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ABSTRACT
OXIDATION OF AQUEOUS SULFIDES
IN THE PRESENCE OF
MANGANESE DIOXIDE
by
Bruce Merrill Thomson
A comparison of the oxidation potentials c£ Mn02# S-, ^Og-, SO^and SO^- indicates that manganese dioxide is thermodynamically capable
of oxidizing aqueous solutions cf hydrogen sulfide. A three part study was
undertaken to: 1) determine the kinetics of the oxidation both in the presence
and absence of oxygen, 2) measure the end products of the reaction, and
3), examine a possible treatment scheme using a fluidized bed of MnC>2
particles.
The oxichtion reaction was found to be first order with respect to
the disappearance of sulfides under both aerobic and anaerobic conditions.
The reactions are both pH dependent with the maximum rate occuring at
pH 8.0. By examining the products of the reaction, polysulfides (S -, with
x between 2 and 5) were found to be significant intermediates in both the
aerobic and anaerobic situations and their presence is believed to explain
the pH dependence.
Under anaerobic conditions the quantity of manganous ions produced
per sulfide ion oxidized is largely dependent on the end products of the reac¬
tion, which in turn depends on the pH. At pH 8 and below, sulfur is the
primary end product and the ratio, [Mn^/tS-**], is equal to 1. Above pH 8
thiosulfate is farmed and the ratio is higher.
When oxygen is present, the major product at the lower pH values
is still elemental sulfur, and at pH 9, thiosulfate and sulfate anions are
j jfound. In the presence of oxygen and high pH, the Mn
ions are reoxidized.,
hence MnC>2 acts as a catalyst in the reaction according to the following
equations (equation (1) is not balanced).
S-“ + Mn02(s)

> Mn++ + S(s)/SxOy=

Mn++ + 1/2 02 + HzO

>

Mn

°2(s)

+

2 H+

(1)
(2)

In the fluidized bed experiments, good sulficfe removal was obtained
at pH 7, 8, and 9 as long as the ratio [C^l/tS-**] was greater than 2. Mn++
ions were also reoxidized when the pH was greater than 8.

Elemental

sulfur was not formed, probably because the high degree of turbulence
prevented nucléation.

The principle products were sulfate at low pH and

thiosulfate at higher values. Accordingly, a reaction scheme was proposed
involving two competing reactions.
■.-II

MnC>2
MnO

-> S

(3)
SO,

(4a)
(4b)

MnO 2
x

S

2°3

+ S

3°6_

(5)
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INTRODUCTORY

INTRODUCTION
The presence of hydrogen sulfide in water and wastewater is
undesirable for several reasons; it causes unpleasant odors and tastes
even at low concentrations, and at higher concentrations it is toxic to
both humans and micro-organisms. It is also corrosive to metals and is
the cause of severe corrosion in concrete sewers.
Sulfides are predominantly found in municipal wastes in the south¬
ern part of the nation where warm ambient temperatures and slow flowing
sewers provide an ideal environment for sulfate-reducing bacteria. Groundwaters sometimes contain undesirable concentrations of sulfides, the
result of anaerobic conditions below the earth's surface that can render
a possible water supply useless.
Manganese dioxide is a possible oxidizing agent for aqueous
sulfides, and this invesitgation was undertaken to indicate its usefulness.
The study was carried out in four phases:
1) extermination of the kinetics of sulfide oxidation under anaer¬
obic conditions,
2) determination of reaction kinetics under aerobic conditions,
3) measurement of the end products of the reaction under both
anaerobic and aerobic conditions,
4) preliminary treatability studies using a fluidized bed of MnC^
particles.
The turnover of sulfur compounds in the cycle of matter referred
to as the sulfur cycle is shown in Figure 1 (Sawyer and McCarty, 1967).
Sulfate is used as an essential nutrient by many plants and microorganisms
and, as in the nitrogen cycle, the sulfur atom is reduced and incorporated
into organic compounds. Sulfur reducing bacteria of the genus Desulfovibrio
and Desulfotomaculum are capable of reducing sulfate directly to sulfide
and as such, contribute significantly to the sulfide problem. Reduced forms
of sulfur are oxidized to sulfites (SOg-), sulfate (SO^-), and polythionates
(S2O3-, SgOg-, etc.) under certain circumstances.
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Anaerobic
Bacterial
Decomposition

Aerobic
Bacteria

SULFUR CYCLE (Sawyer & McCarty, 1967)
Figure 1
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All species of both Desulfovibrio and Desulfotomaculum are obli¬
gate anaerobic heterotrcphic bacteria requiring an organic carbon source
for growth (Stanier, Doudoroff, and Adelberg, 1970).

Consequently

municipal sewage, rich in organic material and frequently anaerobic,
provides an ideal environment for these bacteria. Municipal wastes
generally contain large amounts of sulfate and organically bound sulfides
to compound the problem. In free flowing sewers, sulfides are produced
only in the slime layer on the submerged surface of the sewer and in
deposited silt and sludge along the bottom (Pomeroy and Bowlus, 1946).
Sulfides are not generated in the flowing portion of sewers, but instead
sulfides already present are often oxidized by oxygen diffusing from the
free water surface. Sulfide production in completely filled sewers is
also generally insignificant. Thistlethwayte (1972) reports a study by
Parker et al. for the Melbourne and Metropolitan Board of Works in
which it was found that the slime layer contains a mixed flora of bacteria
that suggest a double layer structure. The outside layer, closest to
the flowing sewage, contains organisms such as E. coli, Proteus vulgaris,
and jl. subtilis which reduce the redox potential enough to permit pro¬
duction of hydrogen sulfide from organic sulfide compounds. The sulfides
further lower the redox potential, allowing proliferation of sulfate reduc¬
ing bacteria in the seccnd layer, which is closest to the wall.
The model points out several important conditions which often
result in high concentrations of sulfides:
1) presence of industrial wastes which contain large amounts of
organically bound sulfur,
2) high sulfate concentrations in sewer (lack of sulfates does not
insure freedom from sulfides),
3) high biochemical oxygen demand which rapidly utilizes available
dissolved oxygen,
4) warm sewage temperature which accelerates biological activity
while lowering oxygen solubility,
5) sluggish sewer flows which favor slime buildup and siltation
while decreasing diffusion of oxygen into solution,
6) lack of a free water surface as in a pressure main or inverted
siphon through which re-aeration can occur,
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7) pH of about 8 which appears most suitable for maximum sulfide
production (Pomeroy and Bowlus, 1946).
Often sulfide generation can be reduced by sewer design which recognizes
the above factors.
Sulfides are present in water in three species; ^S, HS~, and S-.
Only molecular hydrogen sulfide, ^S, is present in the gaseous phase,
and its solubility is described by Henry's Law (Lawrence et al., 1965).
[H S

2 (aq)]

