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Exper1menta1 Study of Pyr1te Ox1dat10n at
. PH 6-9 and 30°c
by Martin B.rGoldhaber

. Abstract
‘Expérimental studies of pyrite oxidation over the pH'range 6-9 were

of addition of base necessary to maintain a fixed‘pH was monitored. Samples

carried out at 30°C in 0.1 MKCl under conditions of fixed pH and

were withdrawn periodically and analyzed for tofa]‘5u1fUr~in solution,
thiosu]fate, polythionates, and sﬁ]fide. -The results demonstrate an increase
in rate .of hydrogen-ion production with increase in pH. Me?astab]e sulfur
oxyanions were detected as ihtermediates fn the sulfur oxidafion bathway. For
;short-tefm {less than 2 day) runs,'the~propoftidn.ofithese sulfur oxyanions
was -less SensitiVe to thé-]ength of a run thaﬁ to tﬁé pH of the run. At the
lower pH,va1hes‘(6-7),.tetrathionaté and sulfate were the major observed
‘Spécies. As pH is incbeased,'theéé ions diminish wifh:respectfto thiosul fate
A-and‘sulfite. " The short-term data are consistent'wfth é réte-contro]]ing step
rinvo1Ving-the pH-dependent'oxygenation of-the fefrous-iron-component of the

’ pyr1te and subsequent rapld oxidation. of the sulfur component. to an
intermediate oxidation state d1ctated by pH-dependent reactions. U1t1mate1y,

a]] su]fur is ox1d1zed to su]fate. ;



| ‘Introduction.

Moderh genetic models for the origin of .the wypming and Texas roll-type
uranium‘deposits_place considerab]e emphasis on the‘felationshipsvbetween
sulfur geochemistry and ore deposition. This.papeh4focuses on one of the
processes felated to‘ore genesis--pyrite dxidationa The_function’of pyrite
oxidation in ore depesitibn'hasebeen discussed in terms of two contrasting |
models. One has been described as the biogenfC'er geoehemtca]‘cell model
(Rackiey, 1972). In this formu]atien,tsulfur is-redistributed via bacterially
tata]yzed oxidation of iron—disb]fidevminera]s producing sulfate ions that are
carried with'ﬁraﬁium-bearing}ground water into reduced (iron sulfide aﬁd‘(or)
'okganic carbon-bearing)'rock. Thefe, the sulfate is~rereduced td aqueous
sulfide whichvin-partfacts as a‘reductaﬁt for pfecipitating.uraniumlas redueed
(U(IY)) oxides orfsilicates, and in part reacts-hith»a?ai]able nonsulfide iron-
to form ore-staéeiifon-disulfide‘minérals.= An alternative hypothesis (Granger
”and'Warfen, 1969) can be described as the nonbiogenic~model*~ Tﬁey proposed
that 1norgan1c pyr1te ox1dat1on might not go° al] the way to comp]et1on, that
is, to the h1ghest ox1dat1on states atta1nab1e in the presence of excess
d1ssp1ved oxygen,- Rather,.they suggested that aqueous sulfur species of
intermedtate dXidation state.(for‘exampie,'thiosuifate;fszog-)‘ares‘;
generated; SdbseeUent reactiohs of these species on]d-be anaibgousnin many
ways to bacter1a11y derived sulfxde (uran1um reduction and react1on with iron
to produce ore—stage su]fldes) |

Understand1ng the mechan1sm of pyr1te ox1dat1on would clear]y he]p place

'1mportant constra1nts on .genetic concepts for this type of dep051t. In fact

: pyr1te ox1dat1on “has’ been studied extens1ve]y in connect1on with its -

4‘1mportance in produc1ng the ser1ous env1r0nmenta] prob]em of ac7d m1ne

‘ dra1nage. ‘The " 11terature is- vo]um1nous (see Nordstrom, 1981 for a recent .



comprehensive review). There is a general consensus as'to the overall
meohanism under acidic (pH less than 4) conditions. The initfa] step consists
of a simple dissolution leading to ferrous iron and dlsu1f1de ion- (S2 ) in
solution (or perhaps a rapid sequence of oxidations subsequent to dissolution
that ultimately produces aqueous ferrous iron and sulfate). The ferrous iron
reacts with oxygen in a slow step to produce aqueous ferric - iron, whjch in
turn rapid]y oxidizes pyrite-to'sulfate and ferrous;iron.' The.reoxidation of
this ferrous iron thus propagates the cycle. Bacteria-of the thiobacillus-
ferrobacillus group intervene in the'propagatfon step. by catalyzing the
oxidation of ferrous iron. The pathway just outlined occurs at a rate that is
independent of pH (for example, McKay and Halpern, 1958; Smith and Shumate, .
1970). Sulfur of intermediate oxidation state TS'not typically reported,
although elemental sulfur has been detected in a few studies (Bergholm, 1955;
'McKay.and"Halpern:"1958);‘ This lack of observed 1ntermed1ates does not imply
~ that such intermediateskdo not occur in the pathway}"As stressed by Nordstrom
(1981) oxidation steps must ocour by one.or at most two electron transfers per
reaction and there is a seven-electron difference in oxidation state between
su]fur.in pyrite and that in sulfate. Therefore, these sulfur-oxidation steps. -
" must be'rapidycompared to the time scale of'present]y avai]ab1e<measurements'
at Tow pH | y . _' |

V Desp1te the fact that the pathway just outlined is well established for
acid pH' s, severa] Tlines of evidence suggest that it may be 1nappropr1ate for'
the ground water reg1me assoc1ated w1th roll-type uranium dep051ts.‘ It must

first be noted that the solub1]1ty of a major pyr1te ox1dant ferric 1ron,‘

- drops dramat1ca11y as pH is 1ncreased above 4, whereas stud1es of modern

'ground -water systems conta1n1ng a redox (oxygen sulflde) boundary do not

report pH values below 6.5 (Edmunds, 1973 L1s1tsyn and Kuznetsova, 1967 Dahl' )
: .3'_ .



and Hagmaier, 1974).> Ground-woter systems contain a range of sinks for
hydrogen ion such as carbonates,-c1ay minerals, and feldspars that-are not
present'in'the sane relative abundance in the acidvmine-drainage environment
Furthermore, poliehed eections from sedimentary uranium deposits show
pseudomorphic textures in which iron oxides formed by oxidation of pyrite
: e10$e1y mimic the morphology‘of precursor sulfides (Reynolds and Goldhaber,
1978). These ‘textures suggest that iron dissolution was at best incomplete,
and thus the process differs fundamentally from that under acidic
conditions. Also notéble is the fact that sulfur intermediates in the pathway
" are reported during sulfide oxidation at higher pH's in contrastvto what has
been observed at low pH- (Forward and Maekiw, 1955; Makhija and Hitchen, |
1978). - Although such intermediates have been noted, there has been no
systematic laboratory study of the conditions of .production of such

| vintermediates that can be related to uranium depoéition.

