynamic
evaluation of the water chemistry with spectroscopic analyses
of the sediments. This approach allows the number of
geochemical reactions needed to model and predict trace
metal mobility over a range of natural settings to be greatly
constrained. In the U.S. Tri-State Mining District (Kansas—
Missouri—Oklahoma) the most important geochemical
interactions are degassing of CO,(g)-rich waters; the short-
term uptake and release kinetics of zinc, cadmium, and
lead; competition between iron oxyhydroxides and carbonates
for zinc, cadmium, and lead; and catalysis of sulfide
dissolution by iron in near-neutral waters. In our field study,
degassing of CO,(g) waters is responsible for the range
of pH measured at each site over the 1-year field study. Trace
metal release and uptake kinetics by iron oxyhydroxides
and carbonates are driven by changes in pH. Aqueous
metal concentrations and pH of pond water and streamwater
in contact with high-iron sediments suggest that oxidation—
reduction reactions involving iron accelerate sphalerite
dissolution kinetics in near-neutral waters. This study clearly
shows that zinc is preferentially partitioned into secondary
zinc hydroxide or iron oxyhydroxide, but in the same
sediments cadmium is not. Cadmium is the most mobile
element because it dissolves from sulfide and is taken

up by calcite only in waters with pH > 7. Lead is taken
up by carbonate or iron oxyhydroxide and is extremely
insoluble in these near-neutral waters. To accurately predict
trace metal mobility in complex environments, laboratory
studies are needed to quantify competition effects among
multiple metals for carbonate and iron oxyhydroxide phases
and to quantify reaction rates of metal release and uptake
from sulfides and secondary phases in the presence of
dissolved iron.

Introduction

A major source of trace metal contamination of surface and
groundwaters is due to mining activities that expose unstable
sulfides to oxygen-rich waters. These environments are
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geochemically complex with multiple contaminants and
multiple solid phases that impact the partitioning of metals
between more mobile waters and less mobile sediments.
Important geochemical processes include dissolution and
precipitation kinetics, sorption to mineral surfaces, and
chemical behavior of major elements such as carbon, iron,
silica, and sulfur.

The geochemical understanding of trace metals in the
earth’s near-surface environment has been advanced by
numerous well-controlled laboratory investigations. The
motivation behind these experiments is to study simple
systems to better understand more complex natural or
contaminated systems. Sorption studies show that trace
metals are preferentially removed from solutions below pure
phase solubility by calcite and iron oxyhydroxide (2, 3). Recent
X-ray absorption spectroscopy studies have further advanced
the geochemical understanding of trace metal uptake reac-
tions by determining the speciation and bonding of these
elements at the solid—solution interface (see reviews in refs
4 and 5). However, model studies often fail to address the
competition between different substrates for trace metals
and the nonequilibrium chemistry of surface and ground-
waters.

The objective of this study is to combine aqueous and
sediment geochemical analyses to determine the rock—water
interactions that control trace metal distribution in a mine
drainage system. We chose to study the partitioning of zinc,
cadmium, and lead between the surface waters and top 5cm
of sediments in two small streams in the U.S. Tri-State Mining
District. Our geochemical interpretations are based in part
on atomic level structural characterization of zinc, cadmium,
and lead in these sediments using X-ray absorption spec-
troscopy and other microscopic techniques (1). We discuss
the importance of kinetic processes and the competition of
carbonates and iron oxyhydroxides for trace metals in a
complex contaminated environment.

Field Sampling and Analysis. The U.S. Tri-State Mining
District (Kansas—Missouri—Oklahoma), a Mississippi Valley
type ore deposit, is characterized by zinc and lead sulfide
mineralization associated with a chert and carbonate host
rock (6, 7). Commercial mining spanned the 1840s to the
late 1960s; during peak production in the 1920s, about 352 000
tof zincand 92 000 t of lead were produced. The remaining
tailings piles consist of mostly chert, a few weight percent
calcite and dolomite, as well as residual sphalerite, galena,
pyrite, and marcasite. The underground mines are filled
with water that discharges into the local surface waters. The
primary source of the trace metals is sphalerite for zinc and
cadmium (0.5 wt %) and galena for lead.