= k[H S

2 (g)]

k = 2.29@25°C

The presence of gaseous hydrogen sulfide depends on hydraulic conditions
(amount of turbulence) and sulfide concentrations in the sewer. Turbulence
as found at a drop outlet is likely to cause release of significant amounts
of sulfides.
The sequence leading to rapid deterioration of a concrete sewerage
system is probably best described with the aid of an illustration (Sawyer
and McCarty, 1967) (Fig. 2). Sulfides are generated in the sewage by
reduction of sulfates and release of organically bound sulfur. The hydrogen
sulfide gas escapes to the sewer atmosphere. Because sulfides are
quite soluble in water, it also comes to equilibrium with water which
has condensed on the sewer walls and crown. Absorption of both sulfide
gas and carbon dioxide insures that the pH of this water is near neutral.
At this point, sulfur oxidizing bacteria similar to Thiobacillus concretivorous
begin to grow. These are autotrophic bacteria using atmospheric carbon
dioxide as a carbon source, hydrogen sulfide as an energy source, and
atmospheric ammonia as a nitrogen source. All other nutrients necessary
are furnished by the concrete including phosphates, iron, potassium,
magnesium, and calcium. As the bacteria grow, they produce sulfuric,
thiosulfuric, and polythionic acids (Parker, 1951) which attack the cement
binder in the concrete. They are unique organisms because they are able
to thrive in the highly acidic (pH around 1.0) environment associated with
high rate concrete corrosion. Thistlethwayte has reported that under
"severely aggressive conditions," the rate of corrosion can be as high
as 1/4 inch per year of concrete lost or reduced significantly in strength.
In sewage treatment plants, metals are particularly susceptible
to direct corrosion by hydrogen sulfide, particularly in anaerobic digester
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FORMATION OF HYDROGEN SULFIDE IN SEWERS AND
CROWN CORROSION RESULTING FROM OXIDATION OF
HYDROGEN SULFIDE TO SULFURIC ACID - (Sawyer & McCarty)

Figure 2
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units. The digester, connective piping, and off-gas disposal facilities
are in constant contact with a very corrosive atmosphere. Hydrogen
sulfide reacts directly with many metals including copper, iron, steel,
and some grades of stainless steel.
A serious problem occurs where methane produced in the digester
is used to power generating facilities. One of the main combustion
products of hydrogen sulfide is sulfur dioxide (SO^ which is also very
ccrrosive and poisonous.
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BACKGROUN D CHEMISTRY
Chemistry of Sulfides
Hydrogen sulfide is a diprotic acid .with the following equilibrium
relationships (Stumm and Morgan. 1970).
+
2 -=i HS" + H

H S

PKJ

= 7.0

(1)

HS T—— S + H+

PK2

= 13.0

(2)

pK = -log K, where K is the dissociation constant. The logarithmic
concentration - pH diagram (Fig. 3) (see Appendix for details of construc¬
tion) clearly shows the distribution of sulfide species as the pH changes.
HgS is predominant at low pH, HS- from pH 8 to 12, and S“ is the main
species above pH 13.
Henry's Law indicates that there will only be significant gaseous
sulfide production when the H2S concentration is substantial, or when the
pH of a sulfide containing solution is less than 8.0. One method that has
been used to reduce sewer corrosion has been to raise the pH. This is
reasonably practicable for sewer systems, but is undesirable in anaerobic
sludge digesters where the optimum pH is between 6.6 and 7.7 (Metcalf
and Eddy, 1972).
Sulfides are the most reduced form of sulfur. More oxidized forms
are poly sulfide ions (S ” with x between 2 and 5 (Maronny and Valensi,
X

1957)), elemental sulfur, thiosulfate ions , polythionates (SxOgwhere x is between 3 and 6 (Urban, 1961)), sulfite (SO^-), and sulfate
(SO.-). All of these compounds are soluble in water except sulfur which
has a maximum solubility of about 5 x 10" M (moles/liter) (LaMer and
Kenyan, 1947).

From this standpoint it would be extremely desirable to

oxidize sulfides to elemental sulfur which would then precipitate out of
sdution and could be easily removed. This does not appear to be feasible
though because sulfur is thermoc^namically stable only at lower pH's and
over a very narrow range of redox potentials as is shown by an activity
ratio diagram (Fig. 4 (the details of this graph construction are also out¬
lined in the appendix). Sulfur is stable only when its activity ratio is

•

LOG
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DIAGRAM
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8

9
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(d)
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larger than that of either sulfate ions or the sulfide ion predominating
at any specified pH. Thus at pH 4.0, sulfur is stable when the redox
potential is between +1 and -2.
These diagrams cannot predict what the actual conditions of a
water system are, but instead show only whether or not elemental sulfur
is thermodynamically stable with respect to its other oxidation states.
Sulfur can in fact exist as a metastable phase under many conditions in
which it is not thermodynamically stable
The dissolution of sulfur is important in this study as it is possible
that it is one of the products of the oxidation of sulfide. In studying the
rate of dissolution, Hartler et al. (1967) found that it is dependent on:
1) the rate of mass transfer of both reactant and product,
2) the activity at the surface of the sulfur,
3) the rate of chemical reaction at the surface.
It was also found that the presence of sulfide and polysulfide ions had
an autocatalytic effect on the rate of dissolution which is explained by
the following reaction sequence;
HS

'

S
(aq>-— 2

+ S

(3)

+ H+

(4)

2 ~-S3

S

+ S

S

+ S

(aq>

il

3_

(aq)

+ S

4

î

S

CO

(aq)

(5)
(6)

-*-S5

provided that all reactions after the first are sufficiently rapid. It is
possible to write a generalized equilibrium expression for the various
polysulfide ions, and define an equilibrium constant K.x
HS" + (x - 1) S
K

=

[H+] [Sx ]

x

SX + H

(aq)
(x-l)

(7)
(8)

"When the chemical system is saturated with sulfur, i.e. the sulfur is
—, g

greater than 5 x 10
M, precipitated sulfur will be found, and by thermocynamic convention, its activity will be unity. In that case we can re¬
write equation (8). Values of the pK for x between 2 and 5 are reported

as follows (Maronny, 1959).
HS“ +

s *—±S2

HS" + 2S

+ H+

pK2 = 12.19

(10)

pK3 = 10.85

(11)

HS“ + 3S^=— S4

+H+

pK4 = 9.86

(12)

HS" + 4S ^— S5

+H

T3
cn
11

+

00

+H+

CD
•
i—•

— S3

(13)

The equations indicate that the predominant polysulfide species will be
S4" and S,--, an important result from an analytical standpoint.
Another important aspect of aqueous sulfides is their ability to form
very insoluble metal-sulfide complexes.

The solubility product for the

metal-sulfide dissociation
M++ + S=

MS

(14)

is given by the expression
K

top

= [M++] [SÎ
-19

KS

(15)
-49

is generally very small with values of 3.7 x 10
for FeS, 1.6 x 10
P
_53
_23
for AgS, 4 x 10
for HgS, and 1.2 x 10
for ZnS being representative.

Masselli et al. (1967) have proposed using sulfides to control heavy metal
concentrations in anaerobic digesters.
Chemistry of Manganese Dioxide
The element manganese, like iron, exists in several oxidation
states, though the II and IV states are of most importance in aqueous
systems.

