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ABSTRACT

Title of Dissertation: The Kinetics and Mechanism of
Sedimentary Iron Sulfide Formation

Albert John Pyzik, Doctor of Philosophy, 1976
Dissertation directed by: Dr. Sheldon E. Sommer

Associate Professor
Department of Geology

The reaction between goethite, a-FeOOH, and aqueous
bisulfide ion, HS™, was studied under conditions represen-
tative of estuarine sediments. The concentration-time
curves of the following species were determined by spectro-
photometric methods: total sulfide, dissolved sulfide,
precipitated sulfide, thiosulfate ion, sulfite ion, elemental
sulfur, and dissolved (<0.1p diron. Polysulfides (SZ and SE)
were monitored by ultraviolet absorbance measurements, while
the hydrogen ion concentration was determined with a pH
electrode. Elemental sulfur, both as free and polysulfide
sulfur was found to be the major sulfide oxidation product.
Thiosulfate ion comprised about 14*8% (electron balance-
wise) of the oxidation products.

Concentration-time curves of precipitated sulfide
sulfur were analyzed by the initial rate method to determine

the rate expression. The rate expression for the reaction



between o-FeOOH and HS 1is

d [Fes]/dt = k [HS1:97 (H")1%% A gon
L

where d[FeS]/dt is the rate of precipitated iron sulfide
formation, [HS"]; is the initial total sulfide concentra-

t Hon, (H+)i is the initial hydrogen ion activity, AFOOOHi

is the initial goethite surface area in mz/l, and k is the
rate constant with the value 31x10 M~1 171 m_2 min~ L, 0.97,
0.82, and 1.1 are the reaction orders for the species
bisulfide ion, hydrogen ion, and goethite surface area
respectively.

A combination of hydrogen balance and electron
transfer balance and stoichiometric reactions were studied
in view of the rate expression to yield a mechanism.

The multistep mechanism consisted of several parallel
and consecutive reactions: (1) the protonation reaction of
the goethite surface, (2) the parallel reduction reactions
of ferric iron to yield elemental sulfur and thiosulfate as
oxidation products, (3) the dissolution of the ferrous
hydroxide, and (4) the precipitation reaction of dissolved
ferrous species and aqueous bisulfide ion. The rate deter-
mining step in the reaction sequence was the dissolution step.

Results of this study indicate that the oxidation of
sulfide species by ferric iron may be a significant source
of elemental sulfur in the sediment. Elemental sulfur is
necessary for the formation of pyrite (FeS,), the thermo-

dynamically stable iron sulfide.



In addition, the previous studies of the interstitial
waters of anoxic sediments showed an excess of "dissolved"
iron which was greater than calculated from equilibrium
solubility products. It is suggested from particle size
studies of the precipitated iron sulfide that these high
concentrations are a result of the submicron particles of
ferrous sulfide (<0.1p . These particles would obviously
pass through the 0.45u filters which are traditionally used

as the dividing line for dissolved and particulate species.



FOREWORD

Any man's finest hour -- his greatest
fulfillment to all that he holds dear
-- is that moment when he has worked

his heart out in a good cause and lies
exhausted on the field of battle --

victorious.
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INTRODUCTION

The formation of sedimentary iron sulfide occurs as
a result of a series of complex geochemical reactions and
microbial processes in anoxic sediments. Mackinawite (FeS),
greigite (FeSS4) and pyrite (FGSZ) are the most common iron
sulfides found in anoxic sediments. These minerals form by
the reaction of detrital iron minerals, particularly fine
grained iron oxyhydroxides, and bacteriogenic hydrogen
sulfide (Berner, 1970). Iron sulfides form in benthic en-
vironments which are characterized by low wave and current
energy, high biological productivity, restricted bottom cir-
culation and high depositional rates. These conditions re-
strict the horizontal and vertical transport of oxygen rich
waters and permit the accumulation of organic matter
(Richards, 1965). Aerobic oxidation of the organic matter
reduces the dissolved oxygen concentration and results in
the formation of anoxic conditions. Typical anoxic basins
are the Black Sea (Caspers, 1957), Cariaco Trench (Richards
and Vaccaro, 1956), Santa Barbara Basin (Kaplan et al., 1963)
and Saanich Inlet (Nissenbaum et al., 1972). High biological
productivity and high sedimentation rates in tidal flats
and salt water marshes also result in dissolved oxygen
depletion.

In both situations, the deposited organic matter 1is

utilized by a series of microorganisms in a sequence of
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respiratory and fermentation processes as follows:

(1) Aerobic respiration
CHZO o O2 =+ €0y + H
(2) Nitrate reduction :
5 CHZO + 4 N0z + 4 H » 2 Ny + 5 Co, + 7 H,0

2O

(3) Sulfate reduction
2 CHy0 + SOy » HS™ + HCO% + H*

(4) Methane production
o, + 4 Hy » CHy + 2 H,0

(In the above reactions, CH,0 represents generalized organic
matter in the form of carbohydrate.) Reaction two is not
quantitatively significant due to the low concentration of
nitrate in the sediment (Richards, 1965).

Several important effects of the sequence are (1) the
removal of dissolved oxygen, (2) reduction of the redox
potential (Eh), and (3) the formation of reduced sulfur
species. The first two effects are interrelated and result
in the formation of aerobic and anaerobic zones in the sedi-
ment and water columns. The boundary between these biologi-
cal regions usually occurs at or below the sediment-water
interface. Several multioxidation state elements (Fe, Mn,
S, C, and N) are present in the sediment. The redox boundary
for each element is a function of the redox species, con-
centration, and usually pH (Garrels and Christ, 1965).

Sulfate reduction is a microbial process that does
not occur inorganically (Hem, 1960; Berner, 1970). The
important sulfate reducing bacteria belong to the genera

Desulfovibrio, Desulfotomaculum and Clostridiunm (Trudinger
L ANE L 1 ge
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et al., 1972; Zajic, 1969). These obligate anaerobes are
dissimulatory sulfate reducers, that is, they reduce sulfate
in excess of that needed for cellular growth. Sulfate is
the terminal electron acceptor in the respiratory process.
In addition, it is a necessary source of oxygen and energy
for the microbes. Hydrogen sulfide is a respiratory by -
product which reacts with available chalcophile elements to
form metallic sulfides (Zajic, 1969).

A few ppm of hydrogen sulfide imparts an unpleasant
taste and odor to air and water. More important, it is ex-
tremely toxic to most microorganisms and higher organisms;
the ceiling value for humans is 20 ppm (Christensen and
Luginbyhl, 1974). It was responsible for massive fish kills
in Norway and Canada when meteorological and hydrographic
conditions resulted in the upwelling of sulfide-rich botton
waters (Ozretich, 1975; Brongersma-Sanders, 1957). Dissolved
sulfide should diffuse out of the sediment as a result of
the concentration gradient that exists between the anoxic
sediment and the overlying water column. Fortunately,
there are several processes which can remove or bind hydrogen
sulfide in the environment: biological oxidation, chemical
oxidation and metal sulfide precipitation. The last two
mechanisms are of particular interest in this study. Iren
sulfide precipitation would bind the hydrogen sulfide or the
bisulfide ion in the sediment since the metal sulfides are
extremely insoluble. The process would only be effective if

the rate of reactive metal addition to the sediment exceeds
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the rate of sulfate reduction. In addition, the concentra-
tion of hydrogen sulfide can be controlled by the coupling

of the oxidation of hydrogen sulfide with the reduction of
ferric iron. This is extremely likely since hydrogen sulfide
is a strong reducing agent. This redox process would convert
toxic hydrogen sulfide into several sulfur oxyanions such

as sulfite, thiosulfate, and sulfate. However, some of these
oxidation products (e.g- thiosulfate) can be utilized by

Desulfovibrio and hence would be recycled by the bacteria.

Both chemical oxidation and metal precipitation could reduce
the concentration, the concentration gradient, and ultimately
the diffusion of H,S out of the sediment.

Dissolved sulfate is the principal source of sulfur
for iron sulfide formation. Marine organic matter contains
approximately 1% organic sulfur, and thus represents less
than 1-2% of the sulfur budget for iron sulfide formation
(Kaplan, Emery, and Rittenberg, 1963). Dissolved sulfate
is trapped with organic and inorganic detritus upon deposi-
tion and is reduced by bacterial processes. Additional sul-
fate diffuses into the sediment from the overlying water in
response to the concentration gradient that develops because
of the sulfate reduction. The diffusion of sulfate is sub-
stantiated by sulfur isotope ratios which show a progressive
enrichment of 32g in the reduced sulfur species. This en-
richment can only be explained by assuming access by the
sediment to the unlimited sulfate reservoir in the over-

lying waters (Thode and Kemp, 1968).



Two processes are important in the removal of sulfate
from seawater: calcium sulfate formation and sulfate re-
duction-pyrite formation (Berner, 1972). At present, there
are no quantitatively significant evaporite basins for
calcium sulfate formation, hence pyrite formation must be
the major control of oceanic sulfate concentration. Calcu-
lations by Berner (1972) for sulfur uptake due to pyrite
formation in pelagic and semi-euxinic basins can only ac-
count for 5% of sulfate delivered by river water. Berner
thus proposed that either metal sulfide formation is much
higher in shallow water environments or the seawater sulfate
concentration is increasing. Therefore an increased under-
standing of the formation of iron sulfides in nearshore and
estuarine environments may allow explanation of the dis-
crepancies in the sulfur budget.

Several possible sources of iron are present in a
reducing sediment: dissolved iron, organic iron, detrital
iron minerals, iron oxide and oxyhydroxide coatings on min-
eral grains, and structural iron in clay minerals. Previous
work (Gibbs, 1973; Carroll, 1958; Drever, 1971) has shown
that only the last two sources are quantitatively signifi-
cant. Iron oxide coatings are formed as a result of weath-
ering and soil forming processes. These oxides are goethite,
lepidocrocite, haematite, and iron oxides of indefinite
structure (Carroll, 1958). Although they are found on all
detrital particles, they are mainly associated with the clay

sized fraction (Berner, 1964a). Von Straaten (1954) showed
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that the principal source of iron sulfide formation is ad-
sorbed iron in the clay fraction. Precipitated and copre-
cipitated iron oxide coatings comprise 40-47% of the river
load of iron (Gibbs, 1973).

These iron coatings are stable in an oxidizing envi-
ronment but are removed by reducing conditions. Ferric
hydroxide (Fe(OH)S) is the thermodynamically stable phase
in oxidizing environments. However, the lowering of Eh be-
low +350 mv at pH 8 and 0 mv at pH 6 (Hem and Cropper, 1959)
results in the reduction of ferric iron to ferrous iron.

The latter is more soluble and more mobile. The particular
ferrous species which predominates is a function of the

salinity and the pH At pH 7 and in fresh water, Fet? ig
the most stable species, while at pH 8, FeOH" and we" = are
equally important. In saline waters at pH 7, FeCl*, pe+2,

and FeOH+ are important, while FeOH* predominates at pH 8
(Kester et al., 1975).

Structural iron (i.e. that within the crystal struc-
ture) comprises 45-48% of the total river load of iron
(Gibbs, 1973). This iron species was assumed to be unavail]-
able for reaction. However structural iron may be important
where other iron sources are not present. Drever (1971)
determined from studies of nonexchangeable magnesium in clay
minerals that structural iron in clay minerals can be ap
additional source of iron for FeS formation. Higher values

of nonexchangeable magnesium were determined in reducing

sediments than in mineralogically similar oxidizing

IIIIIIIll-----------lllllllllllllllIIIIIIIIIIIII---________¥
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sediments. This was attributed to replacement of ferrous
iron in the octahedral layer by magnesium. This would be
significant in sediments which contain clay minerals rich
in iron, e.g. nontronite, glauconite, and chamosite.

Iron sulfide formation affects the distribution of
trace metals in reducing sediments. Reactant iron oxides
and oxyhydroxides adsorb trace metals (Co, Ni, Cu and Zn)
in oxidizing enviromments (Jenne, 1968). During iron sul-
fide formation, the adsorbed trace and heavy metals would
be released upon dissolution of the iron oxyhydroxides.
Krauskopf (1956) indicated that the concentrations of Cu,
Zn, and Cd in marine sediments could be explained by pre-
cipitation as the metal sulfides. On short time scales,
the concentration of Mo in anoxic sediments was shown to be
controlled by coprecipitation with the iron ' sulfides
(Bertine, 1972). Thus in theory, the concentrations of
chalcophile elements are controlled by the formation of
metal sulfides. Studies of trace metal concentrations in
interstitial waters of reducing sediments (Brooks et al.,
1968; Preseley et al., 1972) have shown that the concentra-
tions of several chalcophile elements (Cd, Co, Cu, Fe, Ni,
and Zn) exceeded the equilibrium concentrations by several
orders of magnitude. Polysulfide and bisulfide complexes
were proposed to explain the greater solubility of the
metals (Barnes and Czamanski, 1967; Krauskopf, 1956).

A better understanding of the formation of sediment-

ary iron sulfides is needed because of their importance in
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several environmental and geological processes. The distri-
bution of toxic H,S in the sediment water column is affected
by the precipitation of iron sulfides. The rate of this
process is important. The precipitation rate must equal or
exceed the rate of sulfate reduction to prevent the accumuy-
lation of sulfide and eventual diffusion of HZS into the
overlying waters where it could adversely affect aerobic
organisms.
The concentration, distribution, and mobility of

chalcophile elements is theoretically controlled by the sol-

ubility of metal sulfides. Recent data (Brooks, Prescley,

e e

and Kaplan, 1968; Preseley, et al., 1972) indicate trace

metal concentrations in interstitial waters greater than pre- ‘

dicted by solubility calculations. Possible intermediate i

species in the mechanism of iron sulfide formation, such as

polysulfides, could explain the high solubility. Unfortu-

nately, no data exist for intermediate species.
4

Geologically, the oceanic sulfur budget appears to

be out of balance. There exists mo quantitatively signifi-
cant sink for dissolved sulfate; however, the rates for near-

shore formation of iron sulfides are not known.

Thus additional data on the rates, kinetics, and
mechanisms for the formation of the various iron sulfides

are needed before their impact on these other processes cap

be adequately assessed.

~————‘
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sulfur present.

FeS + s° + FeS, AG = -17.0 kcal
Fe 5, * 2 s® » 3 FeS, AG = -45.5 kcal
AG = - 1.9 kcal

3 FeS
Fesmack 7 pyrr

However, there is no evidence for authigenic pyrrhotite for-

mation in recent sediments. Metastability of mackinawite
and greigite is a problem (Berner, 1967).

Stability field diagrams of iron minerals in anoxic
sediments are difficult to represent on the traditional Eh-

pH diagrams because the variables P., —and pS~ are also in-
g COZ

volved. TFortunately, the pH varies only from 6.9 to 8.3

(Ben Yaakov, 1973) while the PCO2
Thus Eh-pS~ diagrams at constant pH and PCOZ yield the sta-

ranges from 10~ to 10

bility field diagram in Figure 1. This figure represents

the average situation of anoxic marine sediments (pH = 7.5

dnd PCO o 10“2-5)_ The broken line in the pyrite field
2
represents the Eh-p

sediments by Berner (1964b). These values indicate that the

s= values recorded for anoxic marine

Eh of reducing sulfide sediments is controlled by the sulfur-

sulfide half cell
HS™ + §° + H' + 2 e~
The Eh-pS= values indicate that thermodynamic equilibriun

is being established and metastable FeS is being altered to

stable pyrite.

S -1
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This diagram represents the '"average situation' expected

for“many anaerobic sediments (Berner, 1964).
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Previous studies of the sedimentary occurences of

iron sulfides have been limited by the physical and chemical

characteristics of these minerals. Tetragonal and amorphous

FeS, and pyrite, (1) occur in low concentrations, (2) are poorly

crystalline, (3) are extremely fine grained and (4) are sus-

ceptible to air oxidation. The low concentration and poor

crystallinity hinder the identification of these minerals
by x-ray diffraction because they produce broad peaks or no

peaks at all. Identification by microscopic analysis is limi-

ted by the fine grain size, while extreme care is needed in

handling to prevent air oxidation. Thus initial studies

have been directed to the characterization of these minerals

and the physico—chemical conditions that are necessary for

their formation. Several modern laboratory studies have

been directed to this end.