Exper1menta1 Procedures A
Pyr1te oxidation was carried out under cond1t1ons of constant pH, pO2 and
*temperature in a thermostadted g]ass;reactlon vesse], w1th a magnetic stirrer
suspended from the cap and with two side ports. The two-side porte Were
equipped with a gas-in]et tube p1us inlet tube for NaOH titrant and
-comb1nat1on pH e1ectrode, respect1ve1y. pH control was realized’via‘a pH
gstadt s1m11ar to that descr1bed by Morse (1974) " For exper1ments descr1bed
o below, the pH was he]d to within 0. 03 of the reported va]ue by additlon of
.Coz-free NaOH (0. 1 M) The concentratlon of~d1ssolved oxygen was fixed by
'bubb11ng water-saturated h19h purity oxygen or a prepared m1xture of oxygen
. plus n1trogen through the samp]e so1ut1on. The gas was scrubbed free of COp

-prior to enter1ng the gell, In‘all runs, the totaT'gas-flow-rate was fixed at



275 cm per minute. The pyrite used was from the‘ClimaX Molybdenum Mine. No |
phases other than pyrite were observed in po]ished section or detected b} X-
ray diffraction. Observations of the starting material in polished seotion'
reveaied <2 percent impurities,'dominant]y si]icates and_ironetitanium ’
oxides. This pyr1te was ground and sized by s1ev1ng at 44- 62 m1crometer and
less than 44 micrometer and washed under a n1trogen atmOSphere in a glove bag
~with dilute hydroch]or1c acid, followed by deoxygenated water, and finally
acetone. Between experiments; the pyrite was stored in a vacuum desiccator. |
‘A large batch of the fine-grained pyrite was prepared 1n1t1a11y and the
maJor1ty of exper1menta1 data, except where spec1f1ca11y noted,  was obta1ned
- with this same batch. The stirring rate in all exper1mentsuwas-the same.
‘This rate was sufficient to sospend most of the finer grained fraction but not
the coarser»materia1 greater than 44 micrometer. Consequently, most'runs were
‘done with Tess than 44-m1crometer pyr1te. | |

At the start of a run, 5 grams of pyrite was added to 1200 .mL of O. 1 M
KC1 solution that had previously been thermal]y equ111brated to 30°C and pre-
saturated.with’the appropriate gas mixture. The amount of sodium hydrox1de
added to maintain pH was noted as a funct1on of time. In add1t10n, 20-mL
 sample aliquots were periodically removed, 1mmed1ate1yrfiltered through 0745; :
'micrometer‘hembrane fi1ters,'andlana1yzed for a range -of aqueous sulfur
VconstitUentS.f Polythionates and;thiosu]fate were determined by cyanolysis,
followed by speotrophotometric determination'of resd]tjng-thiocyanate-(Nor»and

Tahatabai,\1976).iAThese reactions proceed:as follows:

2« vian et 2- 2

- U . . '
505+ (K3) Ol + B0 5057 + SO+ 2 (13) SOh (1)
szo§ + CN- 2992221¥§£> s e sew (2)



At room temperature; reaction (1) only occurs with polythionates of M4,
In the presenoe'of a copper catalyst, two moles of thiocyanate are formed from
tetrathionate, three from pentathionate, and four.from hexathionate. In the
absence of the copper catalyst, the thiocyanate equivaients formed from
tetra-, penta-, and hexathionate are one, two, and three,urespectively. Nor
and Tabatabai (1976) assumed that all polythionate was present as -
tetrathionate, and defermined an empirical factor of 1.75 to estimate the
amount of tetrathionate in samples that-also contained‘thiosujfate."In the
‘present . work, the same factor, 1.75, has'been used.» If hfgher po]ythionates'
' than-tetrathionate'are present, this would result in an underestimate of

polythionates relative to thiosulfate. This point is addressed further

below. Sulfite was determ1ned by the color1metr1c procedure of West and Gaeke

- (1956). In the presence of th1osu1fate, an e]ementa] sulfur precipatate had

been removed by membrane.filtration prior to color deve]opment; ‘Total sulfur

in all forms was estimated by reduction to HyS and determination. of HpS by
‘methylene-blue co]orimetry'(dohnson and Nishita, 1952). This teohnique gave
-genera]]y reasonable agreement (+10 percent), with va]ues obta1ned at the end
of selected runs by ox1d1z1ng the supernatant solution to su]fate with nitric
acid and gravimetrio-determination of sulfate aS'BaSO4. However, obviously
erratic values were, for unknown reaSOns;:occasionally obtained by the Johnson
and Nishita prooedure;"Therefore; invcertafn,instancesvwhen:this occurred,
‘the total sulfurvdefa~were interpolated from the remaining values. |

The so]id'products of two of -the runs were eXamined'petrographically in
polished grain mounts under ref]ected ]1ght. In addition," a separate

‘ exper1ment was conducted to observe petrograp1ca1]y, resu]ts of larger term

"ox1dat1on. This was’ accomp11shed by ma1nta1n1ng a 140- m1111gram su1f1de

[ S o



concentrate consisting of intergrown pyrite.and_marcasite from thé Benavides
uranium deposit, south Texas, at saturation with air and at elevated pH by
addition of sodium'carbonate. The.inftial pH of the solution was 8.3; after 2
weeks the pH rose to about 10 and Stayed approximately constant for the .
remaining 6 weeks of the experiment. A paré]]el'experiment was run in which
sodium'carbqnate was not added. The pH of this run started at 5.2 and was 4.4

after 2 weeks.

Results | _

Results of tﬁis study clearly indicate that solﬁble metastable sulfur
‘oxyanions are<prddu¢ed as intermediates during inorganic’ pyrite oxidation in
the pH range 6-9. As an i]iustration'of.the'pbint;.first consider .an
- experiment conducted at pH 9 utilizing pyrite in the,<44-mi¢rometer-size
-rahge.A Oxygen -was- held at'saturation,'correspondfng’to a concentration of
0.44 mM 0, undér the conditiéns’of the experiméntL"The presence of metastable
'sulfur intermediatés is indicated by the data points represenfing'thiosulfate
sulfur, sulfur, polythionate sulfur, and sulfite sulfur (fig. 1, table 6).