In the VII state, as in MnO^”, it is reduced by water, and the

Mn(III) ion may be subject to disproportionatien (Stumm and Morgan, 1971).
2Mn3+ + H20‘

■v

Mn

+ Mn°2 (s) + 4

HT+

(16)
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Mn (II) is the most stable oxidation state in neutral and acid
aqueous solutions, and exists as the hexaquo ion, [Mn(H20)g]++ (Morgan,
1967). It is commonly associated with hydroxide, carbonate, phosphate,
sulfate, and sulfide anions. MnC>2 is the main form of manganese in the
(IV) state, though the stoichiometric subscript is never exactly 2. Morgan
(1967) reports that in the pH range of 9 to 10, compositions of air oxidation
products range from MnO^ 24 to MnOj ^ . The solubility of higher valent
manganese oxides (MnO where x is between 1 and 2) is low enough that
X
detection of soluble Mn is not feasible, though some non-stoichiometric
oxides contain Mn++ ions which are measurable.
Morgan (1967) has published a very thorough discussion of the
kinetics of manganese oxidation by oxygen and includes a discussion of
the thermodynamic stabilities of its different oxidation states. A manganese
potential diagram is reproduced (Fig. 5) for an aquatic system containing
only Mn and I^O. It has been assumed that soluble Mn is equal to 10~ M
and that activities are equal to concentrations for this dilute system. Care
mus t be taken in interpreting diagrams of this nature as has been pointed
out because they represent equilibrium states of natural waters. Signifi¬
cantly, the diagram indicates that MnOg is the only stable form of mangan¬
ese in the pH range of oxygen containing natural waters.
Mn (II) oxidation has been found to be autocatalytic and a rate law
describing the reaction has been shown to fit the data (Morgan, 1967; and
Stumm and Morgan, 1971).
d [Mn (II)]
dt

k [Mn (II)] + k [Mn (II)] [MnOl
0
^

(17a)

Here, k depends on the partial pressure of oxygen and pH, and is described
by the following equation, lending support to the autocatalytic scheme.
k = k'[OH~]2 p^ (17b)
°2
Stumm and Morgan (1971) have proposed a reaction mechanism to
explain the observed phenomena (not balanced with respect to water and H+)

OXIDATION

POTENTIAL

(volts)

13

PH

MANGANESE POTENTIAL DIAGRAM
FIGURE

5
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Mn (II) +l/2 02

Sl

-^>

Mn

02(s)

(18)

Mn (II) + MnC ^ —^aSt » Mn (II) » Mn03 ^

(19)

Mn (II)* MnOz

(20)

>2

+ 1/2 02—2 MnQ2 (s)

This model explains the fact that the products of the oxidation are
not stoichiometric as previously mentioned and also accounts for the large
saption capacities of higher valent manganese oxide suspensions for Mn++
in slightly basic solutions.
A comparison of the oxidation potentials of manganese dioxide,
sulfides, elemental sulfur, thiosulfate, and sulfite is presented in
Table I (Sillen and Martell, 1964).
POTENTIAL
(VOLTS)

REACTION
i

Mn

ii

S

iii

°2

(s)

+ 4H+ + 2 e~s=± Mn++ + 2 I^O
2 e"^ HS~

1.230

LOG K
41.60

-0.478

-16.2

S03= + 3H20 + 4eV S(g) + 6 OH”

-0.66

-44.4

iv

2 S03= + 3 H20 + 4 e”i=* S203= + 6 OH"

-0.58

- 38.6

V

S04= + H20 + 2 eV=* S03= + 2 OH"

-0.93

- 31.3

(s)

+ H

2°

+

+ OH

~

TABLE I
From this table it is readily apparent that MnÜ is capable of oxidizing
sulfides completely to sulfate, and that the reactions involved are all
2

thermodynamically very favorable as indicated by a large change in poten¬
tial. The purpose of this study then, was to determine the kinetics of
the sulfide oxidation both under anaerobic conditions in which presumably
++

all of the MnÛ would be converted to Mn
ions, and under aerobic
conditions which includé reoxidation of these ions to MnOg.
2
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PREVIOUS

STUDIES

Chen and Morris (February and June, 1972) report an extensive
study of the oxichtion of aqueous sulfides by oxygen alone and in the
presence of a number of catalysts, both metallic ions and organic com¬
pounds .
In examining the oxidation by oxygen alone, a strongly pH depen¬
dent, autocatalytic disappearance of sulfide was found that included an
induction period lasting between 12 minutes and several hours. By varying
the concentration of both sulfide and oxygen, and then measuring the
initial rate of reaction, they were able to obtain data which led to the
postulation of the rate expression
d[S-11]
dt

t=0

= k[s-Vo-34 [o2]0*56

(21)

The reaction does not proceed below pH 6.0, presumably because
all of the sulfide is in the HgS form. Two maximums in the specific rate
occur at pH 8.3 and 10.8, and a minimum at pH 9.0. The first maximum
is expl ained by the rapid formation of polysulfide ions which are parti¬
cularly stable at this pH and the fact that most of the sulfide ions are
in the HS- form. Above pH 8.3, sulfur hence polysulfides, are not
produced which accounts for the decrease in the reaction rate. The in¬
creased rate at higher pH is not explained. A proposed reaction pathway

Reporting on catalytic effects (February, 1972) it was shown that
certain metal ions accelerated the reaction, some very drastically.
Between pH 7. 5 arid 8.5, rate acceleration was recordsd for the ions
x-j- +•+* +4*

Ni , Co , Mn , Cu
in order of their effect on the rate. Organic
compounds were tested and some found to accelerate the reaction, others
to inhibit it, and still others had little or no effect.
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Two reaction mechanisms were proposed for the acceleration of
the metal ions. The first involves an electron transfer with two chain
initiating reactions. Formation of either radical starts the chain.
Mn+ + 02 + H+——> M(n + 1) + + H02
n+
M(n + 1)+ + HS-_
—> M
+ HS

(22)
(23)

The other mechanism involves formation of a metal-sulfide complex
which would lower the activation energy of autoxidation, resulting in
rapid precipitation of elemental sulfur.
M(HS)(n "
H02_+ HS“

+

+ 02
>

►Mn+ + S(s) + H02"

2 OH" + S(s)

(24)
(25)

Because of the complexity of the system, the accelerating and
inhibitory effect of organic compounds has not been explained.
Bailey and Humphreys (1967) reported that addition of 50 to 100
mg/1 of Mn++ ions as MnCl2 to bench-scale aeration basins containing
2,500 mg S/1 reduced the amount of time required for removal from about
12 hours to less than 3 hours for a leather tannery industrial waste.
The principle end product was thiosulfate, though a study of the mechan¬
ism was not performed. A pilot aeration tower was constructed and it
was found that successful removal of sulfides could be accomplished
with 50 mg/1 of Mn++ and a retention time of about 31/2 hours.