Surface waters and sediments were sampled bimonthly
at two small streams within the U.S. Tri-State Mining District
from August 1991 to July 1992 (Figure 1). Mineral Branch
drains a large portion of the Webb City Mining Field from
south to north. Four of the five Mineral Branch sample
locations are within the stream channel, and one is a pond
in the tailings about 0.2 km west of the stream channel (site
3). Site 5is the spring source of Mineral Branch. Tar Creek
drains the Eagle-Picher Mining Field from north to south. Of
the 13 sites, eight are located on the Tar Creek channel, two
are located on Lytle Creek (a major tributary), and three are
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FIGURE 1. Tar Creek and Mineral Branch sample locations in the U.S. Tri-State Mining District. Shaded areas represent tailings piles.

Sediments analyzed with XAS are labeled ().

located either in ponded areas or in minor tributaries. There
is an abundance of visible iron oxyhydroxide at the intersec-
tion of Tar Creek and Lytle Creek. No visible iron oxyhy-
droxide is present upstream from this intersection or in the
Mineral Branch waters.

During sample collection, the following protocol was
carried out at each site. (a) pH and temperature of the
streams were measured using a portable pH meter with
automatic temperature correction. The pH electrode was
standardized a minimum of twice daily with pH 4 and pH
7 buffers. (b) Aqueous samples were collected with a wide-
mouthed 500 mL glass bottle. Samples were collected along
a transect line stretched across the stream perpendicular to
the current. A sample churn (similar to the type used by the
USGS) was used to homogenize water samples. Before each
aqueous sample was collected, the collection bottle and the
churn were rinsed with streamwater and emptied down-
stream. (c) Solid samples were gathered at both sides and
the center of the site, conditions permitting. The sample
bottle was usually used as a scoop to collect sediment. The
bottle was filled underwater by scooping sediments into it
until full. Solid sample bottles were filled with water from
the location where they were collected. (d) Two agueous
samples were filtered for a field alkalinity titration and further
analysis with a peristaltic pump, a 142 mm filter assembly,
and Norprene tubing. All wetted surfaces of the pump and
filter were constructed of nonmetallic parts. Filter pore size
was usually 0.10 um (0.22 um filters were used for six samples,
and no differences in the aqueous analyses were noted). The
filter assembly was flushed with filtrate before sample
collection, and acid-washed polypropolyene sample bottles
were rinsed twice with filtered sample before sample
collection. After each use, the filter was discarded; the entire
filter assembly, including the pump tubing, was cleaned and
rinsed thoroughly with distilled water. (e) Alkalinity was
determined by titration with a strong acid to pH 4.5.

Laboratory Analysis. The sediments were processed to
dry powders for all analyses. The sediment samples were
rinsed out of their sample bottles with a bicarbonate solution
buffered at the sample pH measured at time of collection to
minimize additional reactions during processing. After being
rinsed, the samples were dried in an oven at 60 °C and then

sieved into five size fractions: A, > 1.0 mm; B, 0.63—1.0 mm;
C,0.32—-0.63mm; D, 0.14—0.32 mm; and E, < 0.14 mm. X-ray
diffraction (XRD) and X-ray absorption spectroscopy (XAS)
analyses are described in O’Day et al. (1).

Total metal concentrations of the sediment and aqueous
samples were determined by inductively coupled plasma
atomic emission spectrometry (ICP-AES). Detection limits
for Al = 60, Ba = 10, Ca = 2, Cd = 10, Fe = 10, K =100, Mg
=3, Mn = 3, Na 200, Pb = 30, Si =30, Sr = 10, and Zn = 10
ppb. Most of the aqueous samples were analyzed directly
with no pretreatment. Some Tar Creek aqueous samples
precipitated an iron solid before analysis. These samples
were acidified with trace metal grade HNO; to dissolve the
precipitate completely. A LiBOj; flux and trace metal grade
HNO; were used to completely digest the sediments prior to
ICP-AES analysis.

Geochemical Modeling. The aqueous datawere analyzed
with the Geochemist’s Workbench geochemical code (8) and
SUPCRT92 database (9) modified to include zinc, cadmium,
and lead carbonate and zinc and cadmium hydroxide phases
(Table 1). For these calculations, we used the field pH, field
temperature, field alkalinity, and total measured metal
concentrations. The field alkalinity is assumed to be equal
to the bicarbonate concentration. The solution was charge
balanced by adjusting the sulfate concentration, because it
was not measured in the field and was likely to be a major
sulfur species. Calculated sulfate concentrations are on the
order of 2 mM, which agrees with sulfate concentrations in
other mine drainage field studies (10—13). No differences
in the most stable mineral assemblages were observed when
the same solutions were charge balanced by adjusting the
Cl~ concentration.