The lines draWn through the'data.points deviate from a straight line.
Non]fneafity i§ seen also in theAblot of NaOH addition.with time (fig. 2).. 'In
vieW‘bf”finéar‘rates obéérved by other.workers usihg moré carefully éized |
materia1 (see-below) this behavior Jikely is caused by the‘jarge,spectrum of
particle sizes présent'iﬁ the stafting materfa1;>és-doédmented:fh thg case of
'feldsparvdissolutipn (Holdren and. Berner, i979);v;Howgver,{petrographic‘data'
~A(seé be]ow)‘demohstrate that oxide reaction-produéfgcdatings cah»deve]op~009r
~tinefsuth»that-the”noh?inear rates méy in fact be*reél;  At present, the daﬁa-

are not sufficient-to>reso]ve this point.
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The throsu?fate was calculated, as discussed above, by assum1ng that the_'
po]yth1onate fract1on is composed exc]us1ve1y of tetrathionate. This
" calculation requmres only a minor correction to the thiosulfate data in the
experiment under consideration. "Sulfate", the diffe}ence between tota] S and
the sum of thelanalyzed-constituents; is present as:an appreciab]e percentage
of the total su]fﬂf only for the first measurement taken at 7-minuté§ elapsed
time. Thé-sulfate result. for this time interval is most likely an
~experimental artifact, because sulfate once formed would not diéappear from
solution as req&ired by the daté in table 1. "Sulfate" in the first time N
interval may,:thefefore, be taken to indicate thévtransient présence of a
sulfﬁr species not considered in the anaiytica] scheme.- One possibility ts.f
col]oidaj e]emehta] sulfur finer than 0.45 um that passes through the membrane
‘ fi]tér. Anomalous-“sulfate“ cohcentrationﬁ of this type were'found during the
 first few mfndtes“in a number bf othér experiments as well. Thesé |
: cbncentratidns seemtto reflect an initial “pre40xidation' that occurs dur1ng
handling of the pyr1te.' In support of this- hypothes1s, -the intensity of this
3n1t1a] anomalous behavxor was noted to 1ncrease marked]y when the pyr1te was
not carefully c1eaned and stored. |

Disregarding,-therefore, the initial data point ét 7vhinUtesre1apsed time
“the fo]Towingvresults stand out: (1) Thiosuifate iS-the~majbr-component of
tdtalrS in solution {66-79 percent of tota] S) - {(2) Su]fate ‘constitutes on]y
| a small fraction of total S (1 6 percent), as does tetrath1onate'(4_11
‘percent). (3) Sulfite is'relat1ve1y abundant (12-22 percent). (4) Systematic
.tfendé in the data indicate SOme_minor;tendency:towards an increasihg'
tPropdrtion;of SUlfateQ*and,thiosulfate and a°décreasé~in!re]ativé'amQUntsfof

tetrathionate and sulfite with time. .

10
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. Table 1.--Re$u1ts of pyrite oxidation at pH 6 and 0, at saturation
- [mM, millimolar; leaders (---) indicate not detected]

Elapsed time  Total sulfur  S,05" - .05 -  S05" - . *SOET" - NaOH added
(minutes) . - (mM) -sulfur (mM) sulfur (mM) - sulfur (mM) sulfur (mM) (milliequivalents)
C 30 Trace Trace o= e e 0.025
.4,14¢ | 0505 ; 0.022 - - 0.009 —-- .029 .10
S5 - log .045"~ e s .17
s a4 080 e - 073 .24

430 .16 - E— R .075 31
600 23 a2 e o .12 .39

v.llntefpoiatéd.value.1

11



Resu]té for a pH 6 run‘(Oz at saturation, less the 44-micrometer pyrite)"
are gjven in -table 1 and plotted on figure 3. These'data differ significantly
from those at pH 9. Mote first that the rate of productioh of fota] sulfur is
much lower at.pH 6 than at pH 9. Only 0.23 mM total sulfur was produced in |
600 minutes, whereas at pH 9, 0.64 mM was detected at 325A@inutes. The rate
of NaOH consumption.is likewise lower at pH 6 (fig. 2). The distribution-of
aqueous sulfur'sbecies is also markédly different.. Sulfite was not detected
~ above tﬁe,b]ahk at pH 6. Sﬁ]fate and tetrathionate sulfur are found ih
subequal concentrations, -and both represent-a higher percéntage of total
'sulfur at pH 6 compared to pH 9. .

Because of the impbrtance of polythionates at the lower pH's studied, a
separate experiment was conducted to examine the éssdmption-that ﬁetrathionate
is the dominantfspeéies. This was done using the anion-exchange
'chromatigraphic téchnique of Po]iard and others (1964), in which thé,‘
po]ythionates were eluted with suéceésive]y more>concentréted HC1. Ions'that
eluted off"thé §o1umn were detected using ultraviolet spectrdscopy.‘bThe
separation procedure was checked usiné synthetic tetrathionate prepared and
purified by the brpcedhré of Stamm and others (1942). Figure 4 presents
“resu]té from“the'subernatant of-an eXperiment conducted>at‘pH-6.5,(02 at
saturétfon,’<44Qm{crometer pyrite). - The_integréted u]tréVioTet'absorbances of
'the,polythionatesuoccur in the_ratiov‘lz 11.1: 30 fof
‘ 35027 2- . g;. Assumfng;that the molar extinction coefficients of
thefpolythionate ions afeicompafable, these ratios would ‘also correspond'to

"their concentration ratios, or recalculated as percentage of total = ~.
i po]ythionateVSUIfdf; 4.8, 71.2 and 24 percent, . respectively. These data,

o a]though‘obVious]y extreme]y 1imited,userve'to indicate the errof that is
- incurred in asspming that tetrathionate isithe dominant po1ythibnate.'
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In addition-to the pyrite oxidation results for pH 6 and pH 9 discussed
above, additional runs using fine-grained pyrite (less than 44 micrometer) and
with 0, held at saturation were made at pH's of 6.5, 7, 7.5, and 8. Data for
these experiments'are'given in tab]es-2?5,-respectiVeTy. The runs at pH 6.5
and 7.5 were done'using a separate batch of pyrite, and so the rate data are
. not directly comparable. Some limited work was aiso‘done at pH 8 with 0, at
50 and 20'percent-of saturation, ‘These experiments-WiT] not be discussed in.
detail except to note that the resuTts'suggest a linear re]ationship between
'fNa0H consumption rate and oxygen concentration at constant pH.