Berner (1964a)synthesized several iron sulfides from

aqueous solutions at atmospheric pressure, temperatures from

20° to 90°C and pH conditions from 3 to 9. The purpose was
to identify the iron sulfides that were prepared under simu-

lated conditions by x-ray diffraction in light of the afore-

mentioned difficulties. The results showed that the nature

of the iron sulfide products was affected by the pH, tem-

perature, presence of oxidizing agent, and type of iron source

Tetragonal FeS was the most commonly produced iron

sulfide. It was produced at pH 7-8 when reagent grade iron

metal, ferrous sulfate solution and synthetic goethite were

the reactants. Synthetic goethite of different crystallinities

FRRA ST e
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was used to approximate natural limonite. Again goethite
produced a more crystalline FeS.

Pyrite, marcasite and elemental sulfur were found
only when an oxidizing agent such as air or ferric iron was
present. This should not be unexpected, since an oxidizing
agent would be needed to oxidize sulfide sulfur to elemental
sulfur. Elemental sulfur reacted rapidly with dissolved
sulfide to form polysulfides (Teder, 1971). The sulfur in
pyrite and marcasite is in a mixed oxidation state; both
the zero and the plus two states are present. S; is a poly-
sulfide and hence would require the presence of elemental
sulfur to form.

Results (Berner, 1964a) also indicate that the type

of iron source material is important in controlling the

nature of the product sulfide. The use of dissolved ferrous
iron promoted rapid reaction and the formation of an amorph-
ous precipitate. The use of iron metal resulted in a slower

reaction and a more crystalline product.

Unfortunately, there are several experimental factors
which make the results of questionable applicability to
sedimentary environments. In many runs, the temperature ex-
ceeded 35°C and the pH was either 4 or 9. These conditions
lie outside the limits of temperature (<30°C) and pH values
(6.9 to 8.3) of reducing marine and estuarine sediments.
Also, most reactions were conducted in unbuffered solutions;
the recorded pH values were the final pH values. There was

no indication of the range of pH values over which the

ARSI R S v

et e I e e e s, e .
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solutions might have varied. In some experimental rUns, &
small air space was left in the reaction vessel which would
have allowed volatilization of hydrogen sulfide from the
solution phase into the gas phase. This would have been
particularly important in reactions below pH 7 where molec-
ular hydrogen sulfide is the stable species. More import-
antly, the presence of air resulted in the oxidation of
sulfide to elemental sulfur and the subsequent formation of
polysulfides. Air would not be present in reducing sedi-
ments since oxygen is a poison to sulfate reducing bacteria.
The goal of this study was to determine the important con-
ditions in the formation of iron sulfides and the identifi-
cation of those products. No attempts were made to determine
the kinetics and the mechanisms of the reaction.

Roberts et al. (1969) also stressed the importance
of elemental sulfur in their study of pyrite formation.
Sulfur was produced in situ by the oxidation of hydrogen
sulfide by ferric iron. Pyrite was synthesized by the re-
action of goethite and molecular hydrogen sulfide at 250(.
The results indicated two mechanisms for the formation of
pyrite: (1) the reaction of ferrous iron with the disulfide
ion (SZ] and (2) the sulfidization of FeS with elemental
sulfur. The latter reaction was much slower than the former.
Several factors cast doubt upon their conclusions and the
applicability to sedimentary environments. The presence

of oxygen could have changed the reaction mechanisms. This

is exemplified by the difference in the reaction products
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that were observed in the reactions where all conditions
except the addition or exclusion were the same. Little
control was exercised over the pH of the reactions. Only
a few pH values were listed. A great deal of emphasis was

placed on the existence and importance of the disulfide ion.

Studies of the equilibrium distribution of polysulfides
(Schwarzenbach and Fischer, 1960; Teder, 1971; Giggenbach,

1972) showed that the disulfide ion would be stable only

at extremely high pH levels.

jckard (1969a) used a '"qualitative semi-kinetic
R

approach' to determine the mechanism of formation of the

various iron sulfides from aqueous solutions at low tempera-

ture and pressure. This information was then used to define

the physico—chemical conditions necessary for the formation

of each iron sulfide. Results indicated that the minerals

may be used as indicators of the conditions in the environ-

ment. However, this is subject to limitations since several

conditions may permit the formation of a few iron sulfides.
The following iron phases were used as reactants:
ferrous carbonate, ferrous sulfate and synthetic goethite.
Reactant sulfide phases were sodium sulfide, sodium poly-
sulfide, and sodium thiosulfate. The solutions were not

bufferred and the pH values given were those measured at the

end of the experiment. Previous work by Berner (1964a)

showed that the pH of the solution affects the product

iron sulfides.
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Reactions of ferrous carbonate with sodium sulfide
solutions at pH 6-10 produced smythite, with minor amounts
of mackinawite. This was the only circumstance in which
the rhombohedral Fe384 was produced. At lower pH values,
the ferrous carbonate dissolved and mackinawite was formed.
Rickard thus concluded that the preexistence of siderite
(FeCOs) was necessary for the formation of smythite. A
comparison of the diffraction patterns of smythite and
siderite (Table 1) revealed a close similarity of the inter-
planar distances of the two minerals. This similarity
could have caused the epitaxial growth of smythite on the
surface of siderite particles. Natural occurences of
smythite do not indicate a siderite precursor.

Mackinawite was produced by the reaction of ferrous
sulfate and sodium sulfide at pH 6.5 to 11.7 and also syn-
thetic goethite and sodium sulfide at pH 7.0 to 9.0. This
mackinawite contained adsorbed or coprecipitated sulfide as
shown by chemical analysis. The Fe:S ratio was 1:1.1.

When this material was dried and heated at 70°C, greligite
was formed. At lower pH values, the reaction of ferrous
sulfate and sodium sulfide produced greigite. This indicated

to the author that there was a mackinawite to greigite trans-

formation which was pH dependent. pH values of anoxic sedi-
ments are such that greigite should not form. The use of

lower pH values for the goethite reaction resulted in the
formation of sulfur, marcasite and pyrite. A check of the

Eh-pll diagram for the five species indicated that elemental



s il A P ol ol i A
z gy s s

Table 1

List of d-spacings (in A) for Smythite and

Siderite Smythite

11.6

B, 75
5.59 3.82

3.00, 2.96
2.79 2.86, 2.83, 2.75
2.56 2,56
. -1 248, 2,29, 2.26
I 2.16
1.96 1.978

1.897
1.783
1.734 1284

1.687, 1.672
1.547 1,877, 1.5406
1.426 1.435, 1.427
1.383
1.354 1.381

1.306
1. 281 1.28
1.236 1.5
l.228

1.15, 1.18

1.06

Siderite:
8-133. 8o = 5.796 A

Smythite:
g ap = 3,465 A, ¢ = 34.34 R

T S
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Siderite

Data from ASTM Powder Diffraction File Card

Data from Erd, Evans, and Richter (1957)
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sulfur is a stable species at lower pH values.

Pyrite, marcasite and sulfur were produced by the
reaction of sodium polysulfide with ferrous sulfate, syn-
thetic goethite and mackinawite at sedimentary pH values.
This supported Rickard's major conclusion that the sulfur
bearing phase was important in controlling the nature of
the iron sulfide product. This was concluded because only
ferrous iron was used as a reactant. This contention was
made in spite of the fact that goethite was one of the re-
actants. Ferric iron is present in goethite.

The pyrite:marcasite product ratio was found to be g2
function of pH. At pH 4.4, marcasite was a major product,
but the ratio decreased as the pH increased, until at pH 9.5
no marcasite was observed. The variation in the product
ratio was ascribed to the different mechanisms of formation
for the two minerals. Pyrite was believed to form by the

direct precipitation reaction between (1) dissolved ferrous
iron and polysulfide
The formation of marcasite involved a solid state oxidation
reaction between sulfur and a preexisting iron sulfide.
This last reaction was slow at low temperature and hence
marcasite would not be found in recent anoxic sediments.
Pyrrhotite was not observed in any of these
exper iments.
These reactions were conducted with rigorous ex-
clusion of air to prevent errors in interpretation due to

unknown side effects from air oxidation. However, no such

ions or (2) mackinawite and polysulfide.

NTET TN

SRR AR L ST i e ea
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precautions were taken with respect to the pH of the solu-
tions. In anoxic sediments, the pH of the interstitial
water ranges from 6.9 to 8.3 (Ben Yaakov, 1973) due to the
buffering systems in the water. These experiments by
Rickard were conducted in unbuffered solutions to prevent
the possibility of reactions between the precipitates and
the buffer components. Thus the pH of the solutions might
have changed considerably, particularly in those experiments
in which goethite was used as a reactant. The ferric iron
in goethite would have oxidized the hydrogen sulfide to
This would

either elemental sulfur or sulfur oxyznions.

have produced considerable hydroxide ions as in the following

reaction

2 FeOOH + 3 HS™ » 2 FeS + s8° + 3 OH + H,0

which would have changed the pH of the solution considerably.
This would have been important since high concentrations of
iron (0.9M) and sulfur (1.85M) would have produced
considerable amounts of hydroxyl ions. In his discussion,
Rickard also noted that the high concentrations of iron

and sulfur resulted in a higher rate of precipitation for
mackinawite and pyrite than the rate of crystallization.
The resulting fine grained sulfides could have affected the
rates of transformation of mackinawite to greigite and the
mackinawite to pyrite transformation. It was suggested

that inconsistencies in the results could have been caused

by the importance of grain size on the reaction rates.
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Thus concentrations that are more realistic should be used
in order to make comparisons between laboratory experiments
and authigenic iron sulfide formation.

The formation of iron sulfides is a biologically
mediated process insofar as the reactant hydrogen sulfide

nolecule or ion is produced by bacteria. Thus Rickard (1969b)

conducted a series of experiments to determine if the mi-
crobial formation of iron sulfides differed from the abio-
genic reactions. Ferrous salts and synthetic goethite

were biogenically sulfidized by the metabolic processes of
Qgggligzihzig,QEEElfﬂliiiﬂi at pH 6-8. Mackinawite was the
initial iron sulfide produced from both iron reactants.
After three months greigite was observed at pH values of 6
and 7 in the experiments with ferrous salts. This was in
agreement with the earlier observed mackinawite to greigite
transformation that was observed in the abiogenic study.
Mackinawite was the predominant phase present at pH 8 after
nine months.

Marcasite and pyrite were observed at pH values 6
and 7 after three months, in the reactions where goethite
was the reactant iron phase. Mackinawite persisted at pH §
for three months. After six months, pyrite and marcasite
were found at all pH values from 6 to 8; marcasite was the
predominant phase at pll levels 6 and 7. This latter result
was in agreement with Rickard's earlier abiogenic result
that showed that marcasite was formed at acid pH values.

No crystallographic differences were detected between
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the iron sulfides produced in the inorganic study and the
microbial study. Pyrite framboids were not found in this

study. This added credence to Berners (1969) statement

that biological control was unnecessary for framboid formation.

Rickard therefore concluded that there was no dif-

ference between the mechanisms of formation of biogenic and
abiogenic iron sulfides. One important difference was the
absence of rhombic sulfur as a product of the sulfidization
of goethite in all but the initial products. The rapid
disappearance of the sulfur was attributed to the formation
of polysulfides initially, which then reacted with organic
compounds to form organic sulfur complexes.

Although this study delineated the reactions and con-

ditions necessary for the formation of iron sulfides, rate

expressions and mechanisms for the reactions were not developed.

Sweeney and Kaplan (1973) studied the formation of

pyrite framboids, both in the laboratory and in nature.

Freshly precipitated iron sulfides were reacted with excess
elemental sulfur in aqueous and anhydrous conditions at 60°-
Sooc, X-ray diffraciton and scanning electron microscopy
were used to determine the mineralogy and the texture of the

products. Framboids were produced only in the reactions

with water. The mechanism for framboid formation suggesteq

was: (1) precipitation of the iron monosulfide mackinawite,
(2) reaction with elemental sulfur to form greigite, ang

(3) transformation of greigite spheres to pyrite framboids.

The mackinawite to pyrite transformation was consistent with
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Rickard's (19694) work. However, no pH data was given so
that direct comparison between the studies was not possible.

The texture of sedimentary pyrite was both framboidal and

non- framboidal, which indicated to the authors that two

mechanisms for pyrite formation were involved.

Berner (1970) also studied the formation of pyrite

in the laboratory and in nature. Framboidal pyrite was syn-

thesized from 0.1 an

rous sulfate,

of 6.9 and 7.9. After two weeks, pyrite was formed in the

experiments where excess sulfur was used. No pyrite was

formed in those runs in which barely sufficient sulfur was

added to form polysulfides. Pyrite framboids were found on

the surface of sulfur particles. Thus it was concluded that

sulfur served as a nucleation surface for the formation

of pyrite.
Field studies by Berner (1970) of Connecticut coastal

sediments showed that pyrite was forming at the expense of

the iron monosulfides. The source of the elemental sulfur

which was necessary for this reaction was not identified.

In sediments overlain by aerobic bottom waters, sulfur can

be formed in the aerobic zone by either the chemical or bio-

logical oxidation of the hydrogen sulfide which diffuses

into the aerobic zone. However, in sediments overlain by

anaerobic waters such as the Black Sea, the process for the

formation of elemental sulfur is not known. Yet, the for-

mation of pyrite has been observed in these environments.

d 1 M solutions of sodium bisulfide, fer-

and elemental sulfur at 65°C, and pH conditions

1L R TeRT
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This transformation reaction of FeS to FeS; was predicted
to be completed within several years at the concentration
and temperature of the sediments (Berner, 1970).

The first kinetic study of the ferric iron-sulfide
system was conducted by Cheng (1972). The object of this

study was to determine the affects of ferric ions on the

oxygenation kinetics of reduced sulfur species in simulated

natural water environments at pH values of 4, 7, and 10.
Results showed that the reaction rate was directly propor-
tional to the iron concentration. In the presence and ab-

sence of air at pH 4, the ferric ion was reduced to the
ferrous species.

2

Hys + 2 Fe'S > 2 HT SO + 2 Fe'

However, at higher pH values and in the presence of oxygen, y

the ferrous ion was not detected. This was probably due to
the rapid oxidation of ferrous to ferric ion at neutral and

alkaline pH values (Stumm and Lee, 1961). One interesting

result showed that the rate of the reaction increased direct-

ly with the ageing of the ferric solutions. This was attrib-

uted to the increased coordination of the ferric iron to

hydroxyls during the longer ageing periods.

No analysis of solids was reported in this study.
The kinetics and mechanism of the sulfidation of

goethite was studied by Rickard (1974). pH measurements

were combined with mass balance and equilibrium relation-

ships to determine the rate of the reaction. A proposed
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mechanism consisted of a simple initial stage and a complex

secondary stage. The rate expression for the initial Stage

was shown to be

= B3/2

d(FeS)/dt = k (H+)2 [S ] (A)

where d(FeS)/dt was the rate of production of FeS in M 1 sec™1

(H*) was the hydrogen ion activity, [ST] was the total sulfi
de

ion concentration in M~ and (A) was the goethite surface

area in cmz. The rate constant k was 1.5 x 107 M-l/Z 1-1/2

=2 o |
cm sEC s

The black product was shown to be identical with a
mixture of x-ray amorphous ferrous sulfide and poorly Crys-

talized mackinawite. No pyrite or elemental sulfur was ob-

served in the x-ray diffraction scans. The proposed mechanism

included a dissolution reaction in the first stage. The
second order rate dependance 1in the rate expression on the
hydrogen ion activity was interpreted as an indicator of a

dissolution process. This was concluded from g comparison

with a study of the opposing oxidation reaction of aqueous

ferrous iron (Stumm and Lee, 1961) in which a second order

rate dependance was observed for hydroxyl ions. Line broad-

ening in the x-ray scans indicated to the author a fine

grained iron sulfide product. This was interpreted as ad-

ditional evidence for a dissolution reaction.

A dissolution step was proposed to produce ferric

ions in solution.