Results

Aqueous Geochemistry. We divide the sample locationsinto
three geochemical groups: (a) Streamwaters in contact with
low iron sediments (<10 wt % Fe) consisting of quartz and
lesser amounts of calcite, dolomite, and sphalerite. Mineral
Branch sites 1, 2, 4, and 5 and Tar Creek sites upstream from
Lytle Creek are in this group. (b) Streamwaters in contact
with high-iron sediments, consisting of amorphous iron
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TABLE 1. Thermodynamic Data

log K (25 °C) ref
CaCOg (calcite) = Ca?t + COz2~ —8.48 42
CaMg(COs3); (dolomite) = Ca?+ + Mg?+ + 2C032~ —18.14 42
CaS04:2H,0(gypsum) = Ca?" + S042~ + 2H,0 —4.48 43
Cd?* + H,0 = CdOH* + H* —10.08 44
Cd?* 4+ 2H,0 = Cd(OH)2° + 2H" —20.34 44
Cd?* + 3H,0 = Cd(OH)3~ + 3H* —33.29 44
Cd?* + 4H,0 = Cd(OH)42~ + 4H* —47.33 44
Cd?* + COz%~ = CdCO3° 3.00 30
Cd?™ + 2C0O3%~ = Cd(CO3)*~ 6.40 30
Cd?* + CO32~ + HT = CdHCO3* 11.83 30
Cd?* + S0O4%~ = Cd SO,° —0.003 45
Cd(OH); (B) + 2HT = Cd?* + 2H,0 13.74 44
CdS0, (solid) = Cd?+ + S04~ -0.11 45
CdCO; (otavite) = Cd?+ + COz2~ -12.1 30
CdO (monteponite) + 2H* = Cd?* + H,0 15.1 46
Fe;03 (hematite) + 6 HT = 2Fe3* + 3H,0 0.11 42
FeOOH (goethite) + 3H = Fe3t + 2H,0 0.53 43
Fe(OH)z (am) + 3H* = Fe3* + 3H,0 5.66 45
Pb2t + H,0 = PbOHT + H* 7.7 47
Pb2t 4+ 2H,0 = Pb(OH),+ 2H* —17.09 47
Pb2* 4+ 3H,0 = Pb(OH)3~ + 3H* —28.09 47
Pb2t + CO32~ = PbCO3 6.58 482
Pb2t + 2C0O3%2~ = Pb(CO3),%~ 9.40 482
PbCO3 (cerussite) = Pb?t 4+ CO32~ —13.54 9
Pb3(CO3)2(OH), (hydrocerussite) + 2HT = 2C032~ + 3Pb%* 4+ 2H,0 —-18.81 47
PbSO, (anglesite) = Pb2+ + SO42~ —7.85 42
SiO; (quartz) = SiOz(aq) —4.0 42
SiO; (am) = SiOz(aq) —-2.71 42
Zn2t + H,0 = ZnOH* + HF —8.96 49
Zn2*+ 4+ 2H,0 = Zn(OH),° + 2H+ —17.33 45
Zn2t + 3H,0 = Zn(OH)3~ + 3H* —28.83 45
Zn2t + 4H,0 = Zn(OH)4~ + 4H* —41.61 45
Zn?t 4+ COz%~ + H* = ZnHCO3™ 11.75 49
Zn?t 4+ COz%~ = ZnCO4° 3.9 21
Zn2t + SO42~ = Zn SO,° —2.31 45
Zn(OH); (B) + 2HT = Zn2* + 2H,0 11.93 45
Zn(OH); (€) + 2H' = Zn2*+ + 2H,0 11.66 45
Zn(OH); (y) + 2H* = Zn2*+ + 2H,0 11.88 45
ZnS0y (solid) = Zn?t + S04~ 3.55 45
ZnCOj3 (smithsonite) = Zn2t + COz2~ —9.87 9
Zns (OH)s(CO3)2 (hydrozincite) + 6 H* = 5 Zn2™ + 2C03?~ + 6H,0 9.65 50
2 Experimental values extrapolated to / = 0.
TABLE 2. Mineral Branch and Tar Creek Water Chemistry? TABLE 3. Mineral Branch and Tar Creek Sediment Chemistry?
Mineral Branch Tar Creek Mineral Branch Tar Creek
max median min  max median min max median ~ min max median ~ min
pH 8.5 7.0 55 7.8 6.7 3.8 Major Elements (wt %)
T(°C) 30.7 17.0 34 332 201 09 Al 9.88 2.79 0.19 7.89 095 0.30
Alk. (ppm HCO3™) 219.1  149.7 155 2893 1227 0.0 Ca 33.10 62 0.02 8.72 156 0.14
SO42~ (ppm) 781 4035 72.6 1537 492.0 20.0 Fe 8.47 3.17 0.37 52.2 3.59 0.51
Al Major Elements (ppm) 190 0.00 K 2.29 072 0.6 285 028
Ca 343 1855 25.0 616.0 210.0 16.0 mg ggg ggg 0.02 igg 834713 0.04
Fe 0.044  0.000 176.9 0.00 Na 072 0.14 037 0.08
K 3.40 1.10 0.40 9.3 29 042 Si
i 53.23 34.23 0.04 40.73 32.25 1.31
Mg 559 447 760 1273 210 335 | o, 9.62 150 005 853 176 002
Mn 1.61 0.12 12 0.49 ’ ’ ’ : ’ :
Na 6.25 5.86 0.65 464 815 255 Trace Metals (ppm)
Si 6.68 469 259 124 5.07 1.75 Ba 833 273 6339 75
Trace Metals (ppm) cd 813 76 386 58
cd 0.44  0.03 21 0.00 Sr 90 44 153 24
Pb 0.15 0.00 314 0.00 2 Maximum, median, and minimum values are reported from 55
Sr 0.24 013 0.04 089 025 0.07 mineral branch and 117 tar creek stream sediment saF:aneS.
Zn 43.4 209 0.01 725 7.70
2 Maximum, median, and minimum values are reported from 74
mineral branch and 79 tar creek water analyses. and Tar Creek sites downstream from Lytle Creek are in this
group. (c) Watersin ponded areas near the streams. Mineral
oxyhydroxide or poorly crystalline goethite (10—65 wt % Fe), Branch site 3 and Tar Creek sites 3, 7, and 12 are in this
quartz, calcite, dolomite, and sphalerite. Lytle Creek site 6 group.
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FIGURE 2. Mineral Branch pH, alkalinity, and aqueous Zn, Cd, and Pb concentrations measured at each sampling site over the 1-year
sampling period; solid symbols represent one sampling trip. All waters are in contact with low-iron sediments.