| The re]at1ve abundance of aqueous sulfur spec1es produced dur1ng short-
term pyrite ox1dat10n exper1ments is clearly pH- dependent. -This dependency is.
111ustrated in figure 5 in wh1ch the percentage‘d1str1but1on of sulfur -
'oxyanionS'produced‘during pyrite oxidation is p]otted against the pH of~the
- experiment. The'range‘in‘this percentage value during the course of the run .
is indicated by a vertical bar. The initial experimental point in each run
’ was not considered for reasons discussedqpreviously.‘~Figure 5 shous that, for
the time'interval'stUdfed,.variations between'runs~at different pH's are more
significant than.changes in.the proportion offsu]fur-constituentSHWith time at
‘a given pH. A notable exception to this‘oehavior‘occurred-at-pH 755 (see
be]om).,’AS~discuSSedhpreviously, thiosulfate'is.dominant at,pH 9, with

'subOrdinate su]fite and minor sulfate. As pH decreases, th105u1fate and

- sulfite d1m1n1sh in re]at1ve 1mportance compared to tetrath1onate and

- sulfate. The resu]ts obtained at pH 7 5 differ somewhat from those at other

pH's in that there is a2 more pronounced variability w1th.t1me<1n the relative

proport1ons of su]fur oxyan1ons.. In1t1a11y, th1osu]fate and tetrath1onate

A': sulfur are produced in approx1mate1y equal proport1ons (f1g. 6) . As the

'exper1ment progressed however, th1osu1fate dec11ned re]at1ve to other forms

15
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- of su]for and in absolute concentration. Sulfite was detected only towards
the end of the eXperiment{ This pH is in the transitional region between
products dominated by‘tetrathionate (pH < 7) and thiosulfate (pH > 8), and
“this transition fs evidently reflected in the'data'from pH 7.5.

The relationships il]ustrated-on‘figure 5 are representative of short.
time»periods only.. Eventually, all sulfur in solution will be oxidized to
sulfate, which is the thermodynamically'stable species in equilibrtum with
excess oxygen. 'E?ident]y this conversion to sd]fate is sdbject to
catalysis. This catalysis can be,dedoced from preliminarytwork.on a more
complex solution than the simple KCl matrix used in most oflthe_study. A
~ sterile bacterial medium (Stanier and others, 1963) was used fn one experiment
at pH 6.5 (Cathy Shepard, ﬁritten conman, 1980).»‘A1though thevdonﬁnant -
species are the same as those shown on figure 5, the.abUndanCe of
tetrathionate sulfur re]ativeAto totaI su1fur:in so1ution declined~rapid1y
after 600 minutes in contrast to the resnlts shown in table 2. This'
difference between.the complex bacterial media and KC1 so]utions presumably
‘indicates a catalytic effect in the complex media in wnich tetrathionate is
converted to some other product—-probab]y su]fate. o |

The data of f1gure 5 can be recast to show that thetmean ox1dat1on state
- of sulfur in so]ut1on 1ncreases w1th decreas1ng pH'(f1g. 7). "This plot was
constructed by - comb1n1ng the mean ox1dat1on state of sulfur in each of the '
1nd1v1dua1 sulfur oxyanlons in the proport1ons shown on f1gure B¢ That the
'trend shown in f1gure 7 cont1nues to Tower and h1gher pH' s can be. 1nferred
from the resu]ts of prev1ous workers. At 1ow pH su]fate and, rarely,
‘e1ementa1 su]fur are the so]e sulfur-ox1dat1on products, as noted 1n the
| 1ntroduct1on,to th1s report.' Results of Tow. pH are 1nd1cated as a generallzed
'pOint on figuhe 7.: At h1gh1y alka11ne pH, some su1f1de (ox1dat1on state. —2)

,dv1s produced (Stokes, 1907) poss1b1y by an a1ka11ne hydro]ys1s react1on. o
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Table'2.-;ReSU1ts'of pyrite'oxidation at pH 6.5 and 0, at satufation

LM, millimolar; leaders (---) indicate not detected]

Elapsed time

Elapsed e “bTotal_sulfur 5406 - S'203 - 502 - ?804
‘ (minqtes) L

2 2- . 2" 2"» -

(mM) - sulfur (mM) _sulfurA(mM)" su]fﬁrv(mM) sulfur (mM)

NaOH added
(milliequivalents)

E 35 |  };;;;f o 0.007 s el 10.006
180 0.4 088 e 003 063
360 076 N — 024 .14
1140 8 a6 e .12 47
1440 L a0 o e 12 .57
c2000 - () 29 - e 1 .76
o280 .55 . .32 Y = 1.0
2940 65 .35 e e 30 1.1

":;ihtérpolated value.

(Y
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Table 3.--Results of pyrite oxidatioﬁ at pH 7 and 0, at saturation

- [mM, millimolarﬁ leaders (4-—)'indicate not detected]

| Elapsed time . Total sulfur - 5,057 - 5,057 - 5057 - us0f . a0 added
i-.f(minutés) o (mM) o sulfur (mM) sulfur (mM) sulfur (mM) sulfur (mM) (milliequivalents)
":‘15, Not determined Tféce C i _ — Not detected Q.oos
60 o lo.osy cae T e 0.06 © .06
T .067 [ - 039 | .16
s e 07 5
e S Ve . .34

rlExtrapb]ated value.
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" Table 4.--Results of pyrite'oxidation'at pH 7.5 and 0, at saturation

[mM, miT]imo]ar; leaders (---) indicate not detected]

: . : . - . . s V‘ 2- . . 2- V : - ’ "‘ 2-“ . .
_E]apsed time Total sulfur 5406 - 5203 - _ SO2 - _ SO4 - NaOH added

(minutéS) : - (mM) sulfur (mM) sulfur (mM) sulfur (mM) - sulfur (mM) (milliequivalents)
BRRSY 3 i 03 ©0.003 . 0.008 - 0.026 . -0.012
e .03 .008 R VR Lo L0
60 ,048 BN Y BV VA 074
23 f -~ lors ;'.026 SN ) VA S (.032) 11
a8 ao .oe2 .023 R— 042 .14
520 : : 1113 ..057 ~ 025 S (.021) ) 22
':1398‘:' .33 25 | 015 0.008 - .069 . .65