3 + H » Fe
FeOOH; 5154 © Taq
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g 5 +3
The stability field of ferric ion, Fe ~, (>750 mv, <pH 2;

Hem, 1960) 1s incompatible with the reaction conditions used

by Rickard (1974; pH 7-9 and Eh <-100 mv). Conditions in an-

oxic sediments, pH 6.9-8.3 and Eh <-100 mv are also incom-

patible with the existence of dissolved ferric iron. Thus

the dissolution step 1s more likely to be preceded by the

reduction of iron. Thermodynamically, ferrous ions are more

stable then ferric ions at the pH and Eh conditions found

in anoxic sediments.

However, Rickard proposed that the second step in

the mechanism of iron sulfide formation involved the reduc-

tion of ferric iromn by sulfide ion which was then followed

on of the iron monosulfide.

by the precipitati

o]

Fe*3 + 3/2 8T + FeS + 1/16 Sg

This work (Rickard, 1974) resulted in a rate expression and

rate constant. The proposed mechanism had insufficient

verification since the dissolved products, intermediates,

¢
o
y
1y
b
ot
n
i
ne
!
!

and elementary step were not identified. The solid products

were studied and characterized, but the solution products

were not jdentified. Yet a study of the dissolved reaction

products could give more detailed information about the

mechanism and the rate of the reaction. This is true be-

cause the sulfide oxidation products are easier to identify
than are the solid products. Dissolved species are not af-

fected by the problem of small grain size or that of poor

crystallinity. In addition, the concentrations of the
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dissolved species are easier to measure.

Studies of the oxidation of sulfide solutions by
oxygen (Chen and Morris, 1972; Cline and Richards, 1969;
O'Brien, 1974) have shown that several sulfur species were
produced by the sulfide-oxygen reaction. Sulfate was the
thermodynamically stable sulfur oxidation product, but ele-
mental sulfur, polysulfides, thiosulfate and sulfite were
also produced and persisted at sedimentary conditions for
varying periods of time. Similar studies of the ferric iron-
sulfide system are not available.

The reaction order for each species in the rate ex-

pression was determined by maintaining the concentrations of

i

all other species in the reaction constant except the one to
be studied. The rate of the reaction was followed by the
change in the pH. pH changes of 0.1 to 0.4 pH units were

observed. Yet hydrogen ion was one of the species in the

rate expression and as such should have been kept constant.

This variation in the pH might have affected the reaction

order of the other species. More likely, the rate constant
would have been altered. In addition, the experiments were
conducted at relatively high total sulfide concentrations
(0.05-0.5 M). This is 10 to 100 times the maximum concentra-
tion of total sulfide that could be expected in nature.

This could conceivably have altered the rate of the reaction
by changing the texture of the product. Rickard noted this
in an earlier study (1969a). Future studies should be cop-

ducted at more realistic or natural sulfide values (<0.005 M)
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The complex secondary stage of the sulfidation of
goethite, the formation of pyrite, was studied by Rickard

(1975). Iron monosulfides were reacted with elemental sulfur

in aqueous sulfide solutions to determine the kinetics of

pyrite formation. The rate expression for this reaction was

determined to be

d(FeS,)/dt = k (Fes)2 (s) (zsT) h)

where d(FeSZ)/dt was the rate of pyrite formation in M~! "%

sec_l, k was the rate constant, (FeS) was the surface area

of FeS in sz, (S) was the surface area of elemental sulfur

in cm?, (£S~) was the sum of activities of the dissolved

sulfide species, and (H") was the hydrogen ion activity.

The rate constant varied from 1 x 1512 (40°C) to 3 x 10-14

- =8 -1
(5°C) en® mole 19 sec .

A proposed mechanism included (1) dissolution of both

sulfur and ferrous sulfide, (2) formation of polysulfide ions.

and (3) precipitation reaction between aqueous ferrous ions
and polysulfide ions. The pyrite produced was non-framboidal
although the reactant sulfur was classified as framboidal -
the author. The reactant iron sulfide particles were spheri-
cal with a mean diameter of 0.02 .

These studies have contributed greatly to the under-

standing of the formation of iron sulfides. However, it is

difficult to correlate the results because of the wide range

of experimental conditions that were used by the various re-

serarchers. Different temperatures, pH values, reactant
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concentrations, iron phases and sulfide reactants were used.

Yet by limiting the range of some of the conditions (tempera-
ture to 20°-25°C, and pH To 6-8) some agreement can be achiev-

ed. Results from similar experimental conditions are listed

in Table 2.

Several general statements can be made about these
results:

(1) mackinawite was the initial iron sulfide formed

(2) greigite formed at acid pH values only
(3)

mackinawite transformed to greigite in acid pH
conditions

(4) marcasite and pyrite needed elemental sulfur to

form

mackinawite altered to pyrite when elemental
sulfur was present.

(5)

Other results not listed in the table showed that greigite

transformed to pyrite. The texture of the pyrite was af-

fected by the presence of greigite as an intermediate. No
adequate explanations have been advanced to consistently

explain the nature of the products.

The product distribution can only be explained by

determining the elemental chemical steps of each reaction.

In order to accomplish this, the dissolved products, inter-

mediates, and time-concentration curves of each species

must be determined, in addition to characterizing the

mineralogy of the solid iron sulfides.

=2

= Sl



Table 2

Summary of Reported Sulfide Products

Iron and
sulfur pH
reactant
species <6 8.5 7 8 >8
Fe*tZ, §7
initial G M M M M
3 months G G G,M M M
6 months G G G M M
Goethite, S~
initial S,MS,P M M M M
3 months MS,P MS,P,M MS,P,M M
6 months MS, P MS,P MS,P P ,MS
Re*d, Be p,MS,S P,MS,S P,MS,S P,MS,S
Goethite, S; S 8 S S S
M, S% P ,MS
Fe concentration: 0.05-1 M
s~ concentration range: 0.05-1.8 M
G = greigite MS = marcasite
M = mackinawite S = sulfur
P = pyrite Sy = polysulfides

29
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EXPERIMENTAL

A mechanism of iron sulfide formation requires the
identification of the solid and dissolved products of the
reaction between ferric oxyhydroxides and aqueous bisulfide
ion. In order to accomplish this, several series of experi-
ments were conducted. Goethite and poorly crystalline
goethite were reacted with aqueous bisulfide ion (0.002-0.09 M)
to determine the kinetics of the initial sulfide oxidation

products under the following conditions: pH 7.0-8.0,

_ _ =3 - o T _ 0
Fetotal = 0.8-5.6 % 10 ~, 1 0.295 (salinity 24-25 /oo)’

temperature = 25.0%#0.2°C. These values are representative

of typical estuarine conditions.

A. Preparation of Reactant Iron Minerals

1. Coethite
Synthetic goethite (a-FeOOH) was prepared by the

alkaline hydrolysis of ferric nitrate solutions (Atkinson

et al., 1968). Ferric nitrate nonohydrate was dissolved 1in
distilled water followed by the addition of 2.5 M NaOH to
The zsolu-

give a hydroxide:iron ratio between zero and two.
tion was next hydrolyzed at room temperature for 50 hours.
Concentrated NaOH was added until the pH was greater than
10.6. The red brown suspension was aged in polyethylene
bottles for 80 hours at 60°C. After ageing, the samples

were centrifuged at 2100 RPM for 52 minutes and washed with
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distilled water until a negative reaction with AgNOz was
obtained. Samples were suspended in distilled water and
stored in polyethylene bottles.

The size of the particles was determined by transmis-
sion electron microscopy. High initial hydrexide:irem ratios
produced small lath-like particles (630x160 AR) while larger
particles (5100x840 A) were produced by low hydroxide:iron
ratios. The surface areas of these particles were found to
be 66 and 12 m2/g, respectively. Both samples gave electron
and x-ray diffraction patterns corresponding to goethite,
although not all reflections were observed for both samples.
The amount of FeOOH 1n suspension was determined by drying

aliquots of the suspension at 90°-100°C for 24 hours.

2. Amorphous Fe(OH)3

Poorly crystalline Fe(OH)3 was prepared by dropwise
addition of 2 M KOH to 2ZM FeCl3 with constant stirring, un-
til pH 7 was reached (Landa and Gast, 1973). The pH was
monitored by a glass electrode referred against a single
junction reference electrode. The brown-red precipitate
was centrifuged and washed with distilled water until a
negative chloride test was achieved. X-ray diffraction pat-
terns (Gr K, radiation) showed no peaks. Electron diffrac-
tion patterns showed two broad, weak lines which were attribu-
ted to (021) and (002) reflections of goethite. The particle

size was 150 A, and the surface area 133 mz/g.
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B. Electrode Measurements
All pH measurements were made with a Ag-AgCl low
sodium error glass electrode. This was referenced against

a double junction reference electrode with a 10% KNO3 outer
filling solution, or a single junction reference electrode
with a saturated KCl-agar salt bridge. The glass electrode
was calibrated and the slope was checked prior to each mea-
surement with pH 7 and pH 10 buffers. The experimental slopes
ranged from 95% toO 100% of the theoretical slope of 59.16 my
(at 25°C). The Eh was measured with a platinum billet elec-
trode referenced against a double junction reference electrode.

The Pt electrode was calibrated with fresh Zobell solution

at +0.430 mv (Parks, 1968) .
The pS was measured with an Orion Ag-AgS electrode.

All measurements WwWere made with an Orion #701 digital pH

meter and a #605 electrode switching box.

C. Reagents

All solutions were prepared from reagent grade chemi-

cals. The solutions were prepared with distilled water ex-

cept the sulfide stock solutions. These were prepared with
distilled water which was deoxygenated by bubbling with nitro-

gen gas for 8-12 hours. Stock sulfide solutions were pre-

pared by flushing a glass stoppered flask with N, for several

minutes. The crystalline sodium sulfide monohydrate was

rinsed with distilled deoxygenated water, to remove oxide

coatings, and wiped dry with Kimwipes. Ihe necessary weight
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was dissolved 1in distilled, deoxygenated water, made to

volume, and used within one hour of preparation. Tests for

polysulfides, thiosulfate, and sulfite of the stock sulfide

solution were negative.

D. Dissolved Reaction Products

1. Reaction vessel

The studies of the oxidation products were conducted

in a 0.5 liter plexiglas cylinder (Figure 2). (The interior

surface area with the piston in, is 426 sz-) The cylinder

was sealed at top and bottom with plexiglas sheeting. The

top had holes for a thermometer, gas bubbling tube, two

sampling ports, and a glass piston. The piston permitted

the removal of a sample without the introduction of a gas

phase to the chamber. .

The plexiglas bubbling and sampling tubes were sealed

to the top lid with methylene chloride. The glass thermo- L

_ 9 i - re sealed to the 1id with Gener: ¥
meter and piston barrel we h General §

Electric silicone cement. A gastight seal was made between

the piston and the barrel with silicone stopcock grease.

The reaction vessel was maintained at 25.0x0.2°C by

means of a thermostated water jacket. All solutions were

stirred with a glass stirring bar at constant rate for the

duration of the run. (Private communication with R. Berner

indicated that sulfide could diffuse through Teflon and

react with the magnet of a Teflon coated stirring bar.)

The top of the reaction vessel was covered with plastic
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glove bags and flushed with nitrogen. This provided an

inert atmosphere for sampling.

2. Reaction medium
The reaction was conducted in a bufferred saline

solution with an ionic strength of 0.295+0.005. Sodium
chloride was used to adjust the ionic strength. (The sali-
nity varied from 23.8 o/OO at pH 7.45 to 24.9 O/OO at pH
8.55.) palitzsch borax-borate buffer (Harvey, 1955) was
used to maintain essentially constant pH fyrom 7.45-8.55.

The buffer capacity of the medium was determined experiment-
ally, and found to range from 1.50 mM/0.1 pH units at pH

7.60 to 4.08 mM/0.1 pH units at pH 8.50. More extensive

data on the medium 1is listed in Table 3.

3. Procedures

The reaction vessel was washed with dilute nitriec
acid, rinsed with distilled water and dried. Appropriate
volumes of buffer, sodium chloride solution, distilled water,
and acetic acid were pipetted into the reaction vessel and
bubbled with purified nitrogen for 8-12 hours prior to
addition of stock sulfide solution. Next, sulfide solution
was added to give the desired total sulfide concentration
(1-5 x 10°3 M). The S=, polysulfide, thiosulfate and sulfite
concentrations and pH were determined. (The sulfite test
was later discontinued due to early negative results.)
After 30-60 minutes, an aqueous suspension of a reactant

iron species was added and mixed for 5-10 minutes. The



Borax solution = 19.108 g NayBy09 » 10 Hz0 / 1

Boric acid solution = 12.404 g HzBO; + 2.925 g NaCl / 1

Borax

Palitzsch Borax -

ml _
solution
50

45

40

35

30

25

20

L&

10

A .

Table 3

Borate Buffers

Boric acfg_solution pH @
50 8
55 8
60 8
65 8
70 8
75 7
80 7
85 7
90 7

i e A2
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lonic

25°( Strifgth
.48 0.075
.38 0.072
.28 0.070
.17 0.067
.05 0.065
.92 0.063
.76 0.060
.58 0.057
.34 0.055
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n after 15-30 minutes and at regular

intervals for generally 24 hours.

pH was measured a

0.2

the solid was analyzed

tated sulfide

proximately 3 ml was removed, plac
centrifuged at 2100

moved part

centrifuged solutions W€

several
through
process
sulfide

smaller

solution sulfide.
filtered through a 0.l filteT.
the filtrate to preci
sample).
with 25 ml of acetone€
suspension was S€
tered through a 0.2y filter.
thiosulfate, sulfite,

the analytical

The sample was extruded into a syringe barrel. The

nd total sulfide was determined. Next,

ml was filtered through a 0.2p Nuclepore filter, and

for precipitated sulfide. (Precipi-
refers to adsorbed or reactant sulfide.) Ap-

ed in UV cuvettes and
RPM for 15 minutes. This procedure re-
icles largerT than 1000 &. The UV spectra of the

re recorded form 470-230 nm. In

eC after fi % s
runs, the UV spectrum was recorded after filtering

the 0.1y filter, put it was found that the filtering

resulted in 1o0sS of solution sulfide. Solution

refers to dissolved sulfide and sulfide from particles

than 1000 A. The supernatant liquid was sampled for
Approximately 3-6 ml of suspension was
0.1 M ZnCl2 was added to
pitate ST as ZnS (0.1 ml Zn()l2 / ml

The filtered solid was refluxed for 30 minutes

+o extract elemental sulfur. This
¢+ aside, shaken after 30 minutes and fil-
The filtrate was analyzed for

and dissolved iron. A flow chart of

procedure is shown in Figure 3.
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Figure 3

Flow Chart of Analytical Procedures

0.2 ml filtered €——PpH measurement ———> 0.1 ml analyzed
through 0.2y for §_

filter and B 1
extracted for Sp

3 ml'centrifuged for Fepy o5 ml Filtered
15 min @ 2100 RPM through 0.1 y

\I/ / filtej/

UV spectra from

470-260 nm for Sy filtrate treated filter extracted
l, with 0.1 ml with 25 ml acetone
Zr_1C12 / 1.0 ml for 30 min for §°
0.2 ml of filtrate L
supergatant
T SA )
C resulting suspension
filtered through 0.Zyu
fiiter after 30 min
8503 Feuy
Sp = total sulfide = solution and acid extractable solid
sulfide
SE = solution sulfide
S; = acid extractable solid sulfide
S° = gcetone extractable elemental sulfur
SZO§ = thiosulfate ion
Feg, = dissolved iron (<0.1u) before addition of ZnCl,
Foys = dissolved iron (<0.1u) after addition of Zn(]l2

S = polysulfide, sy and St
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4. Electron microscopy and electron spectroscopy

In several runs the solids were studied by transmis-

sion electron microscopy (200 KV Hitachi) to note changes

in morphology and mineralogy. Here, the reaction suspension

was centrifuged at 2100 RPM for 15 minutes. The supernatant

liquid was decanted and the solid was resuspended in distil-

led deoxygenated water. This suspension was spotted on cop-

per electron microscope grids, with a collodion substrate.

After drying in a nitrogen atmosphere, the sample was analyz-

ed by transmission electron microscopy. Both micrographs

and diffraction patterns were recorded. The diffraction

patterns were calibrated with thallium chloride or aluminum.