Tables 2 and 3 report the range of water and sediment
compositionsin Mineral Branch and Tar Creek over the 1-year
sampling period. The major agueous components are
bicarbonate, sulfate, calcium, magnesium, and silica and
reflect inputs from the carbonate geology, sulfide ore, and
chert tailings. Zinc concentrations are about 3 orders of
magnitude higher than cadmium and lead. Water pH varies
from 3.8 to 8.5.

Figures 2—4 show the significant spatial and temporal
variation of pH, alkalinity, calcium, zinc, cadmium, and lead
concentrations in Mineral Branch, Tar Creek, and pond
waters. On a given sampling day, Mineral Branch pH
increases downstream; calcium, zinc, and cadmium con-
centrations decrease downstream; and alkalinity increases
orremains constant downstream. These trends are observed
for all sampling trips but are shown for only one trip. No
trends are observed from the limited lead data.

There are distinct chemical differences between the Tar
Creek waters in contact with low- and high-iron sediments
(Figure 3). The high-iron sediments result from apparent
drainage from a flooded, collapsed mine shaft at Tar Creek
site 7 off the main stream. Tar Creek waters contacting low-
iron sediments in the upper part of the stream are chemically
similar to the Mineral Branch waters. They have higher pH
and lower calcium and zinc concentrations than the waters
contacting the high-iron sediments in the lower part of Tar
Creek. Atall Tar Creek sites, the range in alkalinity is similar.
About 70—90% of the water samples have cadmium and lead
concentrations below the analytical detection limit.

Water composition of a small pond (site 3) within the
Mineral Branch tailings is distinct from the Mineral Branch
stream chemistry. The waters are more acid (pH ~6), have
lower alkalinity and calcium concentrations, and have a
greater range of zinc and cadmium concentrations. The
highest zinc and cadmium concentrations are about 10 times
higher in the pond waters than in the stream channel. The
lead concentrations are similar in the Mineral Branch pond
waters and streamwaters. In the Tar Creek study area, the
composition of the pond waters and streamwaters contacting
the low-iron sediments are similar. Elevated calcium, zinc,
cadmium, and lead concentrations are not observed in the
flooded mine, despite its pH 4 waters.

We summarize the aqueous geochemistry of Mineral
Branch and Tar Creek as plots of mineral saturation versus
pH (Figures 5 and 6). The thermodynamic saturation index
(SI) for a solid phase is equal to the ratio of its ion activity
product (IAP) and its equilibrium solubility constant (Ksp):

IAP
Sl = 1)
Ko

A solution is supersaturated, undersaturated, or at equilib-
rium if log Sl is greater than, less than, or equal to O,
respectively.