1693 - 425 31 .o 0.016 104 .77

Lnterpolated va}ué.':



Table 5.--Results of pyrite oxidation at pH 8 and 02 at saturation

[mM, millimolar; leaders (---) indicate not detected]

2~ ‘ 2- onl= 2"‘n -

| “Elapsed time  Total sulfur  §,06" - S, 037 - 8057 - . 'S0, NaOH added”
' \jminutes)' o (mM) ) sulfur (mM) sulfur (mM) sulfur (mM) sulfur (mM) (mi]liequivalents)
2 Mot determined - Y X
16 0.037 l9.007) 0.024 - 0.005 .05
T 13 o0 .07 e L0465
| w2 a9 1(.015) a2 Y Y
 ', 217 1; , | 30 1(.020) - _,> A7 R . ~ .40
M - a2 w26 .23 . . RN

_lData are based upon a_linearAinterpolation between an initial value of zero and the final value at 346.



Table 6. --Resu]ts of pyrite ox1dat10n at pH 9 and 02 at saturation

[mM m11]1mo]ar, leaders (---) indicate not detected]

2- 2-

E]apsedvtime ~ Total sulfur  §,0. - $,03 - SO%‘ - “SOi'“ - NaOH added

. (minutes) (mM) - sulfur (mM)  sulfur (mM) sulfur (mM) sulfur (mM) (milliequivalents) -
7 0.0% - Trace 0.021 - .035
a3 095 ©0.008 - .063 .021 ©.003
68 :1(.’2'0') Loz Y 041 (.021)
'1"06ﬁ A 26 o2t .18 .053 002
189 44 .024 o .069 .021
37 LI 027 .50 .075 .035

| 1Ihterpolated value.
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Mean oxidation state
- of sulfur in solution

pH

Figure 7. - Mean-oxidation state of sulfur in solution as a function of pH.



Figure 8 summarizes results of rate of addition of NaOH as a function of
pH. This rate is the slope of the.NaOH versus time curves in figure 2. ‘Fof
those plots that are ﬁon]inear, the initial part of the experiment was
"neglected inAtHis calculation on .the assumption that this behavior is‘relatéd
to. a more rapid reaction of the finest particles, as mentioned above.  The
plot demonstrates an increase in NaOH addition rate with increasing pH. This
increase is partiéu]ar]y marked befweEn pH 8 and 9.} A simf]ar result was ‘
noted by previous workers (Smith and,Shumate; 1970). |

At first glance, figure 8'suggests that rate of "pyrite oxidation" (which
in this context is defined as the rate of oxidation of ferrous iron in pyritev
to ferric iron in iron oxide) increases at pH 9 relative to pH 6. However,
the relationship between:hydrogen ion produt%ion'(NaOH cbmsumption).and rate
of pyrite oxidation is dependent upon ﬁheAparticularlgulfur oxidation product -
produced as i]]uggféfed'by the following equations.that are written so as to

produce a constant amount of goethite (Fe0.OH);

2FeS, + 7 o2 + 5H20' = ?f;'eOOYH"+ 8H+"+ 4502' ! | L (3)
2Fes, + 51/202.+ '5Hé0 = 2Fe00H + 8H' + 4502‘-'” o - o (4)
2Fes, + 40#4: 2H,0 = 2Fe00H + 24" + ts4o§‘. B o ' O
‘2Fe$2 ¥ 3 v1/2"0»21 _%vsto' . 2Fe00H + 4H" + 23293‘ .' D S - (6)“
s, e tg ko sFwone® @) N

2 2
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| Rate of -*NaO’H-ad'dition,ﬁ- : N

meq/gram pyrite/hour . -

.01

.06

.03

.02

05

.04

Predicted\'
— ,
e | 1 | l 1 1 N
"2 3 4 5 6 7 8 9
Figuré 8. - Rate of NaOH addition in milliequivalents per‘gram pyfite per hour

during pyrite oxidation as a function of pH.

( ) data of this study. - :

( ) data of Smith and Shumate, (1970) Normalized to correspond

' at pH 6 to the results of this study.
The predicted curve is discussed in the text. ‘



of particu]er’interest is the fact that pyrite oxidatipnaleading»
~ exclusively to elemental sulfur (SO, equation»7)'produces no-hydrogen_ions.'
Therefore; the possibility exists that at low pH, where low rates of hydhogen-
ion production (NaOH consumption) are observed; the oxidation of. iron may
nevertheless be proceeding at a rapfd rate with an~assoctated buildup of
sizeable quantities of elemental sulfur in the solid phase. This_possibility
was examined in two ways. In one procedure,‘ah attempt was made to measure
ferric iron in oxidized pyrite and to compare this‘measured.value to one
predicted from the NaOH comsumption deta; Oxidized iron was determined by
leaching pyrite previously oXidized in the pH-stadt in boiling 6 N HC1 for
10 minutes. Pyrite is insoluble under these conditiohs, whéreas irbh oxides
“are sofub?e }Betnek, 1970);"Iron'Was determined on the supernatant by :
- colorimetry utilizingfthe ferrozine'technique!(Stookey,f1970). A b]ank-
censisting of_uhreeeted byrtte was’ruh for comparison. "The pred1cted va]ues
were calculated as follows: (1) The ratio of moles of iron oxidized to moles
of hydrogen ion produced was ca]cu]ated by comb1n1ng equat1ons 3-6 in the
proport1on dictated by the observed proportions of ana]yt1ca11y detected A
- aqueous sulfur species. (2) Th1s ratio was then mu]t1p]1ed;by the actual
- . amount of hydrogen ions produced, as determined by the QoTume of NaOH consumed"
times its known concentration. The hesu]ts of -this .calculation, as well as |
’ the observed Qa]des, are cbmpahed in»tabie 7. The”égreement-between the two
estimates is considered reasonable considering that‘the 1eaching'pfocedUre’is
rather~crude;: In-particular,'the«results for the pyrite'oxidized'at’pH 6 show
| vno buildup of ox7dvzed iron over that pred1cted from the - ana]yt1ca]1y : k
.vdeterm1ned su]fur species. - ‘ ' ' '

In a second set ‘of exper]ments, elementa] su]fur was determlned dlrectly

- on the same prev1ous]y ox1dlzed pyr1te samp]es as ‘shown in tab]e 7.. A
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Table 7.--Comparison of iron oxide iron predicted to ‘have
formed during pyrite oxidation experiments
~ with that leached by HCl