Several samples were also analyzed by ESCA (Electron

Spectroscopy for Chemical Analysis). Electron spectroscopy
(Siegbahn, 1967) is a technique for measuring the binding

energy of gjected electrons after interaction of the sample

with high energy photons oOr X-Trays. The values of the bind-

ing energy can be calculated from the following equation:

P - - B
By = By bsp Tsp

B A o 3 2, e v A R N
where By 1is the electron binding energy, Ej is the energy of

the sxciting source, Pgp is the work function in the vicinity

of the spectrometer, and E,. is the recoil energy. The work

function and the recoil energy are generally neglected for

light elements, and the binding energy can be calculated

from e knowledpe of the EXCIEINE SO0RTCe and kinetic energy
gy.

The binding energy is @ function of the atomic number of -
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element, and the chemical environment. Thus information

about the structure of the molecule and the oxidation state

of the element can be determined. ESCA measures these prop=

erties of the top 100 & only, and therefore the surface
must be representative of the bulk of the sample.
The suspensions were filtered through a 0.2 filter

under a nitrogen atmosphere. After drying, the sample was
transferred with double sided scotch tape to an aluminum
sample holder. The Fe 3p and S 2p spectra were measured on

a Varian induced electron emission electron spectrometer.
The spectra were calibrated with a Au standard at 83.4 eV

and smoothed by a standard computer program using five points.

5. Analytical procedures

Concentrations of dissolved species were determined

colorimetrically. All measurements were made on a Cary 15
UV-visible spectrophotometer with a 1 cm quartz cell. Dis-

tilled water was used in the reference beam.

A1l methods were checked to insure that there were

no interferences from reactant, buffer, or other product.

Procedures were modified when necessary, due to small sample
volume. Otherwise, all methods were used as stated in the
referenced works in the sections that follow. Necessary

modifications, detailed procedures, and calibration curves

for the different species follow.
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a. Sulfide sulfur

Total, solution and precipitated sulfide were de-

termined by reaction with N,N-dimethyl-p-phenylenediamine

sulfate (Budd and Bewick, 19523. 0.1 ml of total or solu-

tion sample was fixed in 5 ml of 2% zinc acetate. Precipi-

tated sulfide was measured after filtration of 0.2 ml of

sample through a 0.2y Nuclepore filter. The filter and

precipitate were transferred to zinc acetate solution.

0.5 ml of dilute amine solution and 0.1 ml of saturated

ferric chloride were added, mixed and made up to 25 ml.

Absorbance was measured at 670 nm. The mean relative stand-

ard deviation of the method was 4.5% for triplicate analyses,

while the detection 1imit was 1 x 10 M. A representative 14

calibration curve 1is shown in Figure 4.

b. Elemental sulfur (S°)

A known volume of reaction suspension was filtered

through a 0.1lp Nuclepore filter. The precipitate was ex-

tracted with 25 ml of acetone by refluxing for 30 minutes 4

(Bartlett and Skoog, 1954). Tests showed that this volume

of acetone and refluxing time was effective in dissolving

over 95% of the sulfur present. Pyrite was not extracted

under these conditions.

After cooling to YoOOM temperature, 2 ml of sample

were added to 5 ml of 0.1% sodium cyanide solution in ace-

tone solvent (5% water) and set aside for two minutes, This

acetone solvent was added to make 10 m1 and mixed. 5 ml

of the resulting solution was added to an equal volume of
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of saturated ferric chloride solution (acetone solvent) in
opaque bottles. The absorbance was measured at 465 nm. The

S )

detection limit was 1 ppm S° or 1.5 x 1074 M s The mean
relative standard deviation for duplicate analyses was 2.7%.
The calibration curves were prepared from weighed amounts

of recagent grade elemental sulfur and were linear over the

range 1-50 ppm (Figure 5). This volume was related to the

original volume through the following equation:

ppm S° x 25 ml x 1 x 10~3

Mg = |
ml sample x 32 g mole 1
c. Thiosulfate ion (570%)

1.0 ml of sample was mixed with 1.5 ml of deoxygenated
distilled water and 0.5 ml of 1% sodium cyanide solution in
as opaque bottle (Urban, 1961). 0.3 ml of 0.1 M cupric
chloride solution was added with constant swirling to pre-
vent formation of an insoluble precipitate. 0.5 ml of fer-
ric nitrate-nitric acid reagent was also added with constant
swirling. 1.0 ml of deoxygenated distilled water was added
and mixed. The absorbance of the solution was measured
within one hour at 4060 nm.

Tests showed that sulfide gave a positive interference
test and had to be removed prior to the thiosulfate test.

Two methods were tested to remove aqueous sulfide from the
filtered samples. The sample was acidified with 0.5 ml of
1 M acetic acid per 5 ml of sample and then bubbled with

nitrogen gas for thirty minutes. A second method required
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the addition of 0.5 ml of saturated zinc chloride solution
per 5 ml of sample, followed by filtration of the precipi-
tate through a 0.2up filter after 30 minutes. Both gave
similar results, but the latter was chosen for simplicity.
The samples were calibrated against sodium thiosulfate

solution (Figure 6). The detection limit was 1 x 10°° M

S70z, and the mean relative standard deviation was 3.3%.

d. Sulfite ion (SO03%)
Sulfite ion concentration was measured after treatment

with zinc chloride (West and Gacke, 1956). One ml of sample

tetrachloromercurate.

was added to 5 ml of 0.1 M sodium

0.5 ml of 0.04% hydrochloric acid-bleached p-rosaniline was

added and followed by 0.5 ml of 0.2% formaldehyde solution.
The absorbance was measured at 565 nm between 15 and 35

minutes after addition of the formaldehyde solution. The

absorbance was found to increase up to 15 to 20 minutes,

and slowly decrease after that time.
The concentration was determined from a calibration

curve (Figure 7) which was prepared from sodium sulfite
The detection limit was 1 x 10°° M S03

solutions.

e. Tven
Dissolved iron (<0.1pu particles)
1964). 0.5

0.5 ml of

was determined for

ml of sample was

the filtered sample (Charlot,
mixed with 0.2 ml of 0.1 M acetic acid, 10% hydroxyl-

.5% 1,10-phenan-

amine hydrochloride solution and 0.5 ml of 0
throline hydrochloride. The solution was mixed and set aside
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for one hour, then made up to 10 ml. The absorbance was
measured at 510 nm. The calibration curve was linear fronm
1-50 ppm and had a detection limit of 1 ppm or 1.79 x 10‘5 M.
Tests with dissolved iron standards were not affected
by the zinc chloride treatment to remove dissolved sulfide.
However, several times during the reaction runs, the iron
test was conducted with and without the zinc chloride treat-
ment. The untreated samples always showed higher concentra-
tions of iron. This would indicate that the precipitation

of zinc sulfide caused a coprecipitation or adsorption of

iron from the solution. (Calibration curve in Figure 8.)

f. Hydrogen ion (H)
The reaction of iron oxides, hydroxides and oxyhydrox-

ijdes results in the formation of hydroxide ions, according to

the following reactions:

Fe,0; + 3 HS > 2 FeS + S° + 3 o~
2 Fe(OH); *+ 3 HS™ + 2 FeS + S° + 3 OH + 3 H,0

2 FeOOH + 3 H8 =+ 2 FeS8 + 8° + 3 OH + H,0

A pH change will be observed as a result during the reaction.
The amount of oH produced can be determined from the pl
change and the buffer capacity of the system. The integral
of the buffer capacity B, from p“initial to p”final will
yield the titration curve for the buffer. The titration
curve for the borax-borate buffer (Perrin et al., 1974) was

determined experimentally by titrating a solution of the
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buffer, salt solution and distilled water (in the proportions

used in the reaction runs) with a strong base. The titra-

tion curve for the region 7.2 to 8.0 is shown in Figure 9.

The equation for the line 1is

y = 376 - 106.7 x ¥ 7.76 x2

where y is the number of millimoles per liter of added
hydroxide, and x 1is the pH. In addition to the borate

buffer, the reaction solution is buffered by the H,S-HS"

system, since the pKp for this weak acid is 6.75 at the
ionic strength of the reaction system (Goldhaber and Kaplan,

1975). The buffering capacity however, is small due to the
low total sulfide concentrations used in this series of

experiments (2-9 X 10-3 M). The buffering by this couple
is based on the fact that the reacting species in the equa-
tions is HS~, the predominant species at pH greater than
6.75. As a result, @ change 1in the total sulfide concentra-

tion or a pH changeé will result in the release of the excess

hydrogen ion which can then react with excess hydroxide ions.
S

The amount of sxtass Bydroged ijon that is released can be

determined by the following expression

w(u*) = -b(0H7) = (O oo)pH; ~ (Csy %o)pHy

where CSt (HZS) + (HS7)» and

1
T KK/ (1))

Q
1

0 T 1+ Ky/ (Y
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where K1 and K2 are the first and second dissociation con-

stants for hydrogen sulfide. At the pH conditions used in

this study, the denominator simplifies because the third

term is small and the equation reduces to

1
I S
% T (1 + Ky/(HD))

The buffer capacity of the system is thus the sum of the

two buffers (Perrin et al., 1974).

g. Polysulfides

The concentrations of the polysulfide ions, S; and

were determined from hydrogen ion, total sulfide and

oncentrations, ultraviolet absorption

85,

elemental sulfur €

measurements at 300 nm and 370 nm, and equilibrium calcula-

tions. At any wavelength, the total absorbance is equal to

the sum of the absorbances for all of the absorbing species.

At 300 nm and 370 nm, polysulfides are the only known ab-

sorbing species that are GXPGCted to be present in the re-

action solutions. UV spectra of thiosulfate, sulfide, buf-

fer solutions, sulfite, ferrous and ferric chloride solutions

bances over the range 290-400 nm. Thus, the

showed no absor
polysulfide concentrations can be determined from the equation

A= ( [Ss] 54 * [851 850 1

e, and € 5 S v
where 1 is the cell path length, €4 % Ty SER the molar
absorptivities for the Si and Sg SPEC1eS respectively, and



53

[SZ] and [Sz] are the concentrations of the respective
species. The molar absorptivities of the polysulfides are

1 ) s
at 300 nm, and 960 and 2560 cm 1y 1

3420 and 8000 cm b M~
at 370 nm for SZ and SE respectively (Giggenback, 1972).

At the conditions of the reaction for pH, sulfide concentra-
tion and sulfur concentration, the tetra- and pentasulfide
species are the only polysulfide species present. The

amount of each can be determined with the aid of the ex-

pression:
B = (HS ) (OH")/(S°)

The B range for the experimental runs was -4.5 to -6.6,

with the tetrasulfide predominating below -6.0. The B

value can then be used with Figure 10 from Giggenbach (1972).
The ratio between the two peaks at 300 nm and 370 nm

can be calculated to range from 3.35 to 3.12. However, early

experiments showed that the ratio between the two peaks

was always less than 3.1. Either an unknown absorbing

species was present or small particles were present which

scattered the light and raised the background equally over

the entire spectral range. Tests were conducted to evaluate

the two possibilities. Polysulfide solutions which had the

proper ratio for the two peaks were used. Product material

from the reaction of ferrous iron and sulfide solution were

added. This solution was used to remove the possibility

that submicron goethite particles were responsible for the

observed phenomenon. The addition of small aliquots of



e e

54

_S"s uol opTFINsATod JO UOTINGTIISIQ UNTIQITInbg :

:0T oansty
g 30T
- v A 7= g-
_ _ I ] 0
~ 07
\ e
/
/ -
umﬁm \ - 0P w
/ £,
/
4 o
4 o
N —
/ 3
\
\ 09 &
k o
N ~
N 0]
N4
- 08
_SS =S"8
00T




55

this suspension resulted in the raising of the entire yy
spectrum over the desired range. The difference between

the peaks and the shape of the spectrum did N "
S . ne

ratio between the two peaks decreased with the addition of
each aliquot. Thus the correct possibility was the scat-

tering by submicron particles of iron sulfide Product. Thisg
would be consistent with the fact that as the reaction pro-

ceeded the background increased.

The polysulfide concentrations were then determined
by subtracting the same amount from both peaks until the
proper ratio .wWas obtained. The proper ratio was determined
from the following expression

x 8000 + y 3420
¥ = ;‘7@667r77—§30
where x is the percentage of S; and y is the percentage of
SZ. The percentages X and y can be determined from the
value of B and Figure 10 from Giggenbach (1972).

A check of this entire procedure was made by taking
the concentrations determined for the two polysulfide
species, the peak positions, the molar absorptivities, and
the peak widths to synthesize a spectrum. This synthesis
pont curve resolver, which was pro-

was performed on a Du

ided by the Center for Materials Research. Figure 11
vided :

hows the validity of the method by the good fit that was
shows 5 :

~ AR
B s = . s "real spectrum
achieved by the synthetic curve and the "r I ’

over the significant region 300-380 nm.




>

Absorbance

Synthesized
Spectrum

Experimental

L{/// Spectrum

Figure 11: Real and Synthesized Polysulfide Spectra
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The peak characteristics for the polysulfides are:

\ s Sk ! ' " "
Species Va e} vi/2 vy e Y,
Sa 3030 3420 595 3676 960 595
SE 2990 8000 5210 3740 2560 520

where the v values are the wavelengths of the two peaks,
the € values are the molar absorptivities, and the Vi/2
values are the halfwidths of the peaks. Peaks and half-

widths are in angstroms (Giggenbach, 1972).

6. Dilution effects

The pH of the medium was observed to increase upon
the addition of the ferric reactants. A significant por-
tion of this change was probably due to the dilution of the
buffer. 1In order to determine the magnitude of this effect,
a series of measurements was made. Results showed that the
dilution effect was +0.01 pH units / 10 ml of solution
added to 500 ml final volume. There was no significant dif-

ference between the addition of deoxygenated distilled

water or goethite suspension. (Figure 12.)
E. Particle Size Study

Determination of the size of submicron particles of
FeS was attempted by successive filtration of product sus-
pensions. Several (10-15) ml of reaction product suspen-
sion was withdrawn from the reaction vessel and successively

filtered through 0.8, 0.2, 0.1, and 0.01p filters. The




T 0.06 [
<
+

58

Figure 12:

I IR T

20 40 60 80 100

ml Hp0 added / 500 ml solution

Change of pH Upon

Dilution of Reaction
gplution Due to A

ddition of Water



AR AR A s A R

59

Firet three FlLlters (Nuclepore) were polycarbonate while
or (Behlsicher and

the 0.01p filter was & membrane filt

Schuell).
After each filtration step, the polysulfide spectra,
total "dissolved" sulfide concentration (i.e. dissolved

sulfide and particulate jron sulfide smaller than the filter
pore size) and iron concentrations were determined by the
spectrophotometric and colorimetric methods as previously

discussed.

A decrease 1in both iron concentration and sulfide
concentration would be attributed to filtration of iron
sulfide particles. Measurements of sulfide concentrations
y the results which showed a decrease of

were complicated b

de without & con
nd 0.24 filtration steps. This

S : nitant decrease in i
dissolved sulfi o aEs 1 drem

concentration in the 0.8 4
effect was attributed to the outgassing of HZS from solu-
tion during the filtration process. As a result it was

necessary to provide a blank to correct for the outgassing.
The 0.1y filtration was repeated TwO times in parallel with
the 0.01p filtration to correct for this effect. The amount
of H,S lost was gssumed to be independent of the filter
size and only dependent of the filtration process itself,
Investigation of this result indicates that this was not
a good assumption. Consequently, the sulfide values are not
cannot aid in the interpretation of the

e and absorbance values were .

very accurate and

result. Only the iron curv

used in the particle size analysi1s.
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RESULTS AND DISCUSSION

The results of 19 reaction runs Were studied by the

initial rate method to determine the rate expression and

e formation of sedimentary 1iron sulfides.

r balance, hydro-

rate constant for th

Concentration-time curves, electron transfe

gen balance, and stoichiometric relationships were used to

determine a consistent mechanism.

Data for the reaction Tuns used can be found in
Appendix A. All but two of the reaction runs used goethite,
a-FeOOH, as the reactant iron material. Amorphous Fe(_OH)3
runs 11 and 12. The goethite suspension used

y the same method, but

h

was used 1n

in all the other runs was prepared b

three reaction runs (33, 35, and 36) used material whic

was prepared at a different time.