Aqueous zinc, cadmium, and lead concentrations in
Mineral Branch and Tar Creek waters are not controlled by
the solubility of their carbonate, hydroxide, or sulfate phases.
Metal carbonate and hydroxide log Sl are strongly dependent
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FIGURE 3. Tar Creek pH, alkalinity, and aqueous Zn, Cd, and Pb concentrations measured at each sampling site over the 1-year sampling
period. Open and solid symbols represent low- and high-iron sediment, respectively.

on pH, such that the waters approach or exceed saturation
with increasing pH. The waters are saturated with respect
to smithsonite (ZnCOs), otavite (CdCOs), and cerussite
(PbCO3) about pH > 7 and saturated with respect to e-Zn-
(OH); about pH > 8. The waters are more undersaturated
with respect to hydroxide than to carbonate phases. Results
for sulfate are not shown because trace metal sulfate phases
are significantly more soluble than the corresponding
carbonate and hydroxide phases (Table 1).

For the major elements, gypsum solubility appears to
control agueous calcium concentrations at pH < 6 (Figure
6). At pH > 6, the waters are undersaturated with respect
to gypsum by as much as 3 orders of magnitude. The large
scatter is probably due to charge balance calculations used
to estimate sulfate concentrations. The waters are under-
saturated with respect to calcite at pH < 7 and supersaturated
with respect to calcite at pH > 7. Aqueous silica concentra-
tions are controlled by quartz solubility. It is not possible
to determine whether aqueous iron is controlled by the
solubility of an iron oxyhydroxide because measured con-
centrations are below or near the analytical detection limit.

Sediment Geochemistry. The concentrations of zinc,
cadmium, and lead in the sediments are much higher than
the aqueous concentrations. In the Mineral Branch study
area, the average zinc and lead solid-to-water ratios are both
about 40 000:1; the average cadmium solid-to-water ratio is
greaterthan4 000:1. Inthe Tar Creek study area, the average
zinc, cadmium, and lead solid-to-water ratios are all greater
than 10 000:1. No trends in trace metal concentration or
mineralogy were observed as a function of grain size.
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The coordination of zinc, cadmium, and lead was identi-
fied at the molecular level in primary and secondary phases
in the steam sediments by O’Day et al. (1) using synchrotron
X-ray absorption spectroscopy. Saturation indices for co-
existing waters are shown in Figures 5 and 6. In general, as
sphalerite and galena weather in the stream sediments, metal
coordination in secondary phases differs depending on the
total iron concentration in the sediments and on pH. In
low-iron sediments from Mineral Branch and upper Tar
Creek, zinc appears to be taken up by zinc hydroxide and/or
zinc—iron oxyhydroxide, while some cadmium and lead are
associated with carbonate phases. In high-iron sediments,
zinc is associated with iron oxyhydroxide, probably bonding
as a bidentate inner-sphere complex to iron-octahedra, but
cadmium is not found in secondary phases. In none of the
samples is zinc associated with carbonate, silicate, or sulfate
phases.

Discussion

We have shown that there is active exchange of the trace
metals between the surface waters and the stream sediments
in the U.S. Tri-State Mining District. It is the exchange of
these trace metals between waters and sediments that make
them a long-term hazard, both within the mining area and
downstream, because dissolved trace metals are more
bioavailable and thus more toxic. Figure 7 summarizes the
effect of iron and carbonate chemistry on trace metal uptake
and release by iron oxyhydroxide and carbonate phases and
sulfide dissolution. The important geochemical processes
are the competition of zinc, cadmium, and lead for iron
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FIGURE 4. Nonstream pH, alkalinity, and aqueous Zn, Cd, and Pb concentrations in the Mineral Branch (MB, open symbols) and Tar Creek

(TC, solid symbols) study areas.

oxyhydroxide and carbonate phases; degassing of CO(g)
waters and change in pH; and catalysis of sphalerite and
galena dissolution by dissolved iron in near-neutral waters.
These processes are discussed in detail below.

Trace Metal Uptake By Iron Oxyhydroxide and Carbon-
ate. The XAS data (1) indicate that the important phases for
zinc, cadmium, and lead uptake in the near-neutral U.S. Tri-
State Mining District surface waters are amorphous or poorly
crystalline iron oxyhydroxides and carbonates (calcite or
dolomite), even though quartz is the most abundant mineral
at all the low-iron sediment sample sites. In this section, we
present field and laboratory evidence to illustrate the
importance of accurately identifying competition among
multiple metals and among multiple solid phases in complex
natural systems.