Predicted  Observed
“_v__“.-u.;t (mg) -~ - -(mg) -- --
pH6 - 5 . 3
pH8-(02=50 percent) 4 _I g
pH8 (long term)* 84 101
pHO | 28 18

~ *This was a sample oxidized for longer (4700 m1nutes)
than in other exper1ments (typ1ca11y 1ess than 450
minutes) to allow more extensive buildup of . oxidation

products.’
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separate aliquot of eaeﬁ of these samples was refluxed in acetone, as was a
standard eonsisting of flowers of .sulfur. Sulfur dissolved in the acetone was
| then determined by the procedure of Bartlett and Skoog (1954).' Aﬂ] values
determined were extremely Iow,‘and none were significantly above the values of
the blank determined from unreacted pyrite. The two experihents together |
indicate that solid elemental sulfur was not a significant product in these
experiments. _ |

The data for H' production as a function of pH is compared (fig. 8) to
the oxygen-consumption results of Smith and Shumate (1970). The oxygen
consumption data were normalized to correspond to}the‘.H+ production results at
_pH 6. Comparison of the two plots shows close correspondence et pH 7 and 8,
but the H+-production shows a‘iarge reletive inerease at pH 9. In a general
vsense; the two measures of pyrite-oxidetion rate should shift with respect to
each‘dther‘és'a'functfoh of pH. Inspection of equationse3—7fshows that the
relationship ot 0, consumed to H* produced is a function of the particular
sulfur species produced as shown on figure 8 by the "predicted" curve in wh1ch
| the rate of H* productlon is calculated relative to oxygen consumption based
“upon’ the observed distribution of sulfur oxyanlonsvat each pH (fig. 5).
Viewed in this way, there is rather poor agreement between the two data sets
at pH 8 end 9. Although the origin of the d1screpancy is not presently known,
it may 1nd1cate a sens1t1v1ty -of the distribution of sulfur products to the
part1cu1ar experimental des1gn._ ' | '

- Observations on'solid reaction predUcts wefe consistent with the chemfcal
data in that elevated pH led to mueh more rapid‘oxidetion effects. = N
'Essentially no‘diseerntble differences were seen between‘unreaeted pyrite and
that oxidized at pH 6. . Likewise, the sulfide concentrate from the Benavides

deposit oxidized for 2 weeks between pH' 5.2 and 4.4 was not detectabiy_
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"affected.::Invcomparison, pyriterdeized at pH 9 had a‘distinctive'surface
tarnish but no discrete reaction rim was resolvable ustng the petrographfc
microscope. The su1f1de concentrate, however, showed marked effects of
ox1dat1on after both 2 and 6 weeks. ‘After 2 weeks, most grains had deve1oped
| at least a discontinuous iron-oxide. rim, presumably by replacement of iron
disu]fide."On some grains,»these‘rins'were continuous and crudely unitorm in
: thickness;’the rims were typica]]j 1 micrometer thick. In many. grains, the |
.oxide rim had bu]ied‘away from the sulfide substrate, 1eaving.a 1-3 micrometer
gap between the two phases. This gap may have occurred either during reaction
or-perhaps~as an artifact of desiccation during samp]e preparation. Marcasite
oxidiied more rapidly than'pyrite, asvevidenced by grains containing both
phases in which the pyrite was significantly less rep]aced by oxide than was
marcasite.- A]ong one: such gra1n perimeter, an ox1de rim was 2 m1crometers
.th1ck aga1nst marcas1te and 1 m1crometer th1ck against pyrite.. In-a large
number of gra1ns there~was extensive embayment of su1f1des-rather than.
uniform rimming, suggestlng preferent1a1 attack along fractures or other zones
of weakness.

After 6 weeks, the types of features observed were essent1a]]y similar to
those at 2 weeks, a]though oxidation was more advanced in that. a. h1gher
_'proport1on of grains bore a-continuous oxide rim and ox1de rims were as much
-as 3 or 4'micrometer3'thick.' Residual unreacted pyr1te was occas1ona]1y
tconta1ned w1th1n the oxide rim. In a few. grains the outer margin of the ox1de
- rim seemed¢to.be pseuddmorphic after the original grain boundary, but in most
. grains'thishrelationship cou]d not be established. Oxide rfms on marcasite?

_gra1ns were as much as 11 mlcrometers th1ck, in some- gralns this rim had the

fdef1n1te appearance of a pseudomorph1c replacement._'



M Discussion

Mechanism of-pyrite 6xidafion

The results of this study demonstrate fhat metastable sulfur 6xyanions
accumulate aslintermediates ih the paﬁhway of pyrite oXidation over the pH
. range 6-9.. These species. show a systemic pH'depehdence hith a more 6xidized
assemblage'detected at lower pH. A review of the literature on the ehemistry
'of'su1fur’oxyanf0ns suggests‘that the'broad outlines of the obserQed
v distributian can be hationa]ized on the basis.of-we]l-established kinetic
behavior of these ions. | _ |

Under weakly ac1d1c cond1t1ons, th1osu1fate is readily oxidized to -
tetrathionate by weak oxidizing agents (Lyons and Nickless, 1968) equation 8.
'2szo§‘+_21_1+¢_,1/202‘+.,s4o§' + Hy0 - S (8)
.: A]ternativeiy,-under strong]y aCid“cqnditions, thiosulfate may
. disproportionate to elemental sulfur and sulfite.
2

S 03';4'- H+ > HSO,” +

2 e o

Th1osu1fate 1s known to per51st however, under a]ka11ne conditions

. (Dowson and Jones, 1974) This-is c]ear]y ‘a k1net1c phenomenon. Calculations

.lon the p051t1on of . the tetrath1onate-th1osu]fate equx]xbr1um (equat1on 8),
based upon the free-energy data in Garre]s and Christ (1965) show that
.tetrath1onate ought to predom1nate at the p02 and pH of the exper1ments.
Su]flte 1s also re]atlve]y 1nert under a]ka11ne cond1t1ons (Dowson and
rJones, 1974) but is rap1d]y ox1d1zed to sulfate under aa1d1c conditions. Rand

- .- and Gale (1967) have determ1ned that su1f1te ox1dat1on rate is- proport1ona1 to )
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hydrogen-ion.concentration to the 1.6,power over the pHArange 6.5 to 7.7 and
to hydrogen jon to the first power at lower pH's. The oxidation rate, wtth'
other rariables held constant, decreases by three orders of magnttude between.
pH's of approximate]y 4 and 7.7. ‘The mechanism of this oxidation is not
‘straightforward, as indicated by fractional dependence of the rate on both
- hydrogen-ion and su]fite concentration. | |

Po]ythlonates, -in contrast to thiosulfate and sulfite, are unstable in
alkaline so]ut1on, be1ng converted dom1nant1y to th1osu1fate ( Lyons and
N1ck1ess, 1968; Dowson and Jones, 1974) but are re]atlvely stable under

ac1d1c cond1t1ons.