Studies by Jefferson et al. (1975) showed that coat-

ings on the surface of iron stained kaolinite minerals con-
sisted of crystalline goethite and amorphous iron oxide

herical diameter of the goethite

coatings. The equivalent sSp

particles was determined to be 300 A.

Figure 13 shows a sample concentration-time curve

for the various reactants and products. This semi-logarith-

mic plot is used to show the behaviour of all the species

measured during the reaction. The concentration of reactant
bisulfide ion (i.e. solution sulfide) decays rapidly at first
and then slows. This type of behaviour 1is typical of a
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multiorder rate expression. Similar polynomial growth

Curves areé observed for the product species.

Oxidation products

The reaction between goethite and aqueous pisulfide
ijons resulted in the formation of several sulfur oxidation
polysulfides, and thiosulfate.

(mean of 18 runs)

products: elemental snltfur,

und to comprise 14+8%

Thiosulfate was fo
s of total electrons

ation products on the basi

of the oxid
transferred. The reaction which can produce thiosulfate 18

s gt + 8 FeOOH + 2 HS™ = szo; + 13 OH™ + 8 Fetd

Variation of percent thiosulfate as & function of initial
sulfide, hydrogen ion concentration, and total goethite
initial surface area is shown in Table 4 - A linear cor-
relation coefficient of r = .97 was found for the initial
A linear correla-

sulfide concentration VS. ¢ thiosulfate.

= .74 was found for initial goethite

tion coefficient of T

o thiosulfate.

0

The linear correlation

surface area VS«
coefficient between initial hydrogen ion and % thiosulfate
was r = .091. These correlations will be explained later

in terms of the initial reduction reaction.

Unfortunately, such a comparison of the data of 0X-
idation products (concentration and %) with data from sedi-
ments is limited since there is only one study (Rozonov et
al., 1971) in which possible sulfide oxidation products are
reported. The lack of information in this ared may be a
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Table 4

Variation of % Thiosulfate with Initial Reaction Conditions

[Sr?]i and % Thiosulfate

[ST1; (mM) 1.8 2.6 4.7 B-7
% thiosulfate 4 3 7 18
% thiesulfate = -1.35 + 2,14 x 10_3 [Sf]i r = .97

Initial Surface Area (Aj;) and % Thiosulfate

Aj (m?) 2.51 5.45 6.52 15.2 18.5 32.6

0,

% thiosulfate 22 72 36 7 5 6

% thiosulfate = 27.3 = .824 Ai T

(]

[H*]; and % Thiosulfate

[H*]; (M x 108) 1.06 1.86 2.79 3.81 4.65 6.75 9.30

S
[\

% thiosulfate 10 20 36 25 17 19
% thiosulfate = 20.1 + 2.52 x 107 [H*] ¢ r = .091
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tesult of several experimental difficulties or theoretical

preconceptions. Experimentally, interstitial waters of re-

ducing sediments are difficult to study due to problems of

rapid air oxidation (Troup et al., 1974; Bray et al., 1973).

Difficulties in measurement of small quantities (<1 mM) of
sulfate, sulfite oT thiosulfate may also be a factor in the
small number of studies of sulfide oxidation products. An
additional reason for the lack of data for thiosulfate con-
centrations in sediments is that Desulfovibrio can utilize
thiosylfate ion as well as sulfate ion for its respiratory
processes (Murakami, 1952). Thus, thiosulfate could be
k to sulfide and would not be observed as an

recycled bac

oxidation product.

(1971), however, measured the concen-

ate 1in interstitial waters of

Rozanov et gl

S and thiosulf

tration of H
2
Concentrations of thiosulfate and

anoxic marine sediments.
sulfide ranged from 4 x 10'6 to 3.5 X 10%4 M, and from 1 x
1075 55 4.8 % 1070 M respectively. Calculations were made
o determineé the importance of thiosulfate

using this data t
as an oxidation product in the sediment. Elemental sulfur
and thiosulfate were assumed toO be the only sulfide oxida-
tion products. Elemental sulfur and thiosulfate were also
assumed to be produced only by the reduction of FeOOH by
HZS' These calculations showed that 0.9-32% of the oxida-
tion products are thiosulfate (on the basis of electron
transfer balance) with an average of 0% for 15 values. This
found in the present study, but

is low compared to the 14%
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considering the fact that some elemental sulfur may be de-

rived from the microbial oxidation of HS~ by Desulfovibrio

and Thiobacillus (Zajic, 1969) the agreement is rather good.

In addition, a linear regression analysis was con-
ducted on the concentration of sulfide and % thiosulfate
(electron balance-wise) reported by Rozonov et al. (1971)
to see if any correlation existed. Calculations using 15

points yielded a straight line , with the equation

[S,0.]

_ 3 =
20+ 783 + 4.32 x 10 [S%}

This line had a linear correlation coefficient of r = .77,
and these results agree with those of this study which showed
a linear relationship between % thiosulfate and total initial
sulfide concentration.

Polysulfides, SZ and Sg, and elemental sulfur were
grouped together since polysulfides are formed by the follow-

ing rapid reaction of elemental sulfur with dissolved sulfide

ions (Teder, 1971):
§° + HS™ » Sy + HY

where x = 2, 3, 4, or 5. At the pH, sulfide, and elemental
sulfur concentrations used in this study, the predominant
polysulfide species are SZ and St. Other possible poly-
sulfides are present only at higher pH values (Giggenbach,
1972). The total concentration of elemental sulfur can be

determined from the following equation:
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[8%], = [B°] * 3 [sz] + 4 [S5]

where [S°] 1is the free sulfur as determined by the acetone
extraction. The last two terms represent the complexed

elemental sulfur.
The overall reaction responsible for the formation

r as the oxidation product sz

of the elemental sulfu

i

» peppl & BE” * Fe'0 ¥ BF = & OH™ + H0

the rapid subsequent reaction of

Polysulfides are formed Dby

the elemental sulfur as shown above.
Elemental sulfur is the major oxidation product in
the reaction and as such can serve as a quantitatively
cant source af 87 in the sediment. However, the

signifi
e chemical production

of elemental

above reaction for th

sulfur could provide only half the elemental sul fur needed
for the transformation of iron monosulfide, mackinawite
or amorphous FeS, to pyrite. This assumes that all of the
ferrous iron is initially reduced by sulfide species. Mi -
crobial processes are probably responsible for the bulk of
1 sulfur in anoxic sediments. Thiobacillus denitri-

de oxidizing anaerobe

elementa
s can oxidize

~d other eulfi

ficans ai
tal sulfur, although

these bacteria prefer

sulfide to elemen
to oxidize clemental sulfur to thiosulfate and sulfate

(zajic, 1969).

Data by Berner (1964 and 1970) and Kaplan et ad .
(1963) shows that pyrite was the major 1ron sulfide found
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in recent marine sediments. Sulfur derived from the chemi -

cal oxidation of sulfide could have accounted for only 50%

of the elemental sulfur found as free and pyrite sulfur.
This calculation is based on the amount of total iron sul-

fides, both mono- and disulfides, and the concentration of

total elemental sulfur.

Reduced iron
What, then, is the predominant reaction responsible

for the reduction of iron in the sediment? Several bacteria

of the genus Pseudomonas can reduce large quantities of fer-

ric to ferrous iron in soils and bogs. However, little 1S

known about the iron reducing capabilities of microbes in

anoxic sediments.

Thermodynamically, the reduction of iron should oc-

cur prior to the reduction of sulfate (and formation of

sulfide). The redox reactions for these two species are:

.+ = s
Fe 3 + e = Fe

HY + 807 + 8 e” » 8™ + H0 |
(Stumm and Morgan, 1970)

Thus the reduction of iron would not proceed by the con-

comitant oxidation of sulfide species. The thermodynamic

sequence of reactions above would occur in the sediment in

which the oxic-anoxic boundary occurs well below the sedi-

ment-water interface. This type of sediment column would

have an Eh profile as shown in Figure A below.
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Depth
Depth

At point x, the reduction of ferric iron would occur, while

sulfate reduction would occur at point Y-
In many anoxic sediments, the boundary between the

ducing zones oOcCcurs at or slightly above

oxidizing and re€
the sediment-water interface, and the entire sediment column
has a negative Eh. An Eh profile for such a sediment column
is shown in Figure B above. In this environment, both sul-
rric iron species could be reduced simultane-

fate ion and fe
ously. In thif type of anoxic sediment, the reduction of

producing elemental sulfur. In ex-

Fe*3 by HS~ could occur,

treme cases, the overlying bottom waters are anoxic, and H25
is found in the water column. (The Black gea is the classic

example of this type of environment.) Here the reduction
process can occur in the water column. Brewer and Spencer
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(1974), studied the partition of trace elements between the

dissolved and particulate phases in the Black Sea. They ob-

served a rapid rise in the concentration of dissolved iron

in the anoxic part of the water column, which was followed

by a rapid decrease, as they descended into a more anoxic

This behaviour was interpreted

+3
2

region of the water column.

as evidence for the rapid reduction and dissolution of Fe

until saturation with respect to iron sulfides occurred.

Precipitation of iron sulfides occurred when the Kgj for
their formation was exceeded.

The amount of ferrous iron can be determined from the

concentration of the sulfide oxidation products and the ox-

idation number changes that occur in the specific redox re-

actions. The oxidation number changes for the following
reactions are 2, 6, 8, 8, 0, and 8.
gt + 7 FeQOH + HS™ + 8° + 4¥Fe % 4 OH

5 u* + 6 FeOOH + 4 HS™ » 87 + 6 Fet2 + 12 OH”

s gt + 8 FeOOH + 5 HS™ » S5+ 8 Fe*2 + 16 OH”
z q* + 8 FeOOH + 2 HS > S,07 + 8 Fe*2 + 13 OH
5 4t + 6 FeOOH + HS™ =+ 803 + 6 Fe*2 + 9 OH
s gt + 8 FeOOH + HS™ > 807 + 8 Pe' s & 12 O

Thus the number of electrons that are transferred from the

sulfide ion to the oxidizing agent, which 1in these reactions
is the ferric ion, can be determined from the following

equation:
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[Fe*d Fe+2] = 2 [S°] + 6 [Sz] + 8 [SE] + 8 [8202]

+ 6 [SO03] + 8 [SO7]

This is based on the assumption that iron is the only ox-

idizing agent present. One method of testing this assump -

tion is to see if the electron balance exceeds the initia}]
concentration of oxidizing agent - the concentration of

goethite. A check of 90 electron balance measurements

showed that 74% of the measurements indicated an electron
balance less than the initial iron concentration. The re-
maining 26% of the readings, which exceeded the theoretical

i1imit, were taken during reaction runs in which the rate of

sulfide formation was high. This is shown by the high re-

duced iron values in reaction runs 11, 12, 33, 34, and 35,

which are shown in Appendix A. This excess is too large to

be attributed to experimental error.

Complete conversion of goethite to iron sulfide was

observed within 30 minutes for runs 11 and 12. 1In these

two runs, the electron balance exceeded the total reducible

iron by 1.8 mM. The electron balance in these two runs, how-

ever, decreased over 24 hours until the values were 1.8 and

0.7 mM for runs 11 and 12 respectively. A similar decrease
was also observed in the acid extractable solid sulfide (Sp)

from a maximum of 1.46 mM to 1.03 mM (in reaction run 11).

This adsorbed or coprecipitated sulfide could have been
oxidized during the acetone extraction to form elemental

sulfur. This would have increased the elemental sulfur
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concentration and total reduced iron values. "LExcess"
reduced iron was also observed in runs 33, 34, and 35, in
which 1.3, 0.4, and 0.5 mM of excess reduced iron were meas-
ured. These three runs had the highest rate constant for
formation of iron sulfide. During this rapid formation,
bisulfide ion could have been coprecipitated as in runs 11
and 12. This adsorbed sulfide could explain in a similar
fashion the high levels of reduced iron calculated for
runs 33, 34, and 35. Such a phenomenon was observed by
Berner (1969) in a study of California coastal sediment.
Rickard's (1974) suggested mechanism for the formation
of sedimentary iron sulfides included dissolution, reduc-
tion, and precipitation steps. Ideally, the way to determine
the order of the sequence would be to determine the rates
of the individual reactions. Qualitative analysis of the
concentration-time plots for the reaction runs may give some
insight into the reactions involved. Plots of reduced iron
vs. acid extractable sulfide (Sp) for several reactions are
given in Figure 14 The line indicates equality between the
amount of reduced iron and the amount of FeS produced. If
the points fall above the line, this indicates the sequence
of precipitation (adsorption) followed by reduction. Con-
versely, if the points fall below the line, reduction pre-
cedes precipitation. The time interval between the two re-
actions is proportional to the distance of the point from
the line. This plot shows that reduction precedes the pre-

cipitation reaction by a significant time interval.
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Several concentration-time plots of FeS and electron
balance are shown in Figures 15, and 16. These plots also
show that reduction preceeds precipitation. The reduction
process occurs rapidly at first but then slows down as the
available reducible iron (i.e. surface iron) is depleted.
Additional reduction of iron can only occur after the dis-
solution of the surface ferrous iron.

Quantitatively, the reduction reaction was studied
by analyzing the electron balance-time plots by the initial
rate method. A detailed description of the initial rate
method can be found 1in Appendix B. Slopes of the plots were
first determined by simple linear regression. All but four
reaction runs exceeded the 95% confidence level for the cor-
relation coefficient; those rejected were not used 1in the
determination of the rate constant. The slopes were then
plotted against the initial concentrations to determine the
reaction order with respect to the particular species. Thus,
log-log plots are shown in Figures 17 , 18, and 19 for HS™,
H+, and AFeOOH' The reaction orders were determined to be
0.60, 0.49, and 0.89, respectively. The rate constant was
calculated on the basis of 10 runs (Table 5 ) to be 0.0179
£0.0015 M-1 17} w2 min~%. Thus the rate expression was
determined to be:

‘ 60 4 .49 .89

; - k [H 1 -

d[Red Fel/dt = k [HST1:"" (HT) .o Ap oy
i




(aM)

(S}

Red Fe /

1 ] =\ | l 1 1 s | I | L l K I
200 400 600 800 1000 1200 1400
Time (min)
Figure 15: Plet ot

Reduced Iron and Acid Extractable Sulfide, Sp, vs. Time (Run 6)



(mM)

(3]

P

0.

(S
Sy _T—————’r‘—

e

Time (min)

Figure 16:

Plot of Reduced Iron and Acid Extractable Sulfide, S;, Vs

4
6 +
8_
0 1 L 1 I L 1 l L I L 1 I | 1 1
0 200 400 600 800 1000 1200 1400

Time (Run 24)

SL



76

10°° [
Gl i
-
B
= - s
§o
e
~
o
[T
S
13
‘ﬁﬁ
e}

5
10_7 1 ] | U N N (O A | 1 { (PR [ [ | |
10_3 12 10~
S5. (M)

i

Figure 17: Plot of Rate of Fe Reduction vs. Sy
it 1




d[Red Fe]/dt (M/min)

1072

i7

T

I |

Initial Hydrogen Ion Concentration

| 1 | I I I 1 | [ T
1078 1g~?
+
”i (M)
Ei&EEEQBiZ Plot of Rate of Iron Reduction vs.




(M/min)

d[Red Fe]/dt

78

(N OSSN G O S |8 | [P ey ||

1077

Figure 19:

10

2
AFeOOHi (me/1)

Plot of Rate of Reduction of Fe vs.