EXPERIMENTAL
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ANALYTICAL

PROCEDURES

Equipment
The instruments used in this study were:
1) Beckman Model DBG Grating Spectrophotometer,
2) Warburg Constant Temperature Bath,
3) Corning Model 112 Digital Research pH Meter,
4) Metier Type H6 Balance.
All glassware was either KIMEX or PYREX brand boro-silicate
glass. All glassware and magnetic stirring bars in contact with solu¬
tions used in the experiments were soaked in aqua regia overnight,
then rinsed in .1 M NaOH, and finally distilled deionized water. All
other glassware was washed thoroughly with laboratory detergent and
rinsed with deionized water.
Reagents
All reagents used were either Fisher Certified or J. T. Baker
'Analyzed" reagents. All water used in experimental work was distilled
water which had previously been deionized by passing it through an ion
exchange column.
Deaerated solutions for anaerobic experiments were prepared by
bubbling N gas through a gas-liquid contactor to insure saturation of
2

the gas with water to prevent evaporation. All solutions were deaerated
for at least 4 hours, and measurements of the dissolved oxygen concen¬
tration with an oxygen probe, showed less than 0.5 mg D.O./l. Oxy¬
genated solutions were prepared in a similar manner using O

2

gas instead

of N

gas.
Stock sulfide solutions were prepared by adding NagS^HgO crystals
to deaerated solutions of distilled-deionized water. A new stock solution
was prepared for each experimental run as it was found that enough air
2

diffused into the bottle each time it was unstoppered to initiate oxida¬
tion and alter results if the solution was more than about 6 hours old.
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Methods
During the course of the research, the following compounds were
measured; sulfides, polysulfides, thiosulfate, sulfate, sulfite, elemental
sulfur, manganous ions, and forms of manganese in the (III) and (IV) oxi¬
dation states.
Sulfide concentrations were determined by the methylene blue
j.u
photometric method (Standard Methods, 13m ed.) in which N,N-dimethylp-phenylenediamine oxalate reacts with the sulfides to form methylene
blue (Pomeroy, 1936) in the presence of Fe 3+ icns. The resulting colored
solution is measured at 600 mjt.
2[H2]N©N(CH3)2] + Cl" + S= + 6 Fe3+

>

+ 6 Fe** + NH.+ + 2 H+

4
gj N(CH3)2
The method is very accurate down to sulfide concentrations of 0.01 mg S/1.
Stock sulfide solutions were standardized by an iodometric procedure
*th
(Standard Methods, 13 ed. ) and used to prepare calibration curves for
the colorimetric test. This method involves stripping the sulfides from

solution and collecting them in a zinc acetate solution as ZnS. Excess
iodine solution is added and after reaction with the sulfide, the remaining
iodine is determined by back titration with thiosulfate.
Determination of individual polysulfide species was not attempted
because of the difficulty in distinguishing between the various S ~ species.
Schwarzenbach and Fischer (1960) prepared pure poly sulfide salts and found
that the spectra of S^_ and S,.-, the predominant species, to be virtually
identical in the near u.v. Chen and Morris (June, 1972) recognizing this
fact, reported their results simply as the absorbance of the solution at
a wavelength of 290 mu, where the absorbance of other sulfur anions is at
a minimum (Eremin and Kiseleva, 1969). This same procedure was followed
in this study.
Thiosulfate ions were determined by reaction with cyanide in the
presence of a cupric chloride catalyst to form thiocyanate (Urban, 1961)
under acidic conditions. The thiocyanate was then determined colorimetrically
by adding ferric nitrate to form a brown complex which absorbs at 460 mA*

19

S203 + CN~

?uC-2..> SP3

+ SCN"

Interference from sulfides, which would also form thiocyanate, was
prevented by adding zinc acetate and centrifuging out the precipitate.
Sulfate was determined by measuring the turbidity of a barium
sulfate suspension under slightly acid conditions (Standard Methods,
13m ed. ). The determination of both thiosulfates and sulfates are sensi¬
tive only down to 1. 5 mg S/l, an important consideration when analyzing
the reaction products of low sulfide concentrations.
Sulfite was measured by first complexing with sodium tetrachloromercurate to prevent oxidation, followed by addition of p-rosaniline and
formaldehyde to yield a red-violet color which was measured photometrically
at 560 m (West and Gaeke, 1956). Sulfide interference was eliminated
as before by adding zinc acetate and centrifuging out the precipitate.
Elemental sulfur was collected as a precipitate on 0.45M membrane
filters, washed with deionized water and re-dissolved in acetone. Cyanide
was added to react with the sulfur to form thiocyanate which was then de¬
termined as above as a brown complex with ferric ions (Bartlett and Skoog,
1954).
Morgan and Stumm (1965) have developed a colorimetric method for
determining manganous manganese which first requires membrane filtration
to separate the Mn
ions from the oxidized manganese forms. Formaldoxime
(formaldehyde oxime, H2C=NOH) is added to the solution, and under basic
conditions, oxidizes the manganese to the (III) state. Color formation is
believed to be the result of complexation of Mn (III) by the formaldoxime
or its trimer or both. The technique was used in this study. Manganese
in higher states, (III), (IV), and (VII), was determined using o-tolidine.
O-tolidine is oxidized by permanganate, manganese dioxide, and manganese
(III) pyrophosphate solutions to a holoquinone, which has a characteristic
yellow color at low pH.
Precision
In measuring low concentrations of species produced by the sulfide
oxidation, erratic results were noticed which must be ascribed to either
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poor technique or an insensitive analytical method or both. A brief series
of experiments were therefore run to determine the precision that could be
expected from the particular methods used. Five measurements each of
sulfide, sulfite, thiosulfate, elemental sulfur, and sulfate were performed,
and the sample standard deviations calculated as an indication of the pre¬
cision of the methods. Sulfide and sulfite tests were found to have pre¬
cisions of + .005 mg S/1 and + .01 mg S/1 when no dilution was necessary
and are recorded on the graphs as single points. The sulfate and thiosulfate
tests are less precise and sample standard deviations for them have been
established as + .75 mg S/1 and + .4 mg S/1. A point indicating the mea¬
sured value and a bar to show these limits is used in graphical representa¬
tion.
The sulfur test is believed to be fairly precise, probably + .1 mg S/1
when the sulfur is dissolved in acetone. In water, the sulfur must be first
collected on a membrane filter, then re-dissolved in acetone. Often the
filter only collected 20^tg, which corresponds to a concentration of 2 mg S/1.
To complicate matters, sulfur floated to the surface of the reaction solution
making it impossible to be certain that the samples collected for analysis
were completely representative. The precision was found, by adding ele¬
mental sulfur to the reaction flask and then simulating the sampling tech¬
nique, to be + 1.7 mg S/1. Sulfur results are displayed in the same manner
as the sulfate and thiosulfate data on the graphs.
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RESULTS
Introduction
It was assumed that the disappearance of sulfides with time can
be expressed as a power law rate expression that includes the concentra¬
tion of sulfide and the amount of surface area of manganese dioxide per
unit volume in the reactor, since the reaction was expected to occur at the
surface of the particles. In the presence of oxygen, a second homogeneous
reaction can also be expected to take place. The rate expression for the
first case would be
d [S'11]

= k1[Mn02]X[S“II]y

(26)

dt
where
[MnQ2] =

Amount of MnO? Surface Area
Volume of Reactor

The second equation would be
d[S~n]
dt

= k2[o2]m[s-II]n.