Field and laboratory results indicate that zinc uptake by
iron oxyhydroxide prevents cadmium uptake by this phase,
making cadmium the most mobile trace metal in these waters.
XAS data for Mineral Branch and Tar Creek sediments (1)
show uptake of zinc by zinc—iron oxyhydroxides but no
uptake of cadmium by these phases in the same sample.
Sorption of zinc does not appear to prevent lead sorption to
iron oxyhydroxides in the high-iron sediments. XAS shows
Pb—0O coordination at multiple distances, which is consistent
with iron oxyhydroxide phases being a potential sink for lead
(2). In laboratory experiments, Benjamin and Leckie (14,
15) found that zinc and lead sorption to iron oxyhydroxide
suppresses cadmium sorption and that lead sorption does
not interfere with zinc sorption to iron oxyhydroxides.

Ouir field results indicate that single solid phase experi-
ments cannot be easily scaled to complex natural systems.
In the field, we observe competition among multiple solid

phases for zinc, cadmium, and lead sorption. Amorphous
iron oxyhydroxide and goethite out-compete carbonate and
silicate phases for zinc. This occurs even in mostly quartz
sediments with about equal proportions of minor amounts
of iron oxyhydroxide and calcite and in waters saturated with
respect to pure zinc carbonate phases and with respect to
quartz. In agreement with our results, laboratory studies
have shown that iron oxyhydroxide phases effectively sorb
zinc from solutions undersaturated with respect to pure zinc
hydroxide phases (15—19). However in iron-free systems,
zincis associated with carbonate and silicate phases. Zachara
et al. (20, 21) observed that zinc sorption is limited to 10%
of calcite surface sites and that smithsonite (ZnCOs) and
hydrozincite (Zns(OH)s(COs),) do not precipitate from solu-
tions undersaturated with respect to these phases even in
the presence of calcite. Tiller and Pickering (22) observed
that 2:1 layered zinc silicate and hydrozincite formed from
solutions slightly supersaturated with respect to quartz (2 x
1073 M) after 1 year.

In contrast to zinc, the uptake of cadmium from solution
appears to be very sensitive to otavite (CdCO3) and calcite
solubility. O’Day etal. (1) observe that cadmium substitutes
in calcite in a sediment sample (TC25E) collected from pH
7.2 waters slightly supersaturated with respect to otavite and
calcite but not in a chemically similar sediment sample
(TC95E) collected from pH 6.8 waters slightly undersaturated
with respect to otavite and calcite (Figure 5). Laboratory
studies are consistent with the field observations. Stipp etal.
(23) show that cadmium rapidly diffuses into calcite from
otavite overgrowths. Other laboratory studies show that
cadmium is sorbed by calcite from solutions undersaturated
with respect to otavite (24—29), but they use an otavite
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FIGURE 5. Tar Creek (open symbols) and Mineral Branch (solid
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(A) ZnCO; (squares) and e-Zn(OH); (circles); (B) CdCO; (squares) and
Cd(OH); (circles); and (C) PhCO; (circles) solubility as a function of
pH. Arrows indicate sediment XAS analyses (1).

solubility constant that is about 2 orders of magnitude higher
than the recent re-determination used in our calculations
(30).

Uptake of lead is also distinct from zinc and cadmium.
The XAS results show Pb—O coordination at multiple
distances, which is consistent with both carbonate and iron
oxyhydroxide phases being potential sinks for lead (1).
Although inconclusive, these results are consistent with the
low solubility of pure PbCO; (Table 1), the formation of a
disordered PbCO; phase at the calcite—solution interface
(31), and complete lead sorption at pH > 5.5 (2). When
significant amounts of iron oxyhydroxide are present, sorp-
tion of lead might be expected at pH < 7, whereas competition
between sorption onto iron oxyhydroxide and precipitation
of carbonate phases might be expected at higher pH.