Initial Goethite Surface Area



18

Table 5

Rate of Reduction During Phase II (Rate of Dissolution)

.60 (H+)i49 AF89 =mt + b

d[Red Fel]/dt = kyeg [HS ]1 eOOHi

Correlation
Coefficient

Run m b Rl 3
6 1.10 x 10°7 6.50 x 10°% 2.68 x 1073 .72
¢ %5 % 1077 L.40x 15°% 2.0 2 10°F 96
o 6.25 x 107  6.50 x 107% 4,02 x 1073 L 75%
17 1.40 x 1076 1.40 x 1074 4,37 x 107Z## .99
oy w.g7 x 3077 5.90 x 107% 1,62 x 10" 2 .99
27 6.50 x 1007 3.90 x 107 1.84 x 1072 .97
24 1.50 x 1076 6.00 x 107 1.69 x 3% .98
ot 1.00 x 1078 2.86 x 107 1.98 x 1072 .96
26 1.0% x 107° 5.25x 107%  1.85 x 207° 96
2o 2.18 x 1070 6.90 x 107%  1.64 x 1077 .98
50 8.49 x 1077 9.30 x 107%  1.68 x 10”2 .97
31 1.88 x 1076 5.50 x 107%  1.73 x g~ " .96
53  1.98 % 10°8 4.78 x 107% 2.05 x 10°° 42
35 1.48 x 1076 3.28 x 107%  1.99 x 1072 .96
4 750 x 1077 6.70 x 10°* 1.1z x 1077 7Y%
55 6.69 x 10°7 6.70 x 107" 1.24 x 107 .89
36 Not Determined

*not statistically significant #%]iscarded
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Visual examination of the plots of electron transfer

balance against time, revealed that the data points were

more likely to be fitted by a quadratic curve. (See Figures

15, 16, 20.) The curves through these points were determined

by a least squares polynomial fit. However, when the initial

slopes were used to determine the coefficients for the rate

expression, no significant linear fit was obtained. As a

result, the obviously polynomial curves were analyzed with

the reactions responsible for the generation of this data.

It was noted that the initial electron balance measurements

( taken at times less than 40 minutes) were in some reaction

runs, as much as 20% of the final electron balance measure-

ments. Therefore, the polynomial curve was interpreted as

resulting from a two step reduction reaction, which 1is graphi-

cally represented in Figure 21. In the first step of the

reaction, Phase I, the rapid reduction of surface iron occurs.

This is indicated by the large initial slope of the curve at

time mero. In the second s5tep, Phase II, the underlying

layers of the ferric iron are reduced as the surface layer

of ferrous ions 1S dissolved. Thus the rate of reduction

he rate of dissolution

in Phase II is actually controlled by t

of the reduced surface layers, and the rate of reduction
during Phase II gives the rate of dissolution.

The rate of the initial surface reduction of iron in

Phase I is difficult to assess because of the rapidity ei

the reaction, and the insufficient number of data points

during the first 30 minutes. Additional studies, however,
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may be able to determine the rate expression and rate con-

stant for the reduction process.

Any postulated mechanism for the reduction reaction

must explain the rate expression, sulfide oxidation products

b
and variation in the products with respect to initial con-
s can be used to develop a

ditions. Two basic approache

mechanism: the rate determining step approach, or the steady

state hypothesis (EdWards et al., 19638). In this study the

since data by Rickard (1974) indicated

former was adopted,
that a rate determining step might have been involved in

the reaction.

Any compleX chemical reaction proceeds by a mechanism

tary steps: The overall rate of the reac-

rate of the slowest step, the rate

of several elemen

tion is determined bY the

determining step-
At this point it is necessary to clarify three con-
Cepts: order, molecularity and stoichiometry. Grder is an

d value 1in the rate expression, while

experimentally determine
mber of reacting species or molecules

molecularity is the nd
mation of the activated complex (Pilling
: O

involved in the for
o value of the coefficients in

1975). Stoichiometry is th
quantities may ormay not have the

the reaction. These three

same numerical valué, depending On the reaction.
The redoX reaction between FeOOH and aqueous sulfide
species required the approach of reduced sulfide species to
the surface of the goethite, where the electron transfer
can occur. The rate of approach and distance from the
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cted by the surface charge of the solid and
n

surface are affe
possibly by physical and chemical adsorption (Reynolds and
Lumry, 1966). The surface of an oxide or oxyhydroxide has
sult of the interaction of the sur-

&
surface charge as & T¢€
oms with water in the

reaction involves the protonation

fa
ce oxygen at bulk solution. Basically

the mechanism for this

jon of surface adsorption sites (Parks and D
(&

and deprotonat
Bruyn, 1962). The surface charge is a function of pH, and
h the surface charg

when HY and OH™ are the

the pH at whic e is zero is called the

Z S
ero point of charge: However,

potential determining jons, this pH 1is called the isoelectri
= ) i B

point (IEP) (Bermer, 1970) -
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G

surface layer of PO
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" : ) ]
urface of the salid. £ mobile counterions 1is
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onic strength an
r both of these factors will reduce

affected by the 1 d stirring of the solution
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ounterions can
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in the composition of
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olid-solution interfac
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o-Fe O3 has been shown to chemisorb st from the gas phase

resulting in the formation of HS~ and HY (Blyholden and

Richardson, 1962). No similar studies have been conducted
on the HZS-goethite system, but results by Gast et al. (1974)
showed that goethite hydrogen bonds the first layer of ad-

sorbed water bo the surface. This hydrogen bonding was
shown to be stronger than observed in u—Fe203. The adsorbed
as also shown to be readily exchanged

water on goethite W

with D,0.
The physical adsorption of ions is dependent on the
he surface of the particles. As

charges of the 1ons and t
surface of goethit
the physical adsorption of water

shown above, the e is negatively charged
above pH 6.7. Therefore,
pH 6.7 by coulo

cface 1s positively charged and physi-

is hindered above mbic interaction. Below

the IEP however, the Su
n should be rapid
adsorption of HS™

consequently reduction

Cal adsorptio
were the rate deter-

would be rapid if the

Mining step in the reaction.
The rapid adsorption of HS™ below the TEP was demon-
and 12 , where Fe (OH) s was used

Strated in reaction TUR® 11

phase.
+ these twoO runs showed that the

as the reactant iron The IEP for Fe(OH)z is 8.5

(Parks, 1968). Results £

1fide was essentially complete within

formation of iron SU

the first 30 minutes €Vel at pH 8.5

n of reaction run 11 with one of comparable

A compariso
as a reactant (run 6) shows a drama-

conditions with goethite

the rate of iron sulfide formation. At

tic difference 1n
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1.48 mM of FeS was produced in reaction run 11

= 7.554), only 0.02 mM of

30 minutes,

(pH = 7.58) while in run 6 (pH
FeS was produced (extrapolated from Figure 15). Although
theve is a difference betweSh the surface areas of the re-
actant iron phases [0 mz/l in run 6, and 14 mz/l in run
this difference in jnitial surface area could only ac-

11)
fference in the amount of FeS produced.

count for 1% of the di
This would then indicate that the rapid adsorption of HS~
does occur in the cas¢€ of run 11, with a pH below the IEP
of Fe(OH) . Adsorption of H8~ does oeccu¥ above the IEP of
goethite, but to & jesser extent than it would below the IEP.

tion of haematite would also be expected to

The reduc
e IEP for haematite is 8.5 (Parks,

occur rapidly, since th
can exchange with
xchange would be favored at pH con-

1968). Thus HS~ OH- in the potential de-
termining layer but the €
ar or below the 1

of the reduction as the initial pH

ditions either ne gp. This would explain

the incresse in the TALE

ys- is present in the potential determining

is reduced. Once

er can occur. However, the oxida-

layer, the electron transt
tion change for Fe'> going t° re*? and 87 to $° (principal
oxidation product) giffers by 1. Therefore, the reduction
of one ferric irom bY one pisulfide jon will result in a
highly unstable oxidation state of -1 for sulfur (Laurence

These quthors studied the oxidation of

and Ellis, 1972).
aqueous iodide ions by aqueous ferric ion. The mechanism
they postulated required the formation of I3 which reacted

with ferric ion by the reaction:
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Pe+3 + 1 = FeI+2

2 =
FeI*Z + 17 > Fe © + I
Fe+3 + Ii > Fe+2 + 1,

HS™ could react as does I in the above reactions, to yield
HS®, equivalent of I,. However, in the reaction of goethite
with aqueous sulfide speciles, the interaction of 1iS° with
another ferric iron coordination sphere is not necessarily
required, as it's analog in the above mechanism. Then
HS™ can be thought of as being associated with a surface
adsorption site, since the purpose ol the fixed layer 1is to
balance the charge of the protonated site. The structure
of goethite consists of hexagonally close-packed oxygen
atoms with iron in the octahedral intcrstices (Deer, Howie,
and Zussman, 1966). Thus, cach surface oxygen is shared by
two iron octahedra, and the potential determining HS 1is
associated with two iron octahedra. Loth octahedra contain
ferric ion which can be reduced. S would then transfer
one electron to one of the ferric ions, resulting in the
formation of HS®°. HS° reacts immediately by transferring
an electron to the other ferric ion with which it is associ-
ated. This would produce elemental sulfur, S°, hydrogen ion,
and two ferrous ions. The structurc of the goethite favors
a two electron exchange. This mechanism would explain why
sulfur is the principal oxidation product.

How, then, is thiosulfatc produced? The formation

of thiosulfate would require conditions which favor
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interaction between two or more unstable oxidation species
HS®. An increase in HS™ concentration would increase the
number of HSo—occupied surface adsorption sites, which
would also increase the number of HS° species. An increase
in the total dissolveda sulfide, at constant iron reactant
surface area, should result in an increase in % thiosulfate.
This was observed in the results of the present study and
in the results of Rozanov et al. (1971).

Conversely, an increase in the total number of
surface adsorption sites would decrease the % thiosulfate of

the oxidation products, by decreasing the interaction be-

tween HS® species. A low correlation (r = 0.09) was ob-
served between the % thiosulfate and the initial pH. This

would indicate that sulfide speciation was not an important
factor in the formation of oxidation products.

It appears that both HyS and HS  are equally re-
active. This interpretation was made in view of the fact
that the relative proportions of H,S and HS change signifi-
cantly over the pH range of this study. If the speciation
of reduced sulfur was important, the relative proportion
of oxidation products should change in response to a varia-
tion in pH.

Thus the mechanism for the reduction reaction is

postulated to be:
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(1) protonation of surface adsorption sites
(2) exchange of SH with OoH  in the fixed layer
of the iron phase

ansfer of two electrons from

[3) consecutive tT 1 ec
face ferric 1T0N

adsorbed HS” to sur
(4) formation of a protonated layer of Fe(OH),

(5) dissolution of a Fe(OH), layer.

After reduction of the surface layer of ferric iron,
rric 1ions in the underlying bulk of solid

the reduction of fe
ution of the surface layer of

can only occur after dissol
us hydroxide,
and in natural anoxic sediments

ferrous ions. Ferro FQ(OH)Z is metastable at
s of this study,

t for Fe (OH) 7 is

the pH value

The solubility produc

Fe(OH), 2 Fe*? * 2 oH", logKsp = ~15-1°
(Baes and Mesmer, 1976)

The concentration sf iron 1B equilibrium with solid
= .
-1.15 to 10 3.15 Fe 2. Thus the

Fe(oH), at pH 7-8 is 10
surface layer should dissolve and expose the remainder of
the solid (Walton, 1967) - ginetics of diffusion controlled
dissolution are first order with respect to surface area.
However, there 1S ample precedent for reactions in which
dissolution is controlled by the chemical reaction (Moelwyn-
Hughes, 1933). The T2%° sxpression For the reduction and
dissolution phase was determined to be

Bl e AT 0 BE
g [HE° Ty B g ApeOOH
D L

d Dissolution/dt

d[Red Fel/dt




Here, a first order (0.89) dependance on surface
area was seen, but a half-order dependance on both HS" (0.60)
and H*Y (0.49) was also observed. This higher order kinetics
indicates a chemical control for the dissolution reaction.
From rate determining step theory, the composition
of the activated complex is FeOOH - 1/2 HS™ - 1/2 HY. Since
molecules do not react by halves, the composition 15 theres-
fore 2 FeOOH - HS™ - HY. This is the activated complex for

the reduction reaction.

After reduction, the product elemental sulfur would
diffuse out of the surface of the solid (Moelwyn-Hughes, 1233) «
The hydrogen ion from the HS" would remain to protonate the

surface since the IEP for Fe(OH), is 12 (Parks, 1965).

Hydrogen balance

Large quantities of hydroxyl ion are produced by the
reduction reaction of goethite by HS . In addition,
hydroxyl ions are produced by the precipitation reaction of

ferrous iron with aqueous bisulfide and the formation of
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polysulfide from clemental sulfur.

go + 2/7 HS™ » 1/7 Sg * 1/7 S5 + 2/7 H*

te*2 & He= + Fes * H*

The overall reactionstherefore would be

14 FeOOH + 23 HS 7 14 FeS + 19 OH™ + 9 H30

+ 57+ 55

8 FeOOH + 10 gs- + & FeS + 8 OH" + 5 HZO 0 320§

roxyl:iron sulfide product ratio should

Thus the hyd
gince sulfur was the principal

be 1.36 and 1 respectively:

oxidation product, the ratio should be closer to 1.36. Table
6 gives the ratio ofHﬂllideesof nydroxyl ion and the milli-
For all put two Tuns, the ratios of

moles of FeS as SE.
these values is 1esS than one. Either there exists an
additional sink for OH™ or the reaction does not proceed

as simply as 1s stated above-
analysis b7 Berner (1964a) of his product,

Chemical
that the ratio of Fe:S was not

iron monosulfide, showed

1:1, but rather 0.9:1 to 1.1:1. The iron deficient mono-
Sulfide was hypothesized to form by the adsorption or co-

precipitation of Na 25 with the peS. Analyses of the product
iron sulfide were conducted for Fe, Na and S. The excess
sulfide was then determined by subtracting 0.5 Na*. The

9 at a minimum. However,

ratio was then determined as 0.
A e present as &
the excess sulfide was dsbumed to be P as NajyS, but

an (1975) have shown that S~ does not

Goldhaber and Kapl
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exist at neutral pH values. Rather, NallS would be present,
and the Na:HS ratio would be 1:1. Thus the minimum ratio of
Fe:S would be 0.8. This factor of 0.8 would reduce the

OH :FeS in a large number of data sets >ut still some of

the data would not have the required ratio of 1 to 1.36.
Previous mechanisms and reactions for the formation of iron
sulfide (Rickard, 1974, Berner, 1962) did not account for

the product OH  ions, as in Rickard's (1974) mechanism

patsd + e Fe+2

FeOOH + e - Fe*?

An additional sink for hydroxyl might be adsorption
of hydroxyl within the structure of the iron monosulfides.
This process would remove additional hydroxide ion from
solution so that it would not be measured by the hydrogen
electrode. Quantitatively this coula only account for a
few percent of the excess hydroxyl ions. This coprecipitated
hydroxyl might account for the fact that the initial iron
sulfide is amorphous (Berner, 1964a) by hindering crystalli-
zation. Adsorbed hydroxyl could possilly be determined by
infrared spectroscopy, but therc arc no available date for
the presence of hydroxyl groups in irouw sulfides. In
addition, two experimental problcems would interfere with
the determination of adsorbed OH . Initially formed iron
sulfides are extremely susceptible to air oxidation (Berner,
1964a), thus great care must be taken o prevent oxidation.

Also, hydroxyls are present in the reactant iron phases,

R
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FeOOH and Fe(OH)S. The product sulfide material must be
free from contamination with reactant material which would

give a positive test for hydroxyl.

Formation of iron sulfide

After reduction of goethite, the ferrous hydroxide

us ferrous 1ons and hydroxide ions.

-15.15,
2

dissolves to produce aqueo
10

uct calculations for Fe(OH)2 (Kgp =
1976) show that the equilibrium concentra-

-3.15 ), The concentration of S

Solubility prod

Baes and Mesmer,

tion of Fe*? at pH 8 1s 10
species at these conditions (pH 8 and S; = 4 X 1()'3 M) can
be calculated from the expression

[S7] = ST
(H*] KK, + [HT/KZ 1

e i

where K; = 10'7'1 and Ky = 10-14 are the first and second
dissociation constants for H,S respectively (Stumm and Morgan,
1970). These calculations showed that the concentration of
-7-5 or 3.16 X 10°8 M. The solubility product of

sT is 10
il } - -10.65 _ . .
FeS has a value of 10 , or 851X orders of magnitude
ter than the mostsolublesulfide, amorphous 1ron

n ion activity product

grea
of 10'16'9 (Doyle,

sulfide, with a
the solu-

1968). As a result of the dissolution of Fe(OH) ),
tion 1% supersaturated with respect to iron sulfide and pre-

cipitation should occur rapidly.
The rate of formation of iron sulfide was studied
by the initial rate method. Quadratic equations were de~
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termined by a least squares regression analysis, which
described the concentration-time curves for acid extract-
able sulfide sulfur. The initial rate for each reaction
run was determined by the method described in Appendix B.