(27)

kj and k2 are both pH dependent, and k2 is known to be strongly affected
by the presence of catalyst or inhibitors in the reaction solution (Chen and
Morris, Feb. 1972).
By maintaining a large excess of Mn02 in the solution, its total
surface will remain virtually unchanged and (26) can be rewritten as
d[S II]

-

~
-II
v.
=
k.'[S U]y
1
dt'

(28)

It should be pointed out that for kj* to remain constant, the amount of surface
area per unit volume must be the same for each kinetic experiment. In this
study, the Mn02 crystals were sieved and only those particles between
number 230 (63^) and 100 (149-M.) sieves were used. 5.000 + .002 grams
_2

“

(5.76 x 10
M) of Mn09 were used per liter of reaction solution which
^
2
corresponds to a net surface area of roughly 500 cm /I based on an average
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particle size of

106M.,

and a sphericity of 0.70 for crushed crystalline

material (Fair et al., Vol. II, 1968).

The initial concentration of sulfide

used varied between 100 mg S/1 (3.0 x 10~^ M) to 5 mg S/1 (1.6 x 10~^ M).
When MnC

and C

>2

>2

are both in the system, consideration has to

be given to the possibility of reoxidation of the manganous ions formed,
which would result in its operating as a catalyst to the sulfide oxidation.
The reoxidation should only occur at high pH (Morgan., 1967).

The gener¬

alized rate expression for all possible situations should have three terms
for the reaction system covering situations when:
1) only MnC

>2

is present,

2) only Og is present,
3) MnC

>2

and O

2

are both present.

The resultant expression is
d [S"lll

= k1[Mn02]X[S"II]y(l + k3[02]Z) + k2

(29)

dt
When MnOg is present, the second term becomes insignificant which is
equivalent to saying kj is much larger than k3MnC and C is much greater than MnC
than unity and (29) can be reduced to
>2

>2

>2

If the combined effect of

alone, then k^CC^]2 is much larger

d[S~H]
dt

k1k3[Mn02]X[S'II]y[02]Z

(30)

and if both Mn03 and Og are in large excess, then their concentrations
will not change significantly and (30) can be expressed as
d[S~H]
(31)
dt
The strong probability of there being a net consumption of hydrogen
ions as evidenced by the overall reaction stoichiometries necessitated the
use of buffer solutions to maintain constant pH.

The buffers used, and their

corresponding buffer regions are shown in Table II.
for all of the batch experiments were .1 M.

Buffer concentrations
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Buffer

PH

Chemical Formula

3.5 - 5.5

Acetic Acid

CHgCOOH

6.0 - 7.5

Sodium Phosphate

Na2HP04

7.5 - 8.7

Tris (Hydroxymethyl)
Aminomethane
Boric Acid

(HOCH2)3CNH.

8.2 - 10.0

H B

3 °3

TABLE II
Batch Experiments
The batch kinetic studies were carried out in one liter Erlenmeyer
flasks immersed in a constant temperature water bath; mixing was acheived
by 6 cm long teflon covered magnetic stirring bars. A rubber stopper sealed
the top, and samples were expelled through a glass tube in the stopper with
either O2 °r N2 gas, depending on whether the run was aerobic or anaerobic.
In this manner, it was possible to keep almost all of the Mn02 particles
in suspension.

In the course of the experimental work, it was suspected

that the reaction was diffusion limited, hence a paddle stirrer attached to
a variable speed motor was used to try to provide more agitation (see below).
To be certain that the rubber stopper did not absorb any of the sulfide or
alter the rate of oxidation, two blanks were run at pH 9.0 without Mn02,
one with a glass stopper, another with a rubber stopper. At the end of three
hours there was no detectable difference in the sulfide concentrations in
the two flasks.
Based on preliminary studies carried out be D'Alessandro (1972), it
was expected that the reaction kinetics would be first order with respect to
sulfide concentration under anaerobic conditions, that is, the exponent y
in (26) and (28) would be 1.0. First order reactions, plotted on semi-logarithmic
paper with reactant concentration on the logarithmic scale and time on the
linear scale, are straight lines. Consequently the results of the anaerobic
experiments are displayed in this manner (Figs. 6, 7, 8, and 9), and it is
readily apparent that the disappearance of sulfides does in fact obey first
order kinetics. It is also noticed that the rate constant is strongly pH
dependent. Under anaerobic conditions, even with a buffer concentration
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of 41 M, it was noticed that the pH climbs between .1 and .3 pH units
for each run, depending on the initial sulfide concentration.
In the aerobic kinetic runs, 200 ml of buffer solution was placed
in a 1000 ml Erlenmeyer flask and saturated with oxygen before 2 ml of the
stock sulfide solution were added. Based on Henry's Law, the oxygen
_3
concentration in solution should be 40.6 mg/1 (1.27 x 10- moles of C
>2

per liter of. solution) and the amount of oxygen in the air space above the
_2
solution would be about 3.6 x 10
moles of Og. To be sure that the flask
was not oxygen limited, lower concentrations of sulfides, not exceeding
about 10 mg S/1 or a total of 6.3 x 10-^ moles were used. The reaction
flask was violently stirred during the experiment to ensure diffusion of
oxygen into solution from the air space above as it reacted with the sulfides.
Again it was suspected the reaction was first order and semilogarithmic plots of the data confirm this (Figs. 10, 11, 12, and 13). In
the aerobic experiments, the strong pH dependency of the rate is also
apparent although in these experiments, the buffer was adequate and kept
the pH within .0 5 pH units of the initial value. The very rapid initial rate
of disappearance of sulfides at pH 6 and 7 is due to the diffusion of
into the atmosphere above the reaction solution in the flask. At pH 8 and
9, HS” is the predominant species so very little of the sulfide is in the
gaseous phase.
The dependence of the combined rate constants k^' and k ' on pH
2

is shown in Figure 14. From this diagram it can be seen that both combined
constants go through a rate maximum at about pH 8.0 and then drop off
again.

Chen and Morris (June, 1972) found this same result for aerobic

oxidation of sulfides not in the presence of MnÜ The end products of the reaction for both the aerobic and anaerobic
conditions were determined. A problem was presented here by some of the
2

more complex analytical procedures, requiring several minutes to complete.
It became difficult to analyze for one reactant and three or four products
all in the course of one thirty minute reaction, and in some cases the number
of data points is limited. The precision of the methods and difficulties
encountered have been previously described.
The results of this set of experiments for pH 7, 8, and 9 are shown
in Figures 15, 16, 17, 18,19, and 20 for both aerobic and anaerobic conditions.
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As has been seen from a consideration of the thermodynamics of the systems,
MnC can oxidize sulfides all the way to sulfates, and under aerobic condi¬
tions, sulfate and thiosulfate are major end products at higher pH values.
Once all of the sulfide has been removed, it is conceivable that the thio¬
sulfate would continue to be converted to sulfate by the MnÜ crystals.
>2