We have not modeled the field results with surface
complexation and/or ion exchange models for the following
reasons. (a) It is difficult to estimate the reactive surface
area and the number of reactive sites for metal uptake in
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(A) calcite (circles) and gypsum (squares) and (B) quartz as a function
of pH. Arrows indicate sediment XAS analyses (J).

natural systems. Total surface area measurements cannot
be used because metals may sorb to calcite and iron
oxyhydroxide coatings on large sediments. Estimation of
reactive sites from major element concentrations, such as
calcium or iron, cannot be used because sediments contain
multiple phases with the same elements, such as dolomite
and calcite or iron oxyhydroxide and pyrite. (b) Trace metal
partitioning between waters and sediments in mine drainage
is a dynamic process, where sulfide dissolution kinetics
provide alarge, time-dependent reservoir of dissolved metals
that may form secondary phases. Surface complexation and
ion exchange constants are derived from static batch
experiments with a limited amount of metal available for
uptake. (c) These models do notconsider competition among
multiple solid phases for multiple metals.

Degassing of CO(g)-Rich Groundwater. Secondary
phases are both the sink and source of zinc, cadmium, and
lead as pH fluctuates. The range of pH in waters contacting
the low-iron sediments is primarily from the degassing of
CO,(g)-rich waters from the underlying, unconfined carbon-
ate aquifer that feeds the streams. This process explains the
pH dependence of calcite and zinc, cadmium, and lead
carbonate and hydroxide saturation indices (Figures 5 and
6). The pH increases as the waters equilibrate with atmo-
spheric CO(g) and mineral solubility decreases.

The degassing of CO,(g)-rich waters is illustrated by the
increase in Mineral Branch pH along the length of the stream,
from the spring source (site 5) to Center Creek (site 1) (Figure
2). Inthe absence of dissolution or precipitation of carbonate
phases:

CaCOy(calcite) + H" < Ca?" + HCO,~ 2)

Alkalinity is a conservative parameter and does not change
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Goethite

waters, where d, s, and p represent dissolution, sorption, and precipitation reactions, respectively (see text and ref 1).

as a function of pH or pCO(g):
HCO, 4+ H" = H,0 + CO,(g) 3)
A decrease in solution pH results in an increase in pCO(g).

— 10781 oC) — pCO,
K =10"%4(25 °C) (1"} {HCO, ) 4)

Two types of waters are indicated by the linear trends in
log pCO,(g) versus pH for Mineral Branch and Tar Creek
samples (Figure 8). Most of the data fall on the upper trend
and can be explained by the degassing of CO(g)-rich waters
as they equilibrate with atmospheric CO,(g). The decrease
in calcium observed in the Mineral Branch waters (Figure 2)
corresponds to a 3—10% change in the measured alkalinity.
The lower trend represents interaction of oxygen-rich,
meteoric waters with the residual sulfides and calcite in the
tailings piles (Mineral Branch site 3), which have much lower
alkalinity and calcium concentrations than the streamwaters.

Sulfide Dissolution Kinetics. Iron chemistry may directly
effect the solubility of metals by increasing the dissolution
rate of sulfide minerals present in the sediments. Rimstidt
etal. (32) found that Fe(l11) accelerates sphalerite and galena
dissolution in acid solutions. In near-neutral solutions
similar to the Tri-State surface waters, both dissolved oxygen
and iron have been reported to accelerate pyrite dissolution
(33—37). Moses and Herman (36) propose that Fe(ll) sorbs

0 [

log pCO_(9)

-3 5>II4L‘_IAIALLIAALLIAJLLIALIAIIAAAIIA\IIAIll

4.5 5 5.5 6 6.5 7 7.5 8 8.5

FIGURE 8. Log pCO,(g) versus pH for Tar Creek waters (open
diamonds) and Mineral Branch sites 1, 2, 4, and 5 (open circles) and
Mineral Branch site 3 (solid circles).

to a sulfur site on the pyrite surface and is then oxidized to
Fe(l111) by dissolved oxygen. The electron is then transferred
to sulfur,and Fe(l1l) isreduced to Fe(ll). This process repeats
itself until enough electrons have been transferred to oxidize
sulfur and to dissolve pyrite. It is probable that a similar
electron transfer occurs between sulfur sites, sorbed iron,
and dissolved oxygen to accelerate sphalerite and galena
dissolution in near-neutral waters. Microbial catalysis is
another important process; however, it is expected to be
minimal in this system because sulfide oxidizing bacteria do
not thrive above pH 4 (38).
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The higher aqueous zinc and cadmium concentrations
and more acid pH (~6) in the small pond near Mineral Branch
(site 3) than in the nearby stream may be explained by the
oxidation of sphalerite by dissolved iron (Figures 2 and 3).
Acidity normally associated with mine drainage is caused by
the oxidation of iron sulfide, such as pyrite, by dissolved
oxygen