2- 2-

45402' + 50H R 5s 0

6 * S,037 + 25306 + 3H20 ) o . (10a)
or
25 02" + GOM" » 35,02 + 2502 + 3H.0 o 4 \ .(10b)
4% > 350 )3+ 3H, '
25 02’ . 60H" » 5S 02' + 3H 0 | o y (11)
5505 * 2%3 20 o ~

,Therefore, the observed buildup of sulfite and thiosu]fate at pH 8-9 can
be‘postulated assdue'to the fact that theSe,ionsfare intermediates in.the '
‘sulfdr;okidationepathway;}a]ong Whichsfurther.oxidation.is to some extent
arrested:in‘this-oH range.'dThe~antfpathet1ca1 relationship between .

~th1osu1fate su]fur and. tetrathlonate sulfur (figure 5) suggests the

T poss1b111ty that th1osu1fate is- 11kew15e an 1ntermed1ate at pH ]ess than 8

: wh1ch 1s converted to tetrath1onate (equat1on 8) at a rapld rate compared to

'product1on from 1ts precursor in the pathway.v Furthermore, the sum of
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'sulflte-plus sulfate sulfur at pH 9 is rough]y similar to the proportion of
su]fate to total sulfur at pH less than 9. - Thjs s1m11ar1ty suggests that
- sulfite oxidation provides a sizeable component of the observed su]fate.'
These observations_imply,'but do not prove,‘that the sequence of suifur-
oxidation steps'is less sensitive to pH than is the relative rates of these
steps. o |
- A.usefu].oomparison is that between-su1fur-oxidation_products obserued
during oXygenation ot aqueous HS‘)HZS and those found during byrite
‘-oxidation.; A]though«a'number of-stuoies of the HS’/HZS pathway have been
| rconducteo,’the,most comprehensive work to date is that of Chen and Morris:
(1970, 1972). They noted an induction period prior to the initiation of
.}su1f1de removal and a pH-dependence of the nature of sulfur 1ntermed1ates. At
pH s greater than neutra] th1osu1fate_and sulfite were predomlnant.- The
rat1o of th1osu]fate‘su1fur to all other suifur-oxidation*products'fncreased
' (at similarvtimefof reaction):uith&jnoreasing'pvarom about 52 percent to-75
~percent oVer'the pH range 7.9'to'8,8;.,The comparable figures from the present
‘study are 54 percent;and 70 peroent, respective]y‘(fig. 5). At .pH 1ess’than.
-seven,FChen and-Morris detected polysulfide ions (§§',;X»= 2- 6). ‘Vjsible
precipitation of elemental sulfur occurred at pH 6.7 ahd~be10w.v Polysulfides
'are stab1]1zed hy reaction -of elemental sulfur w1th aqueous bisulfide .
(equation 12)

oxs% s Hs"x;'sf';l& W S a

and therefore are not expected as pers1stent spec1es in -the pyr1te ox1dat1on

1a; pathway. Polyth1onates, however, wh1ch are produced in the pyrite- ox1dat1on

'ufpathway, have a 11near structure as do po]ysu]fldes, and their S-S bonds react
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' chem1ca11y in a fashlon similar to those of polysulf1des. The polyth1onates
may represent the ox1datlon products of po]ysu1f1des produced in the absence
-~ of aqueous sulfide. o ‘ »

Chen and Morris (1970, 1972) concluded that‘HS'/HZS’oxidation in the
neutral pH range operates hy'production of elemental suifur via‘a chain -
mechanism (hence the 1nduct1on period), and further react1on of this sulfur to
form polysulfides that are much more rapldly oxidized than is HS™ or HpS.
iUnder alkaline conditions, elemental sulfur is still an important intermediate
" but po]ysuifide ions do-not build up; owing to remoua] of zero-valent sulfur
by a mechanism such as the reverse of equat1on 9. |

The s1m11ar1ty in product species between HS™ /HZS and pyr1te oxidation
probab]y 1nd1cates a s1m11ar pathway involving an. 1ntermed1ate that is some
. form of zero-valent sulfur. Sato (1960) tentat1ve1y proposed on the bas1s of
. e]ectrochemicaT.measuremehts, that the‘1n1t1a1~step in pyr1te oxidation at

neutral to basic pH's (equation 13):

Fes, * 3H

20+ 're(on)é.+ 3'2,+ 3Hf, + 3e” o " | D (13)
‘_produces dfatomic.sulfur; a result that:SUpports this interpretation. The
s_‘absence'of an‘induction‘period.for'pyriteioxidation (see for example,
A-'figure‘1)'1ikewfse‘fits this hypothesis.,

' A]though the genera11zed observat1ons Jjust presented serve to part1al]y :
:rat1ona11ze observed sulfur-species. d1str1but1ons, they do not comp]ete]y

-

"»exp1a1n the ox1dat1on of the pyr1te 1tse1f, in that the iron component is not

"spec1f1ca1]y considered. In order to deal w1th this - aSpect, it is. necessary

':31t°:dfaﬁzubdncresultS'of.other stud1es._,“f
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'Comparison'of.this study with those conducted at 1ou:pH suggests that
‘there exist two pH regimes for pyrite"OXidation‘thatvdiffer mechanisticaily;
At pH less than about 4, ferrous iron. is released.to solution and only slowly
is converted to ferric iron that can serve as an oXidant,‘su1fur appears‘in
ia so]ut1on as su]fate, and the overall rate of ox1dat1on 1s independent of pH.
This pathway contrasts with results at pH greater than 4 in which ferr1c iron
(as a hydrated(?) ox1de) is rapidly. produced, su]fur is not as fu]]y oxidized
~as at Tower pH's, and the reaction rate is pH—dependent.n Rev1ew of the - |
available Titerature on sulfur spec1at1on and su]fur-ox1dation;kinetics

reveals no obvious re]ationship of sulfur chemistry to the transitions from

. pH—1ndependent kinetics to pH-dependent kinetics.