Log-log plots of the initial rates for the formation
of FeS vs. the initial bisulfide ion concentration, the
initial hydrogen ion concentration, and the initial surface
arca of goethite, can be found in Figures 22, 23, and 24.
The slopes, and hence the reaction orders for these species,
were found to be 0.97, 0.82 and 1.1 respectively. This
resulted in a rate expression:

‘ B _,.97 $y082 ,1.1
d[Fes]/dt = k [HST1;70 (H) 5 Apgoop,

The rate constant, k, was calculated on the basis of 16
experimental runs to have a mean value of 31+10 M~ 1 -1 nf2
minﬂl. The rates and rate constants for the 16 individual
runs may be found in Table 7.

A comparison of the results of this study with those
obtained in a previous kinetic study by Rickard (1974),
reveals some disagreement. Rickard determined the overall
reaction to be 9/2 order: first order in goethite surface
area, 3/2 order in total sulfide concentration, and second
order in hydrogen ion activity. Results of the present
study indicate a third order reaction, first order in each
of the three reactants: goethite surface area, total initial

sulfide concentration, and hydrogen ion activity. Comparison
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Table 7
Rate of FeS Formation

o e B e s BT pus B8 gl
d[Fes]/dt = k [HST1:”" (H")i™" Aploon,

= 31270 ML 17 p? i

d[FeS]/dt = a + bt + ct?
mean
% thio-=
Run a b & k sulfate
e e =
6 2.70 x 107° 6.07 x 10-7 -2.26 x 10710 23.0 36
; .1.55 x 107> 3.11 X 10°7 -6.49 x 10711 25.0 10
9 -3.14 x 10°° 4.58 X 1076 -1.98 x 107 7 34.6 6
15 -2.85 x 107> 592 % 1007 -1.10 x 10711 20.3 22
21 -1.01 x 107% 3.97 x 1o~ -a.48 x 267t 38,5 22
22 2.43 x 107° 5.55 X 1077 -1.77 x 10711 26.8 20
24 -1.15 x 1071 2.83 x 1000 _9.34 x 1071 40.4 7
5 %o x 10 9,08 x 1877 @ = D.OF %* 2L3 17
s -g.37 x 1070 1.86 x 107° -5.64 x 10710 4g.1 4
29 -1.65 x 10°% 5.54 x 1078 -1.53 x 107 7 42.6 18
2 0,78 x 10 1.13 % 1076 -3.78 x 10719 40.9 4
£ «1,5% x 107% 3.24 = 1079 -g.56 x 10°1¢ 36.0 5
3% §.44 x 1077 1.61 x 1007 1.53 x 10710 3.4 3
g% -1.85 x 1077 1.81 = 1078 -7.67 x 10710 26.1 22
24 -1.01 x 10°% 1.76 x 1078 -7.21 x 10710 28.2 19
s -1.67 x 107° 5.68 X g7 r o= 0.91 #% 13.6 25
26 -5.07 x 107° 6.99 X 19~ 7 r o= 0.99 ** 17.1 o
#run conducted without stirring #%]inearly fitted
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of rate constants from the two studies is not meaningful,

since the rate expressions are of different orders.

The difference in the two rate expressions for the
formation of iron sulfide can be explained by the specie

that was measured to determine the rate of formation.
Rickard (1974) measured the amount of OH™ produced. These

experimental values were then used in mass balance and
equilibrium expressions to calculate the amount of product

FeS. Hydroxyl is produced (or H* consumed) by several

reactions in Rickard's mechanism:

FeOOH + H* » Fe*3 + 2 OH-

Fe*d + 3/2 U5~ » FeS + 1/2 58° + 372 #*
Thus, the rate of formation of OH 1is a measure of the

entire mechanism - dissolution, reduction, and precipita-

tion. In the present study, the rate expression for the
dissolution and precipitation reactions were determined
separately; that is, Rickard's rate expression was sepa-
rated into two parts in the present study.

As stated previously, the number of species in the
activated complex is given by the order of the rate ex-

pression. Rickard's (1974) rate expression implies an acti-
vated complex of 9/2 molecules which could form by preequi-
libria prior to the rate determining step, the dissolution
of goethite. The rate expression determined in the present

study indicates a three molecule activated complex, of the
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form FeOOH - HS™ - H*.
Termolecular activated complexes usually form by an

equilibrium step prior to the rate determining step (Wilkins,

1974). It is unusual that the initial surface area of
goethite is involved in the precipitation of the two dissol-
ved species Fe*Z and S~. Yet, if the protonation of the
Fe(OH), is considered to be the pre-equilibrium step, the
effect of the surface area may be explained. The protona-

tion of Fe(OH), at pH 7-8 does occur, since the IEP for
ferrous hydroxide is 12 (Parks, 1965). After protonation
the ferrous hydroxide dissolves to form either Fe*Z? or

FeOH' (Baes and Mesmer, 1976; Kester et al., 1975) depend-
ing upon which stability constants are used. Fe*? is

indicated in this mechanism since the protonation of the
Fe(OH) , surface layer would yield FeO,Hj* or Fe*? - 2 H30.

in the reaction 1s:

The second, and rate determining step,

Fe™® + HS™ > FeS(q)

This reaction is in agreement with Pohl (1954). His study

of dissolution and precipitation of metal sulfides indicated
that HS ™ was the sulfide specie involved in the formation

of the activated complex, by the reactions:

(M * xH,0)*? + HS 12, [MSH - (x-1)Hp0]*
[MSH - (x-1)Hz0] gz., MSL + Y (x-1)H,0
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Table 8§

Particle Size Study

Filter [Sf(]T Absorbance Absorbance [Fe] [Sq]
Run Size (M) 300 nm 370 nm PPM  (mM)
20 0.8 1.2 x 1074 1.264 0.812 6 6.36
0.2 1.2 ¢ 10°% 1.266 0.796 6 5.11
0.1 1.2 x 10-4  1.264 0.789 6 3.16

0.1% Not Determined
0.01°1.3 x 10~ 1.125 0.633 4 3.60
30 0.8 3 x 1072  0.537 0.417 5 0.57
0.2 2 x 1072 0.507 0.419 4 0.4%3
0.1 4 x 107> 0.426 0.407 5 0.19
0.1% 4 x 107> 0.426 0.354 4 0.19
0.01°0 0.046 0.016 0 0.00
31 0.8 1.3 x 1074 1.490 0.968 10 1.86
0.2 1.3 x te~% 1,502 0.968 10 1.66
0.1 1.3 x 10°4 1.509 0.965 10 1.32
0.1% 1.3 x 1074  1.482 0.945 10 1.03
0.01°1.1 x 10°% 1.222 0.748 7 0.80
32 0.8 6 x 1072 0.411 0.175 2 3.19
0.2 6 x 1072 0.401 0.169 2 2.72
0.1 6 X 10:% 0.401 0.169 2 2.08
0.1% 6 X 10_5 0:3589 0.150 Z 2.0IL
0.01°6  x 10 0.311 0.080 2 1.82

0.1%* filtered through 0.1u filter twice
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0.01° Schleicher and Schuell nitrocellulose membrane filter

All other filters polycarbonate
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after filtration with 0.01u filters. The decrease in ab-

sorbance after filtration was attributed to the removal of

submicron particles which scattered the UV radiation, and
This verified, at least

therefore increased the absorbance.

qualitatively, that the unusual polysulfide spectra were

caused by scattering from submicron particles.
n concentrations:hlall four filtration runs

h a 0.2u filter. Thermo -

The 1iro
filtration throug

were 2-10ppm after
et al. (1968) and Presely et

dynamic calculations by Brooks
al. (1972) indicated that the concentration of dissolved

iron at 10~ °M total sulfide and pH 8 should be 0.03 ppb.
The filtration study results show that the solution in the

present study 1S not in thermodynamic equilibrium, OT that
the definition of dissolved species is jncorrect. Tradition-
ally, the definition of dissolved species was any material

1a0.45u filter. Yet the result of this

that passed throug!

study and others (Kennedy et al., 1974) showed that there
1s of iron-containing particles at <0.45mp

are significant leve

The interpretation of concentrations of dissolved species
(by the traditional definition) from interstitial waters of
anoxic or oxic sediments could be seripusly im erTel if this

is not considered.
Dissolved iron (<0.45¥ concentrations 1in inter-
stitial waters of anoxic sediments, have been measured as
high as 0.2 ppm (Presely et al., i972). The concentrations

able 9; 0.02 mM = 1 ppm Fe) and 1in

in the reaction runs (T
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the particle size studies indicate a concentration of iron
as much as an order of magnitude greater than that measured
in natural sediments. If one considers that the reaction
conditions in this study are ideal for the formation of
iron sulfide, then the agreement in concentrations between

natural interstitial waters and this study is quite good .
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CONCLUSIONS

The rates and rate expressions for reaction of FeOOH

and HS~ leave 1ittle room for interpretation, since they
are based solely on experimentally measured quantities.
However, the mechanism for the reaction is open to several
interpretations. This 1is true because the development of
any mechanism is based on both experimental data and chemi-
cal insight. nindeed it 1S impossible O prove any single
mechanism. However, much favorable data may be amassed
that one can be Falrly certain of valil-

for a mechanism SO

dity" (Wilkins, 1974) .

for the for volves

The mechanism mation of FeS 1n
dissolution, reduction, and precipitation steps. A compari-
son of morphology and crystallinity of reactant solids and
product solids (Rickard, 1974) indicates that a mechanism

n step, while chen

rical princip]es in-

includes a dissolutio
dicate that a precipitation reaction 1s necessary . In
s no question of the oxidation state of

addition, there 1

ijron in iron sulfides; hence, @ reduction reaction 18 also
required. The sequence of these processes s defined in
the mechanism. The reduced iron-time and prccipitutcd
sulfide-time data ijndicated that the reduction reaction
preceded the precipitation reaction. However, the compo-
sition of the activated complex for the reduction reaction
was based on the assumption that the mechanism for the




Figure 25

Detailed Reaction Mechanism

1) Protonation of surface adsorption site

OH | OH
\\Le// Npe””
) \\ # "
0 0 0 OH OH~

2) Exchange of HS™ with OH in fixed layer

OH
\\l /// \\le//
/l \ BT ] L

OH + HS 0 Ol

\| / i

/|\ /(l;\
\l/ N4
21 ™ 7|

(cont.)

SH™

108

+ OH~



109
Figure 25 (cont.)

3) Consecutive reduction of iron
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reaction of the subsurface iron was interpreted as being

a measure of the rate of dissolution of the surface layer.

A comparison of the rate of reduction during this second
reduction process with the initial rate of iron sulfide for-
mation showed that the precipitation reaction was approxi-
mately as fast as the dissolution reaction. Thus it was
inferred that the dissolution step was the rate determining
step for the overall reaction, since the initial rate of
reduction was shown to be high.

The overall mechanism for the formation of iron
sulfide was determined to be as outlined in Figure 25.

The results of this study are believed to be signi-
ficant in the understanding of two geological problems. The
initial rate of iron sulfide formation was found to range
from 1.6 x 1077 (Run 32) to 5.54 x 1070 (Run 29) M/min.
Conversion of this data to units comparable to Berner's
(1972) would yield rates of 2.7-58.5 mg sulfur/cmZ-yr.
Berner (1972) reported a range of sulfur uptake by marine
gediments of .05-11.3 mg/cmz—yr. The highest value was
found in a polluted Maine fjord. Thus the lowest rates in
the present study are well within the range of Berner's
data. From his data, Berner calculated that the Black Sea
could remove one megaton of sulfur per year, which combined
with the six megatons of sulfur uptake for the hemipelagic
sediments could not account for the input of sulfur by
stream load. The use of the largest value from this study

(58.5 ms/cmz—yr) and a surface area of anoxic sediment
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comparable to the Black Sea (423,000 km2) could remove 248
megatons of sulfur per year. This could account for the

129 megatons of sulfur per year added by stream input. How-
ever, this higher rate of sulfur uptake would not be likely.
Rather, the value of 11.3 mg/cm2~yr would be more feasible.
Calculations using this latter value show that anoxic sedi-
ments with a sulfur uptake of 11.3 mg/cmz—yr could remove

45 megatons of sulfur per year, or 35% of the oceanic sulfur
budget. Iron sulfide formation could be important in the
sulfur budget assuming the rate of iron sulfide formation in
estuaries and deltaic sediments has this value, and surface
areas of anoxic sediments are comparable to the Black Sea.

Another significant result of this study was the
formation of elemental sulfur in anoxic sediments by a chemi-
cal reaction. The postulated mechanism for the formation
of iron monosulfide would yield elemental sulfur in a ratio
of one part sulfur to two parts iron sulfide. This sulfur
could be used to convert the iron monosulfide to pyrite,
the thermodynamically stable iron sulfide.

Previous studies of trace element concentrations in
interstitial waters of anoxic sediments have been used to
infer a solid phase controlling the solubility of the metal
and hence the presence of that solid in the sediment. This
study showed that the distinction between the dissolved and
particulate phases is not as simple as previously thought.
Particle size measurements showed that there were measurable

concentrations of particulate FeS present, in the filtered
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solution, even after filtering through a 0.01p filter. These
concentrations were in the ppm range, while equilibrium
concentrations from the KSp indicated that the dissolved
iron concentrations should be in the ppb range. Iron sulfide
must be controlling the solubility of Fe in the present
study, since it is the only iron phase present at the end of
the experiment. Thus future studies of the interstitial
water chemistry must consider the presence of non-filterable
particles in the solution.

All research should be open ended, that is, it should
suggest several new areas to be investigated. One possible
area for future investigation is the study of the effect of
ionic strength on the reaction rates. The thickness of the
Gouy layer, and hence the closest distance of approach of
bisulfide species to the surface of the iron reactant phase,
is reduced by an increase in ionic strength. Thus it would
be expected that changes in ionic strength would affect the
rate of iron sulfide formation. This is important in estu-
arine environments since there is considerable difference
in ionic strength as one proceeds down the estuary to the
open ocean.