FeS, + 7/20,(g) + H,0 < Fe’" + 250, + 2H" (5)
or by Fe(lll)
FeS, + 14Fe®*" + 8H,0 < 250,2" + 15Fe?" + 16H* (6)
and by the precipitation of iron oxyhydroxide
Fe’" + 1/40,(g) + 3/2H,0 = FeOOH + 3H"  (7)

However, sphalerite oxidation must involve reduction of Fe-
(1) to increase acidity:

ZnS + 8Fe®*" + 4H,0 = zZn*" + SO,* + 8Fe*" + 8H+( )
8

No acidity is produced from sphalerite oxidation by dissolved
oxygen alone:

ZnS + 20,(g) = Zn*" + S0,*~ 9)

Another possible explanation for the observed increase in
acidity and zinc and cadmium concentrations is sphalerite
and pyrite dissolution by dissolved oxygen and precipitation
of iron oxyhydroxides without the uptake of zinc in a
secondary phase. This interpretation is based on the lack of
elevated aqueous iron in these waters. However, it seems
unlikely that secondary iron-oxyhydroxides would not rapidly
remove zinc from solution.

The high aqueous zinc concentrations in contact with
the high iron sediments (Figure 3) is consistent with a positive
feedback mechanism between iron chemistry and sulfide
dissolution. The source for the abundance of iron oxyhy-
droxide downstream of the confluence of Lytle and Tar Creek
is likely to be pyrite. Pyrite oxidization by Fe(l1l) (eq 6) would
increase dissolved iron, which would accelerate both pyrite
and sphalerite dissolution (eq 8) and decrease pH. Precipi-
tation or coprecipitation of iron oxyhydroxide (eq 7) and
zinc hydroxide would also decrease pH

Zn*" + 2H,0 = Zn(OH), + 2H" (10)

A decrease in pH would desorb zinc from iron oxyhydroxide
leading, to an increase in aqueous zinc (2).

The lead field data also point to the possible involvement
of iron oxidation of sulfide minerals. The lack of galena in
the sediments may indicate that galena dissolution is faster
than sphalerite dissolution. Sediment zinc concentrations
are about 10 times sediment lead concentrations. Galena
dissolution rates would need to be five times sphalerite
dissolution rates to dissolve all the galena and half the
sphalerite, assuming that aqueous zinc and lead are effectively
scavenged by secondary phases. At pH 7 in the absence of
Fe(lll), PbS dissolution rates (39) are similar to sphalerite
dissolution rates (35). However, Rimstidt et al. (32) measured
PbS dissolution rates that are 300 times faster than ZnS
dissolution rates at pH 2 by monitoring the reduction of
Fe(l11) to Fe(l).

The dissolution of cadmium from sphalerite in the stream
sediments is consistent with laboratory studies. Inthe high-
iron sediments (pH ~6), the XAS results show that cadmium
has the same structural environment as in fresh Tri-State
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sphalerite ore. However, in one of the low-iron sediments
(pH ~7), the XAS results show disorder around cadmium
and order around zinc in residual sphalerite. This may
suggest that localized CdS domains in sphalerite are being
leached at agreater rate than the bulk ZnS. Laboratory studies
at pH 7 show that short-term (<6 h) CdS dissolution rates
(40, 41) are about an order of magnitude faster than ZnS
dissolution rates (35). Additionally, Hsieh (41) show that,
under photoirradiation and aerobic conditions, aqueous zinc
exchanges for cadmium at the CdS surface, increasing CdS
dissolution.

The surface waters draining the U.S. Tri-State Mining
District achieve chemical steady state, but they are not at
thermodynamic equilibrium. Degassing of CO,(g)-rich wa-
ters and the resulting changes in pH drive carbonate and
hydroxide dissolution and precipitation reactions. There is
significant evidence of trace metal uptake on secondary
phases, but equilibrium cannot be obtained because pCO,-
(g) and pH are not constant. The importance of CO,(g) to
aqueous trace metals concentrations can be seen in the range
of pH and zinc and cadmium concentrations measured in
the streamwaters over the 1-year sample period (Figures 2—4).
The impact of pH on water quality can be seen by comparing
the increase in aqueous zinc concentration in Tar Creek below
its intersection with Lytle Creek. Low-iron sediments are
transported from average pH 7 waters in the upper part of
Tar Creek to average pH 6 waters in the lower part of Tar
Creek. When these sediments react with the more acid waters
and the high-iron sediments, zinc desorbs or dissolves (Figure
3). This process may occur concurrently with catalysis of
sphalerite dissolution by Fe(lll), which may also increase
aqueous zinc concentration.
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