2

Under anaerobic conditions polysulfides are formed and then later
oxidized to elemental sulfur at the lower pH conditions. No sulfates or
sulfites were detected, and the presence of thiosulfate was questionable
except at pH 9.0 where almost no sulfur was formed. This is quite consis¬
tent with the thermodynamic stability of elemental sulfur as predicted in
Figure 4.
Since the amount of sulfide which has reacted varies in each of the
amount of manganous ions produced per sulfide ion being consumed has
been calculated (Table III). It can be seen that under aerobic conditions,
there is significant reoxidation of the MnC^. In the anaerobic case, there
can be no reoxidation.
Column Experiments
The column experiments involved pumping a well oxygenated sulfide
solution up through a bed of MnC^ particles approximately 50 cm high con¬
tained in a glass tube with an inside diameter of 4 mm. The force of the
water caused the particles to become fluidized, expanding the bed to about
100 cm in length. The flow rate required to expand the bed was found to be
2.3 ml/min. which corresponds to an upward velocity of 18.3 cm/min. Based
on this velocity, the average time for the sulfide containing solution to re¬
main in contact with the MnC^ particles was 5. 5 minutes; in this short period
of time, the solution is in contact with roughly 19 grams of the crystals.
The column was not run under anaerobic conditions as it was hoped
that the presence of oxygen would cause reoxidation of the manganous icns
formed so that the column would operate in a catalytic manner. The results
of this series of experiments are shown in Table IV. The column was first
run with .1 M buffer solutions at pH 7, 8, and 9 to correspond with the
batch experiments. Each of the solutions was saturated with pure oxygen
and the column was run until a steady state had been reached (which was
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[s'11]
REACTION
CONDITIONS

£H

DECREASE
M x 104

[Mn++]
INCREASE
M x 104

CMn^/fS-1]

7

3.31

1.7

.515

8

1.50

0.34

.226

9

1.47

0.00 5

.0034

7

2.81

1.5

.534

8

2.95

2.3

.778

9

2.35

1.5

.640

Anaerobic

7

2.90

2.9

(with EDTA)

8

2.90

" 3.4

1.17

9

3.16

5.0

1.58

Aerobic

Anaerobic

SUMMARY

OF

MANGANOUS ION FORMATION
TABLE III

1.0
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determined by continuously monitoring the influent and effluent solutions)
a composite sample was then analyzed for the reaction products. When
the flask containing the influent sulfide and oxygen solution was kept
scrupulously clean, the oxidation of the sulfides was either insignificant
or so slow as to cause no more than a ten percent decrease in the sulfide
concentration over the two to three hour course of the experiment. Reoxi¬
dation was not particularly effective in keeping down the manganous ion
concentration at pH 7 and 8, but at pH 9, its concentration was less than
detectable.
The second set of experiments was to involve aerated tap water
as an approximation of a real system which might be encountered, but it
was found that the tap water contained enough metal ions and/or trace
organic compounds to initiate and catalyze the reaction so that the sulfide
and oxygen concentrations did not remain constant over the course of the
experiment. Instead, the oxygen was depleted from the solution and the
sulfide concentration dropped 75 percent in a two hour period. An approxi¬
mation of a real system was then made by adding 200 mg/1 of HCO^- to
distilled water and again using air as an oxygen source. The results are
also shown in Table IV. In these unbuffered runs, the pH consistently
climbed, which is advantageous because the reoxidation of the Mn
ions
proceeds most rapidly at higher pH values.
One major problem found when using air is that the saturation value
of oxygen at 22°C (ambient room temperature) is 8.8 mg/1 or 2.75 x 10~^ M
which is insufficient to allow for complete oxidation of the sulfides and
reoxidation of the manganous ions when the initial sulfide concentration
is above about 5 mg S/1. Large concentrations of both consequently appear
in the column effluent.
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DIS CUSSION
Batch Experiments
The disappearance of sulfides under both anaerobic and aerobic
conditions obeyed a first order rate expression in the presence of a large
excess of MnC which frequently indicates diffusional limitations when
>2

the reaction is heterogeneous.

Since the magnetic stirrers in the system

were always set at the maximum speed permitted by the stirring bars, an
alternate system composed of a round bottom flask and a paddle stirrer was
used to produce more agitation. The results of this experiment are shown
in Figure 21. An aerobic reaction at pH 8.0 was selected to test the appa¬
ratus because it was the fastest reaction, and the most susceptible to
diffusional limitations. The stirring was viblent and the rate constants
obtained with the two different systems are almost identical indicating
that the reactions were not limited by diffusion, though the experiment is
not completely conclusive.
Perhaps one of the most significant aspects of these kinetic studies
is that when MnC is present, the induction period in the sulfide oxidation
>2

reaction in aerobic systems that has previously been reported to vary from
several minutes to two hours or more (Chen and Morris, 1972) was not found
at all. An example of how small a quantity of MnC^ is needed was demon¬
strated when a solution, supposedly containing no MnOg/ was used to
measure the rate of reaction under pure oxygen conditions. The reaction
was much more rapid than expected, and there was absolutely no induction
period. This phenomena was finally traced to a magnetic stirring bar which
had been soaked in aqua regia overnight, but still contained enough im¬
pregnated MnC to initiate and catalyze the reaction.
The effect of pH on the rate constants k^ and k * (Fig. 14) has two
possible explanations. The shift of the sulfide species from HgS to HS~
>2

2

as the pH increases from 6 to 8 could account for the increase if HS~ is
assumed to be the reacting species, however this hypothesis does not
account for the definite decrease in rate as the pH continues to increase
up to 9, which has also been noted for a pure water and oxygen system
(Chen and Morris, June 1972). Another explanation has been proposed in-

SULFIDE

CONCENTRATION

(mgs/l)
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EFFECT OF STIRRING,
AEROBIC KINETICS pH 8
FIGURE
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volving the formation of polysulfides as reaction intermediates. It has
been calculated that at pH 6 and below, the concentration of polysulfides
in a solution saturated with elemental sulfur would be insignificant, but
would predominate above pH 8. There are two opposing trends as the pH
climbs, the region of stability for sulfur decreases but the polysulfides
become more prevalent, therefore there is a region of maximum polysulfide
formation and a corresponding maximum reaction rate.
Results of the second series of experiments, measurement of the
end products of the reactions, indicate that indeed polysulfides are an
important intermediate in the oxidation reaction. Under anaerobic condi¬
tions poly sulfides are found at all three pH values examined, 7, 8, and 9,
and under aerobic conditions, detectable amounts were also noticed.
Under anaerobic situations, there are basically four possible end
products of the sulfide oxidation. Under aerobic conditions, a fifth reaction,
the reoxidation of the manganous ions formed, is possible. Five basic
reactions are therefore of concern.
MnQ2 + S +4 H+ » Mn++ + 2H20 + S, x

(32)

3 MnOz + S + 6 H+

(33)

» 3 Mn++ + 3 H20 + SC>3

4 Mn02 + 2 S= + 10 H+-—» 4 Mn^ + 5 H20 + S203=

(34)

4 MnOz + S= + 8 H+

(35)

4 Mn++ + 4 H20 + S04=

Mn++ + 1/2 Oz + HzO ■—» MnOz + 2 H+

(36)