Another possible study could involve the determina-
tion of the rate of the reduction reaction. The initial
reduction reaction occurred rapidly, and as a result, few
measurements were taken during this time period, so that
only qualitative statements could be made with respect to

the rate and mechanism of the reduction reaction. Prior
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to further studies, new developments in the analytical tech-
niques for the measurement of sulfide oxidation products

must be made in order to decrease the time required to make

these measurements.
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APPENDIX A
Data Tables for Reaction Runs

These tables 1list the time each series of measurements

was taken (in minutes), the pH measurement at that time,

the concentrations of the various species measured (in mM),

and the calculated values for released OH  and reduced iron

(electron balance) (also in mM). Initial conditions are
total iron (in mM), and

(1in mz/l).

given for pH, total sulfide (in mM),

the surface area of the reactant iron species



Run 6

pHi = /.554
S = 4.50
T.
£ 9
= 1,12, 6.52 m*/1
T
i
_ " _ B Reduced
2 = - - = o - = -

Time pH +A OH Sa S5 5203 S St SC Sp Iron
0 T« 561 4. 27 0.22
20 7554 0.05 0.13 & .51 4.38 0.68

198 T+ 524 001 0.01 0.05 0.24 4.54 4.07 0.5 1.02
386 7 540 0.06 0,01 0.0% 0.06 0.18 4.31 3.80 0.21 0.99
735 7.55%50 0.1 Bi. 02 0. 00 0.07 0.07 4.07 3.84 056 0.94
1449 7.563 0.27 0.03 0.02 007 0.09 3+64 5 .09 0.45% 1.09
2907 7.564 0.28 0.04 0.02 0.07 0.09 387 B 24 0.57 1-16

9IT




7 pH; = 974
Sf_ = 4,65
* 2
FeT = 1.12, 6.52 n=~/1
i
_ Reduced
. - = = = [o) = = =
Time pH +A OH Sy S5 SZOH S ST S¢ SP Iron
0 7953 0.60 4.66 0.04
19 7.974 0.01 4.60 4.40 0.10
198 7.973 0.01 0. G 0.00 0.00 0.08 4.25 4.30 Q.27
376 7.959 001 0.00 .00 Bl 4.37 4,51 0.09 0.46
742 7.959 0.01 002 B.01 ¥.02 0.17 A4.2% 4.09 0.18 0.70
1451 7.960 0202 0.02 0,01 .01 0 s 27 4.46 4,12 0.33 0.88

LT



Run 9 pH; = 7.583
St = 4.00
Fer = 5.62, 32.6 m%/1
i
) ~ Reduced
. = = = o = = =
Time pH +A OH 4 g SZO3 S ST C Sp Iron
0 7.506 0.02 4.93 0.18
21 7+583 + 01 .00 0.02 « D 4.02 4.16 0.10 .72
214 7.598 0.32 .04 .02 .13 4.05 3.0 0.79 0.61
370 7 641 1.00 .04 « 05 0.02 « 35 3.97 2.36 1.36 1. 58
725 70663 e <07 .05 0.04 w27 523 1,29 2.24 il 6
1455 7.708 1.98 « L5 03 0.03 .44 567 B 55 2,56 1,54

SLL



Run 11

pHi = 7.58
B = 4,30
i
Fe,, = 1.19, 14.0 m?/1
it ?
- = = = _ _ _ Reduced
Time pH +A OH Sy g S50+ S St Sc Sp Iron
0 7.580 4.56
24 7.689 .03 02 0.03 0.94 3.81 T 0 1.17 2.45
193 7.683 003 03 D03 105 410 508 1.40 2.73
3873 7.668 003 <05 0.04 106 4,21 300 1.46 2« 80
720 7656 003 03 002 1:.00 5+'58 5.02 1.1% 2556
1366 T+ 702 0.04 202 0+03 1.90 3,42 % .88 105 244

61T




Run 12

pH; = 8.51
Si- = 4,73
Fep = 1.19, 14.0 m%/1
1
) _ N = i Reduced
Time pH +A OH Sy 8% $,0% g° ST SE Sp Iron
0 . Sk 5:03

29 855 0.04 0.02 0.04 4.37 3.458 0.96 0:70
197 8.955 0.04 0. 02 0.04 105 4.10 347 P 2.81
379 8.57 0.04 0.02 0.05 0.68 4.23 5.08 1.00 2.40
T2T B.s05 0.04 0.02 0. 05 0.38 593 3.08 1.00 1.54
1461 & .53 0.04 0.02 0.05 0.44 4.79 3.06 150 169

0z1T



pH: = 7.605
8- = 4.16
. 2
FeT = 5,38, 5.45 m®/1
i
. . ~ _ B _ _ ~ Reduced
Time pH + AOH 54 S5 8203 S ST SC SP Iron
0 7.467 5.54
30 7., 605 0.30 .01 0.00 4.20 0.10
190 7.585 .02 0,01 0.09 4.68 0.08 0.40
363 7.618 0.44 .04 0.02 0.18 4.36 0., 16 0.71
719 7581 .06 0.03 0.04 0.18 4,28 0«57 1.28
1444 7620 0.49 .07 0.03 0.05 0.49 4,107 Q.74 Do L

Te¢T



Run 21 pH; = 1.529
S?i = 4.80 ?
Feq = 2.38, 2.51 m~f1
i
_ ~ Reduced
Time pH + AOH™ S T $,0% 5" S; S S; Iron
0 7.486 5.586
33 7.529 01 .00 0.02 «15 4.82 4.64 0.54
390 7527 .02 .01 4.55 4.45 0.05
725 755 <02 0 4.80 4.25 0.16
1351 7.503 -3 02 0.03 .28 4.94 4.44 0.35 1.09
2168 7.497 .03 g2 4.73 4.02 0.56
2827 7:517F .04 .02 0.02 4.60 4.09 0.66
3612 7.493
4245 7.552 .04 .03 0.04 « 27 4.60 3.60 0.78 1.86

A



Run 22 pH; = 7.736
ST = 4.90
4 24 1l
PeT = 1.04, 6.34 m¢/1
1
Reduced
- - = = = [e) = -— =
Time pH +A OH Sz St 8203 S ST SC SP Iron
0 7.716 4.99
26 7.736 Q.27 . O .00 0.01 07 4.89 476 0.04 0.30
184 7726 0.14 .01 .00 0. 01 2 5:34 4.78 012 0.44
348 7.759 0.68 .02 - U 002 s L2 4..17 382 023 0.61
814 T.753 0.55 .03 02 0.02 .25 4.86 4.30 0.46 0.97
1503 y el 0.99 .03 <02 003 54 4.24 3.92 0.82 . 70
3010 7.795 1.20 L5 .03 0.03 72 4.79 g <8l 1.40 2.20

g&T



Run 24  pH, = 7.564
Si = 4.70
Fe. = 2.62, 15.2 m%/1
L |
_ _ _ B B Reduced
Time pH +A QH” Sa St S50+ 8° St S¢c Sp Iron
0 .554 0071 5.16 0.08
45 .564 .01 .00 001 w12 4,72 4.52 0.06 042
90 7.574
221 . 545 0.04 02 .01 .46 4.70 4.44 0.46 1.14
575 7.576 0.23 .03 <02 01.'0:3 .46 4., 59 591 0.72 1.44
740 .604 061 .04 .03 002 . 56 4.69 5. 54 1.53 1.76
1756 .0354 1.06 .04 .04 0.04 .19 4.66 2.84 1:97 3..26

Vel



Run 25 pH; = 7,552
Siﬁ = 4.80
Fep = 1.05, 6.52 m?/1
i
Reduced
Time pH +A OH™ 1 St S,073 §"® ST Sc Sp Iron
0 329 5.26
19 . 852 00 .00 0.00 4.78 4.53 002 0.08
105 340 =10 « 0 01 4.36 02,7 010
192 S .02 Sl 0.01 12 4. 63 4,32 .54
2472 344
280 328 « 02 07 4.05 U.24
396 368 0.49 .02 .02 0.02 18 4.10 3:09 053 0.82
762 366 055 + 03 03 0., 02 .39 3.44 5.26 B %5 L .36
1452 388 G 70 .05 .04 0.04 <43 4,26 .54 1.38 L7172

Sl



Run 28  pH; = 7.582

95}
1}
oo

.60

Fep = 2.62, 15.2 m2/1

)

~]

= = = - _ N Reduced
pH +A OH Sy Sg 5,0 S St Sc Sp Iron
.524 3.10

582 0.19 2. 26 2.51 0.03 0.38
.563 0.00 0.00 0.26 2.85 2.58 0.15 0.58

T« 570 0.03 0.02 0,01 0.00 023 2.82 2«38 0.32 D.69

# aif L 0.08 0.02 0.02 0.38 2.75 2:02 0.54 1.062
588 =21 0.03 0.03 0.01 0.56 511 1.56 1.5, 140 1.62
6352 0.77 0.04 0.04 0.01 0.68 2.5 i i 1.43 E 98

9?21



Run 29

pH; = 7.540
5, = 8.70
Feq = 2.60, 15.2 m?/1
" = _ Reduced
Time pH +AOH 84 g SZOS g° S% E S; Iron
0 ¥ . 528 9 .45
30 7.540 @ - Q) + 00 .30 8«11 8.74 0.05 v 71
160 7.566  0.40 0.03 .02 0.01 36 9.16 8.28 0.55 1.0%
323 7.595  0.82 0.05 02 0.03 .35 9.58 7.86 1.58 1.40
476 7.580 0.75 0.06 .03 0.08 39 8.75 6.89 2.08 1.98
755 7.585  0.99 0.07 04 0.06 36 5.53 1.99 1.94
1375 7.695  2.61 0.06 .05 0.06 28 8.85 % 7 4.55 3.82

LZ L



Run 30 pHi = 7.555
S%i = 1.80
Fer, = 2.60, 15.2 m%/1
i n " g Reduced
Time pH +A OH™ o 5 SZOg B* S; SE ; Iron
0 2515 0.00 2,11 0.04
39 7 5199 .00 .00 0.00 0.45 177 1.86 0.99
175 7+.568 0.02 DR .01 0.00 0.55 1.85 1 = #5 0.06 1.22
336 7+518 0. 03 .01 .01 0.01 0.3 1.94 Lo Sl 0.23 1.29
403 Y5481
465 Z' 259k 0.04 -0 o) 0.02 0.63 1.80 L. 57 0.44 1.59
470 7.545
760 1.528 0.09 U2 <02 0.02 0.56 L.F2 L1l 0.49 3
1500 7 =936 0.14 02 03 .03 0.8% 170 0.78 0. 75 2432

8¢CT



Run 31 pH; = 7.542
STi = 4.76 7
Fep = 5.17, 18.5 m=y1
i
- _ " B Reduced

Time pH +AQOH"™ S; St 5,07 5° St 6 Si Iron
0 7501 .02 5.40 O, L6

A 7 o 542 .00 100 0.01 <17 4.77 4.74 0.50
178 7.504 01 3 <02 01 001 BT 4.49 3.89 0. 29 1.02
333 VaSTT Q.51 02 02 0:02 54 4.82 4.01 1.05 1 .50
475 7.568 0.48 .03 « 02 0.04 70 4.78 3.46 115 212
605 7.893 0.82 04 03 005 .46 4.62 3.+ LS 1.43 1.64
1476 7.620 L. 27 .05 .06 0.03 20 4.44 205 2: 77 3.42

6Z1



Run 32

e,
jum

1}
~
wl
1
to

FeT = 1.54 11.3 m2/1

B _ Reduced
Time pH +AQH" Sy S §,0% e ST S¢ S; Iron
0 7. 526 0.00 5« 20 0 0L
50 Feis 2 0.57 0.02 00 0.01 4..26 0.26
170 7603 076 0.02 001 001 0172 4.45 4.14 0.52
316 7.564 0.02 3 .01 0.02 0.18 45338 L B 0:15 0D.73
465 7.620 0.97 Q.. 02 ) 0 0)..10 L 0.25 4.82 4 .07 0 20 082
615 7.609 0.87 Q.03 .02 0.02 Q.19 4.18 3 .82 0. 24 0.80
1465 7:618 0% 0.05 0.02 0.00 0 .10 4,12 5.39 0:65 0.66
1556% 7650 L, &F 0.04 0.03 0.02 0+506 4. 22 5 140 0.82 j [ e

*Stirred at 11.5 hrs (690 min)



33 pH: = 7.050
ST, = 4.50
Fey = 1.06, §.52 m/1
: _ _ _ il B N B Reduced
Time pH +A OH S4 S5 S,03% S ST C SP Iron
0 070 .00 0.00 0.02 4.90 016
40 050 00 0.00 0.02 4.54 .43 0.21
170 074 0.10 +O01 0 .08 0.03 o 4.31 Sk 0 k5 .72
510 .095 0.39 «02 0.01 0.04 0.32 4021 .89 0.30 L 7
473 7.097 0.47 <02 0.02 0.06 0.30 4.50 .89 0. 53 .40
600 .114 0.56 « 03 0.02 0. 06 0:32 4.25 02 0.69 1.49
1450 +1 56 0.69 .04 0.04 007 0 T A 4.41 34 0.91 Z.» il




Run 34

pH.l= T alla'
?_ = 5.17
" 2
Fep = 1.06, 6.52 m"/1
i
. ’ . - - _ N E Reduced
Time pH +A OH S% St S,07% g8° St S¢c Sp Iron
0 7.186 5« 0.00
33 A e g 0.00 0.00 0.00 3.7 4.89 5412 0.39
161 7130 D258 0 - QL 0.01 002 25 5.07 4,41 0. 18 0:75
52 T.225 0.56 0 .02 Q.02 G035 28 4.84 4.43 0.38 1:086
455 1.257 0.74 0.02 0. 02 0.04 30 4,81 4.06 0.49 120
610 t s LXT 0:65 0.03 002 0.04 45 4.69 5,94 0.75 1:53
13351 7.244 0.9 0.04 0.03 0 05 29 4.42 3.56 0.97 1.47

ZeT



Run 35 pH; = 7.419
Sp. = 5.50
- 2
Fep = 1.06, 6.52 m~/1
i
. . . _ i _ _ _ Reduced
Time pH +A OH S, c 8203 S St S¢ Sp Iron
0 7.410 0.02 5. ¥ 0.16
30 7.419 0.03 .22 5.52 5.40 0.69
166 7.433  0.20 .00 .00 0.04 .20 5.45 §.05 0.03 0.83
316 7.452  0.40 .01 .00 0.05 5.29 4.98 0.10
460 7.434 Bl .01 0.05 35 B.32 5.01 0.23 1.34
481 1472 02 .01
605 7.447  0.42 L2 .01 0.06 36 5.28 4.94 0.45 1.45
1450 7.498 102 A5 « 3 0.09 23 4.77 4.24 0.76 1«07

¢Sl



Run 36 pH; = 7.400
STi = 5.40
Feﬁ_= 06, 6.52 m2/1
_ B _ _ - N N ~ Reduced
Time pH +A OH A S5 SZOS S ST C Sp Iron
0 7.400 0.0 5.75
BS 7.400 .01 .00 ¢.02 5458 4.96
171 7.411 0.12 SO0 = URL 0 .03 510 Sedl 0.05
315 7.418 .22 02 <L 0.04 5.23 5wl & 0: 13
465 7.425 0.38 A2 LA 0.04 4.90 4,67 G.30
602 7.465 81 .03 « 162 0.06 5.16 4.56 0.43
1225 7.479 1.00 L0 -3 0.06 4.66 4.33 0.78

vel



APPENDIX B
Initial Rate Method

The kinetics for the reaction of aqueous bisulfide
ion and goethite was studied by the initial rate method.

The rate law for this reaction can be considered to be:

s = i & ; 5 y z
R; = d(FeS)/dt = k (H')™ [HST]7 AL 4y

where R; is the rate of formation of iron sulfide, (H) is

the hydrogen ion activity, [HS™] is the bisulfide ion con-

centration, A is the surface area of the reactant
FeOOH

goethite, and k is the rate constant. The coefficients x,

y, and z are the reaction orders for the respective species.

The initial rate method or differential method is

based on the fact that:
- : + A :
1n By = ln k + x In (H") +y 1n [HS ] + z 1n AFGOOH

The equation is rather complex for a reaction dependent on
several reactants, but it is possible to simplify the ex-
pression by maintaining all but one of the reactants con-

stant. This results in

In k¥ + x 1n (H+)

1]

1n Rl

where

% = : HS '
1n k In k +y In [HS ] + z 1n Ap .
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A plot of the log of the initial rate vs. the log of
the particular variable, (H*) in this case, will yield a
straight line with a slope x. This process is repeated
until the reaction orders for the reactants are determined.

The initial rate in this study was determined from
plots of the acid extractable iron sulfide (».21) concentra-
tions vs. time. Then a smooth curve or straight line was
fitted to the curve by a least squares regression method.
The initial rate was determined from this equation by taking
the first derivative of the curve's equation and setting the

value of x equal to zero. For example:

y = a + bx + cx?
dy/dt = b + 2 cx
dy/dt = b at x = 0

For the several experimental runs in which one re-

actant was varied, a log-log plot of b vs. the concentration

of the species varied was made. A straight line was drawn
through the points by a least squares regression. All but
three of the curves were fit by a parabolic function. The
remaining three were fit by a linear regression. The

"goodness of fit'" of these curves was determined by onec of
two methods. The linear equations were tested by an ecqual
tails test of the correlation coefficient at the 95% confi-
dence level. The quadratic curves were tested by the F-test

method (Kreyszig, 1970) at the 95% confidence level. All of

the curves fit the data at the above confidence limits.



157

The rate constant , k, for the reaction could then

be determined from the knowledge of the reaction order and

COncentrations of the various reactants in the rate expres-

Sion and the initial xate, Ri'

Ri.

+7 -1Y a2
(HT)X [HS™]7 Apeoon

All calculations, curve fitting, significance testing
and regression analyses were performed on a Hewlett-Packard
HP-65 calculator. All programs were found in their Stat Pac 1.
Significance of linear correlation coefficients were deter-
mined from tables in Crow et al. (1960). F-testing of para-

bolic Curves was performed from tables in Kreyszig (1970).
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