The pH of this" trans1t1on, however, corresponds approx1mate1y to a change
in the rate oonstant of homogeneous oxygenatlon of aqueous ferrous iron
"(S1nger and Stumm, 1968) Above pH 4, “this: constant is dependent;upon
“hydroxide concentrat1on to the second power and be]ow pH 4 is independent of
pH. This observat1on must be carefully tempered by the fact that

heterogeneous ox1dat1on of ferrous iron in pyrite 1s.be1ng‘compared to-
- homogeneous:oxfdation in.aqueous:SOTution,‘and by  the fact -that the rate

.- dependence on hydroxide concentrationfis'stronger for the aqueous system.'

. Still, the observed behav1or of iron dur1ng pyr1te ox1dat10n fits quite well

‘with the postulate that pH contro] of this process resides in the 1ncreased
-:lrate of ferrous 1ron ox1dat1on that beg1ns to man1fest 1tse1f in the v1c1n1ty
~of-pH 4 and above.h |
‘l A]though the ev1dence supports a mechanistic d1fference in pyrite

’vox1dat1on above and be]ow pH 4 two observatlons tend to ‘be true for the.

- -ent1re pH range-—the 11near (0th order) overa]] reactlon rate and a f1rst-

.- order’ dependence ‘on oxygen concentrat1on or part1a1 pressure up to some
':j11m1t1ng va]ue. . s : : '
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- Linear rates of pyrite oxidation have been reported in strongiy'acid

soiutions'atv100;130°C_(McKay and Halpern, 1958) and 25-30°C (Smith and

. Shumate, 1970) and in mild to strong alkaline solutions at 60-120°C (Burkin;

1969). - These constant rates ho]d over an extent of reaction of greater than-

- 30 percent of the starting pyrite in some of the Cited studies.i Dresher and

~others (1956) found Simiiar,behaVior for molybdenite (MoSz) oxidation under
a]kaline‘conditions at 110-200°c, indicating that-the phenomenon is not unique
“to iron disulfide. |

‘Several exceptions”to the iinear-rate behavior‘have~been‘noted and these

“can be related to buildup of products on the pyrite surface. This non-

“f_ linearity was observed under acidic conditions by Bergholm (1955) and was

;eiated to a diffusion barrier arising from a buildup of ‘elemental sulfur.
Burkin (1969) noted'that when impure‘pyrite ore-containing pyrite is oxidized
at- a]kaline pH, the iron oxide product. is mechanically retained around the
pyrite surface, caUSing a difoSional barrier and a decrease in rate with
time. In pure pyrite, this oxide layer was observed to spall off, exposing
~ fresh surface‘except where‘cracks penetrating intolthe‘grain mechanically
retained theAiron oxide. iThe petrographic observations: of the present study
indicate that for pyrite oxidation‘at-a]kaline pH's and at room temperature,
an ox1de difquion barrier may . indeed form. The discrepancy between this

‘ resu]t and the observations of Burkin (1969) are perhaps re]atab]e to the

- differing temperature regimes ‘of the two studies. At the higher temperatures,
'“.adifferentia] stressvbetween.the oxide and su]fide layers may be greater, owing
.f to a temperature-dependence or to the;crystai;structure of:theﬁoxide; o
lvproduced. The:transition from a chemicaily‘controiied (iinear) rate-
'i.determining step to a phySically (difoSion) controi]ed one may, therefore be‘r

' reiated to second order effects resu]ting from conditions of QXidation such asl
differing temperatures. T ' - ' ' ‘

36



The.approximate first-order.dependence of oxidatfon rate on 0, has been
found for 02-5 1 atmosphere partial pressure in several studies (Stenhouse ahd
Armstrong, 1952; McKay and Halpern; 1958; Smith and Shumate, 1970; Bgrgho]m,.
1955; this study). - An interesting similarity is evident in comparing the data
of Stenhouse and Armstrqng (1952) and the MoS, study of Dresher and 6thers

(1956). Both studies found linear dependence of rate on 0, partial préésure
up to 13.6 atmosphehe<02, with a flattening out of the_rafé curve at greater -
p02.'.A~possib1e ihplication is that adsorption.of 0, by the sulfide surface
- is more closely related to the -S, group than to the nature of the metal.

This conclusion'needs to be tempered by the data of Smith and Shumate (1970)
- and of Clark (1966) who reported a similar form to the rate versus PO, curQe

_ but a Tower limiting pO0s. = The general form of the rate versus p0, curve is
consistent with a. mechanism involving éurface adsorption on active sites on
the pyrite surface. ». |

Despite the fécf that the preceding discussion does not<unique1y define
the mechanism of pyrite'dxidation at pH's of 6-9, it does allow some
'generalizations to bé drawn.  These can be summarized in the following

reaction scheme:

Fes2 +0, > FeSé....Qé Qlow |  ’ | T 18)
’Fesz.;..dz;+'pu; ; Feb2(oH)+ f_s;.> '-‘ slow o (15)
f_ngz(on)* + OH » FEOOH.; H,0 | fasﬁ o : (1sf
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?? - - . .
9 112 -52932 + 505 fast R (18)
2 2- | . |
S03 > SO fast at pH <9 . . - (19)
| S,057 » S0~ fast- at pH <7 . S ' (20)

'This sequence inCorpprates.the information that the rate of oxidation iS
prbbably_confro]]ed in this pH range by iron chemistry (équation.14-16) and is -
sensitive to-both 0o and OH™ cohcentrations. .The fate of the sulfur compbnent
415.2xtreme1y comp]ex and caﬁnot as yet be comp]eté]y defined.
| Implications for Ore Genesis

The results of this study indicafé that metastable sulfur oxyanions can
be produced -during nonbiogenic oxidation of iron-disulfide minerals. This
obsérvation thus confirms in‘part the hypothesis of Granger{and Warren (1969),
~ as discussed in the introducfion to the present papef. However, some caveats
must be'piaced upon applying the bresent reéults'to ore-depositing systems.
This study was conductedvin éxtreme]y simp]ev501Utions. Oxidation of sulfur
oxyanions ié clearly subject tq both bacterial and inbrganic catalysis (Chen
and'Morris, 1970; Shepafd, written commun., 1980), and the jﬁf]uencé of such
FCatalysis'muét be&evaldéted to determine if metastable sulfur oxyanions can
bersist.long»enough as intermediates‘in pyrite oxidation to function as sulfur

carriers in ore-forming systems.
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