The net consumption of H+ ions in the first four reactions clearly
explains why it was impossible for the buffer solutions to hold the pH
constant under anaerobic conditions. The presence of oxygen, causing
reoxidation of the manganous ions, results in the release of two protons
per manganous ioi which balances the previous uptake if sulfate or sulfite
is the end product, and partially balances it in the other cases.
Without the oxygen to reoxidize the manganous ions, it should
be possible to measure their net production and compare it with the decrease
in the sulfides. Equations (32), (33), (34), and (35) predict the formation
of 1 mole, 3 moles, 2 moles, and 4 moles of manganous ions per mole of
sulfide being oxidized, depending on the end product of thé reaction.
Table III shows that under aerobic conditions the ratio [Mn++]/[S~] is
always less than unity, and drops rapidly with increasing pH, an indication
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that reoxidation is taking place. Under anaerobic conditions the ratio is
still less than unity and with no apparent pattern. Suspecting that this
was due to precipitation of MnS crystals, identical experiments were run
with EDTA (ethylene diamine tetra-acetic acid) to complex the manganous
ions, and the ratios all increase. At pH 7.0, the ratio is unity which is
to be expected since the major end product is sulfur. At pH 8.0, some
thiosulfate is formed, and the ratio is about 1.2 which means that roughly
10 percent of the sulfide is oxidized to thiosulfate., Figure 19 shows that
1 mg S/1 of thiosulfate is formed which agrees well with the predicted value.
Figure 20 indicates significant amounts of polysulfides present at
the end of the anaerobic run at pH 9.0. The [Mn++]/[S~] ratio (Table III)
is 1. 58, which indicates the presence of sulfur since it is less than 2.0.
Filterable sulfur was detected though in low concentration. The presence
of polysulfide ions probably explains this discrepancy since several sulfur
atoms (each resulting in the production of one Mn++ion) may be bound to
one sulfide ion to form these species.
When oxygen is present, the reaction at pH 7.0 has the same prin¬
ciple end product as in the anaerobic case, elemental sulfur. Significant
poly sulfide formation occurs for only a very short period of time. Also
present under these conditions is a large concentration of sulfates, account¬
ing for about 35 percent of the total sulfur in the reaction flask.
At pH 8.0, the oxidation-reduction range in which sulfur is stable
is much narrower than at lower pH values (Fig. 4). This probably accounts
for the decreased sulfur concentration. Again, polysulfides are formed at
the beginning of the reaction and disappear later. Initially large amounts
of thiosulfate appear along with small amounts of sulfate, but towards the
end of the run, after almost all of the sulfide has been removed, there is
a decrease in the thiosulfate concentration and a corresponding increase
in the sulfate concentration. As was shown in Table I, MnC^ is thermo¬
dynamically capable of oxidizing thiosulfate, and it seems quite probable
that this is what is happening. This same result was found at pH 9.0,
where again there is initial evidence of poly sulfide formation, though not
as much as at pH 8.0. Thiosulfate is again the main product, containing
over 85 percent of the total sulfur in the reaction system.
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Column Experiments
The rationale behind the third series of experiments involving the
fluidized bed reactor was to examine the possibility of treating a potential
water supply or wastewater with MnO in a convenient and economical
manner. Because the reaction is heterogeneous, an upflow column in which
the particles are in constant agitation and in which there is alarge amount
of turbulence and mixing provides ideal conditions minimizing the possibility
of diffusional limitations. Since MnC is so dense (specific gravity of 5.0)
very small particles with a correspondingly large total surface area can be
>2

used with conveniently high flow rates. The column in this study had a
cross sectional area of 0.126 cm , and a flow rate of 2.3 ml/min which
corresponds to a surface loading (total flow rate/cross sectional area) of
18.3 ml/min-cm

2

2

or 4.5 gpm/ft . As a comparison, the Water Treatment

Plant Design manual (1969) recommends a maximum surface loading for a
rapid sand filter under normal operation be between 3 and 8 gpm/ft . Thus
the size requirements for a fluidized bed of MnC particles would be similar
>2

to those of a rapid sand filter, which is widely used in municipal water
treatment facilities.
Before discussing the results of the column experiments, a brief
consideration of the total oxygen requirements of the sulfide oxidation is
needed since the amount of oxygen available has a strong influence on the
reaction products. The total oxygen requirements can be obtained for each
possible product by combining (32), (33), (34), and (35) with (36). The
results are presented below.
1/2 02 + S-11 + 2 H+

*• S(s) + H20

2 02 + 2 S"11 + 2 H+

>

3/2 02 + S"11
2 02 + S"11

* SOs=
► S04=

S

2°3=

(37)
(38)
(39)
(40)

Since the molecular weight of oxygen is the same as the atomic
wight of sulfur, if it is assumed that there is total reoxidation of the MnC^,
the required minimum concentration ratio of oxygen to sulfide will be as
shown in Table V, depending on the end product.
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END PRODUCT
OF REACTION

rod/ rs~n]
1/2

1
3/2
2

TABLE V
The equilibrium concentration of oxygen in the solution when using
pure oxygen is over 40 mg/1, and when using air is over 8.5 mg/1 (since
the temperature is not controlled in the column experiments, more precise
figures are unneccessary). By varying the sulfide concentration and the
oxygen source, it is possible to obtain various oxygen-to-sulfide ratios
and compare the end products in the column effluent.
With a surplus of oxygen, there is good sulfide removal, even at
pH 7.0 (Table IV). Reoxidation of the manganous ions is also pH dependent
as expected from the previous kinetic information (Morgan, 1967), and
above pH 8, essentially total reoxidation occurs.
No elemental sulfur was detected in the column effluent, though it
was found to be a major end product in batch reactions at both pH 7 and 8.
In the column, the high concentration of MnC^ particles apparently causes
oxidation to sulfate and thiosulfate. Another contributing factor could be
that the agitation of the MnC^ particles would grind up the sulfur particles
making them small enough to pass through the membrane filter used in the
analytical measurements. Since the sulfate and thiosulfate measurements
account for all of the sulfur in the system, this possibility seems remote.
As the pH increases from 7 to 9, the sulfate concentration drops from
75 percent to 45 percent of the total sulfur in the system. It is postulated
that the formation of polysulfides as intermediates in the reaction at higher
pH values preceeds a rapid oxidation to polythionates, while at the lower
pH, since sulfur is either not formed or disappears almost as rapicly as it
is formed, poly sulfides are not intermediates in the reaction. If sulfur
atoms are formed at the lower pH, but fail to.nucleate because of all of the
agitation and turbulence, a possible reaction sequence would be as follows.
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TT

S"u

Mn09
S

(41)
(42a)
(42b)
(43)

At low pH, polysulfides are in lower concentrations so the principle.oxi¬
dation of the elemental sulfur is to sulfate. In this situation (41) would
be the rate determining step in the sequence. At higher pH, above about
8, the formation of polysulfides (4Bb) is more rapid, and since this step
also involves the uptake of sulfide ions during the polysulfurization, the
mechanism accounts for the increased rate of disappearance of the sulfides.
Once the poly sulfides are formed, further oxidation to polythionates is an
easier reaction than breaking apart a polysulfide molecule to individual
sulfur atoms as would be necessary if the final product were sulfate.
When using air as an oxygen source, the oxygen-to-sulfide ratio
is above 2 only when the sulfide concentration is relatively low, in which
case the results are similar to those obtained in the pure oxygen situation,
within experimental error. In the other experiments with higher sulfide
concentrations, the ratio is less than one.

Based on Table IV one would

then either expect elemental sulfur in the effluent, or in light of the pre¬
vious results, incomplete oxidation of the sulfides in solution accompanied
by substantial manganous ion concentrations. As seen in Table III, this
is what is observed. The principle end product is thiosulfate which requires
an oxygen^to-sulfide ratio of 1.0, and there was a large amount of unreacted
sulfides. In these unbuffered runs, the pH increased in every instance,
an important fact from a treatment standpoint because it means less base
is needed to raise the initial pH. This tendency should stabilize the system
with respect to the appearance of manganous ions in the effluent. If the
oxygen supply is not quite adequate to provide total reoxidation, the pH
will climb rapidly hence when the oxygen concentration finally does increase,
for example in a settling basin or holding tank, the manganous ions will
readily become oxidized and precipitate out of solution.
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The results of the column experiments at high sulfide concentrations,
suggest that a system involving aeration followed by a fluidized bed reactor
would not be an effective treatment scheme because of a lack of sufficient
oxygen to provide reoxidation of all of the manganous ions. Bailey and
Humphreys (1967) for instance were interested in removing over 2000 mg/1
of sulfides which would require more oxygen than could be obtained even
with pure oxygen in solution. The answer to this problem appears to be
quitesimple and involves bubbling air through the bed with the sulfide solu¬
tion to increase the available oxygen. This would have the added advantage
of increasing the amount of agitation in the bed. This technique could not
be attempted with the unit used in this study because of the small column
diameter, but it is a logical next step for further research. With this method,
it should be possible to provide all of the required oxygen cheaply. By
keeping the pH above 8.0 or 8,5, rapid reoxidation of the manganous ions
would occur, and precipitation of the oxide would prevent their release along
with the treated water.
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CONCLUSION
The use of Mn02 is an effective method of oxidizing aqueous
solutions of hydrogen sulfide and in the presence of sufficient oxygen
concentrations, acts as a catalyst according to the following general
reaction scheme (equation i) is not balanced).
i) S-n+Mn02(s)

.Mn++

ii) Mn++ + 1/2 02 + H20

+ S(s)/SxOy=

* Mn02 ^ + 2 H+

Under anaerobic conditions, Mn02 does oxidize the sulfides,
though the reaction is slower than in the presence of oxygen and there
is a large consumption of H+ ions as evidenced by a constantly climbing
pH, even though strong buffers are used. Manganous ions combine
with the sulfides to form MnS precipitates. The formation of polysulfides
apparently accounts for the strong pH dependence of the reaction rates in
both the aerobic and anaerobic situations.
A possible treatment scheme involving a fluidized bed of Mn02
particles has been shown to remove sulfides and in the presence of oxygen,
manganous ions are reoxidized. The results of this study indicate that a
unit operation of this sort is very promising, and would be comparable in
total size needed for a modern rapid sand filtration system.
Futuiestudies should include a more thorough investigation of the
column as a possible treatment scheme. Some of the parameters which
could be examined would be variations in column length, flow rate, and
addition of oxygen or air to the column itself as a method of insuring an
adequate dissolved oxygen concentration. Information is also needed on
the acceptability of manganous ions in drinking water supplies.

APPENDIX
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APPEN DIX I
CONSTRUCTION OF
LOGARITHMIC CONCENTRATION vs pH DIAGRAM
The two dissociation equilibrium relations of hydrogen sulfide and
their corresponding equilibrium constants are written below (Stumm and
Morgan, 1970).
-

H2S ?=* HS

HS-

+

+ H

KJ

S= + H+

= 10"7

K2 = 10"13

(i)
(ii)

Using the definition of the equilibrium constants Kj and K2# expres¬
sions for the three species can all be written in terms of [S-], the concen¬
tration of S-, in the following manner.
THS~] fH+]
[H2S]

K1
K
K

2

=

[s ]

(iii)

CH!3-

(iv)

[HS]

Sdve for [H2S] and [HS-] in terms of [S-].

*2® -

(v)

[S

12
K|g
V'2

(vi)

[HST

K

2

Now, use the total mass balance of sulfides in a hypothetical system
containing only sulfides and water. St denotes the total sulfide concentra¬
tion.
St = [H2S] + [HS-] + [S ]

(vii)

W

(viii)

^

st = [S ]

...

K K

1 2

J- JBÎL +1
K

2

which can be rewritten as
[S=I =

(ix)

4

ÛLX , TH ]
K K

1 2

K2

+ 1
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In a similar fashion, expressions for the other forms c£ sulfides can be
written.
[H2S] =

(x)

[HSl =

(xl)

L

OÙ

+ i +

K

K2

WT J

Using these three equations, it is possible to construct the diagram
when S^. is known by considering three pH regions.
I

pH<pK1<pK2

Here the [H*] is much larger than either

or K2, hence (x) can be

approximated by
[H2S] = St

.

(xii)

The slope cf the line on the log cone. - pH diagram would be
dlog[H2S]
dpH
II

= 0.

(xiii)

pKj< pH < pK2

This time, the second term in the denominator of (x) is important,
and the equation- reduces to
(xiv)
Taking logarithms leads to
log [H2S] = log-^t

pH

(xv)

which has a slope of -1.
d log [H2 S]
=

dpH

-1

(xvi)
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III

pK^pK^pH

In this situation, (x) reduces to
tH2S] ' K^/tH4]2

•

(xvii)

By taking logarithms it can be shown that in this pH range
d log [H9 S]

5—=

-

2

(xviii)

dpH
The same reasoning is applied to the other sulfide species to find
the slopes of the lines. Near the regions where pH = pKj and pH = pl^,
smooth curves are drawn to approximate the distribution in these buffer
regions.
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APPENDIX

II

CONSTRUCTION OF
ACTIVITY RATIO DIAGRAM

By combining oxidation-reduction equilibrium data for sulfides,
sulfates, and elemental sulfur it is possible to present the resultant
information graphically which makes interpretation very simple. The
necessary equilibrium expressions are listed below (Sillen and Martell,

•

H
1

*
0

1—

log K = 2.2

+ 2 e~
r—l

—* HS" + 4H20

(i)
(Ü)
(iii)

O
O'

ii
CO

•

O

5
2 (aq)"—
îs)
HS"^=* S
(s)
+
.
SO,= +

2H+ + 2e'

H S

00

1964).

Combining (ii) and (iii)
SO^

+ 8H + 66 ï

S

+4H

CS)

2°

log K = 36.2

(iv)

By first writing the equilibrium expression then taking logarithms
and solving for [SO^-] /{s^gj} the following result is obtained.

log

rfvi _

36

2 + 8 pH + 6p&

(v)

When pH is held constant, the logarithm of the activity ratio plotted against
pt has a slope of 6.
Similarly (i) and (ii) can be combined to give
r[HS”]-i
log

US,
AJ
-{ (s)>

= -2.2 - pH - 2pfc.

(vi)

S

which has a slope of -2 under the above conditions when most of the sulfide
is in the HS- form. Below pH 7 however, the predominant sulfide species
is HgS so (i) must be used by itself to get

r[H
2s]iU-4.S-2—
i

S

{ (s)V

2 pH — 2p£.

(vii)
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Fcr dilute solutions [S^]/ = 1, consequently

log

= 0.

The significance of a diagram of this sort is to give an approximation
of the region of stability of a solid in solutions of various oxidationreduction potentials. In order for a substance to be thermodynamically
stable, the logarithm of the activity ratio of its more oxidized and reduced
forms (in this example sulfate and sulfides respectively), must be negative.
In other words, the activity ratio itself, must be less than one.
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