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ABSTRACT 

Nickel sulfate catalyzes the reaction of hydrogen sul­

fide with oxygen in aqueo~s solution. This reaction was 

studied. An empirical rate expression and reaction mechan­

ism were deduced. The rate of oxidation is independent of 

oxygen concentration and pH. The reaction rate is one-half 

order in nickel, and changes from second to first order in 

sulfide with increasing concentration. The oxidation reac­

tion is an autocatalytic, free radical chain reaction. 

Nickel catalyzes the chain initiation step, and polysulfido 

radical-ions propagate the chains. Colloidal sulfur is a 

major reaction product tha~ is undesirable in some applica­

tions; e.g., abatement of hydrQgen sulfide emissions from 

geothermal powerplants. Sodium sulfite suppresses formation 

of colloidal sulfur by converting it to thiosulfate. Excess 

sulfite is converted to sulfate and trithionate . 
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The geothermal steam utilized by The Geysers Geothermal 

Power Plant of the Pacific Gas and Electric Company contains 

hydrogen suI fide and ammonia. Uni ts 1 to 12 are equipped 

with contact condensers, and 60-75% of the H2S dissolves in 

the cooling water. Ammonia increases the solubility of H2S 

by converting it to HS-. The dissolved H2S must be des­

troyed before it is air-stripped in the c06ling towers and 

emitted to the atmosphere. Oxidation with hydrogen peroxide 

is effective but expensive. The cooling water is saturated 

with atmospheric oxygen in the cooling tower; a catalyst is 

needed to induce reaction between the dissolved oxygen and 

H2S. Nickel ion is effective, but causes the production of 

colloidal sulfur. In an early field test, the sulfur set 

into a solid, hard-to-remove scale in the cooling tower's 

water distribution trays (1). Formation of colloidal sulfur 

must be suppre~sed. 

Snavely and Blount (2) found that nickel and cobalt are 

the stong est catalysts for oxidation of H2S. At the start 

of the reaction there is an induction period, suggesting 

autocatalysis; i.e., a reaction" product acts as a cocatalyst 

that accelerates the reaction. They theorized that this 

cocatalyst is a polysulfide ion. The rate of reaction is 

independent of oxygen concentration, and increasing ~he con­

centration of nickel hundred-fold increases the rate of 

reaction ten-fold. The reaction is inhibited by low pH, but 

the rate is independent of pH at intermediate values. 

Chen and Morris (3) and Chen and Gupta (4) inferred 
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that the nominally uncatalyzed reaction of H2S with oxygen 

is autocatalytic, and correlated good "reactivity" with a 

yellow color and strong UV absorption. The rate of reaction 

is greatest near pH 7, where formation of polysulfides and 

colloidal sulfur is favored. Chen and Morris (5) confirmed 

that nickel and cobalt are the strongest catalysts for H2S 

oxidation, and reported that various organic compounds which 

are easily oxidized in free radical chain reactions also 

accelerate H2S oxidation. Their effect on the oxidation of 

H2S suggests that this is a free radical chain reaction as 

well. 

Autocatalysis causes the chemical properties. of the 

reaction medium to depend on its previous history. In all 

studies cited, sodium sulfide was added to the reaction 

medium, and the decline in sulfide or oxygen concentration 

was monitored. The gradual accumulation of the cocatalyst 

during the experiment strongly affects kinetic data thus 

obtained. 

When initial sulfide concentration is < 100~M, polysul-

fides and colloidal S are not produced, and there is no 

induction period, suggesting that a different, nonautocata-

lytic mechanism dominates under these conditions (6,7,8). 

The oxidation of H2S catalyzed by cobalt tetrasulfophthalo­

cyanine involves yet another mechanism (9). 

Steijns et ale (10,11) reported that the high tempera-

ture oxidation of gaseous H2S over solid catalysts is auto­

catalytic, and involves polysulfido radicals on the surface , 

'. 

. -
• 



- 3 -

of the catalyst. 

Our work is discussed in detail in Ref. 12, which 

includes a survey of relevant chemical literature, addi­

tional data, and a full description of experimental methods. 

Chemical and environmental problems encountered in geother­

mal energy utilization are surveyed elsewhere (13,14,15). 

Experimental 

Safety. Sodium sulfide 

stink. Sodium sulfide stock solution 

are poisonous and 

was prepared in a 

hood, and handled outside of it in small containers only. 

Excess solid Na2s and concentrated solutions were never 

poured down the drain. They were disposed of by reaction 

with excess ferric chloride solution. Spills were cleaned 

up promptly. The reaction flask was set up inside the hood. 

Basic method. Our method allowed a steady state coca­

talyst concentration and oxidation rate to be attained. One 

liter of "synthetic cooling water" (SeW) containing nickel 

sulfate was prepared in a 1-liter Erlenmeyer flask. The 

flask was set upon an ~ir-driven, submersible magnetic 

stirrer in a water bath at 45 0 e. Air (0.25 l/min.), sodium 

sulfide solution (0.0355M; 0.45ml/min.), sodium sulfite 

(various conc.; 0.45ml/min.), and sulfuric acid (0.022M; 

O.45ml/min.) were added continuously to the sew, using a 

multi-channel persitaltic pump that was calibrated daily. 

The last reagent also contained nickel sulfate at triple the 

concentration in the sew. Thus, H2S was added to the sew at 
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16~M/min while keeping the concentrations of oxygen and 

nickel constant. Addition of sodium sulfite began 20 min. 

after the start of the experiment, while the other reagents 

were added from the start. Within two hours the sew reached 

chemical steady state and gathering of kinetic data began. 

In practice, sampling compensated for reagent addition, 

keeping the volume approximately constant. 

The sew resembled Geysers cooling water, but usually no 

thiosulfate was included. Typically, it contained 7.70mM 

total ammonia, 0.40mM He03, 14.36mM boric acid, 3.65mM S04' 

and 20 or 100~M nickel sulfate. It was established that the 

only role of the major ions is to buffer the sew; its exact 

composition does not affect the results obtained. The pH 

was adjusted to that desired with 1.0M NaOH at the begin­

ning, and corrected with NaOH or H2S0 4 as needed. Most 

experiments were performed at pH 7.8. 

In experiments below pH 7.5, 10mM each of phosphate and 

maleate were added. These and other buffers slowed the 

development of reactivity if present from the start, but did 

not affect reactivity once established. The reaction was 

initiated at pH 7.8 without the buffer. The buffer was 

added at t = 60 min. as a concentrated solution prepared 

from maleic acid and monosodium orthophosphate, the pH of 

which had been adjusted to a value slightly lower than that 

desired in the sew. 

Determination of reactivity. To determine "reac-

tivity", a 25 ml aliquot of sew was pipetted into a beaker 
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and briefly aerated. A magnetic stirring bar was added, and 

the beaker was set upon a magnetic stirrer. A small amount 

of Na2s solution was added using an adjustable micropipette, 

typically enough to introduce 70~M total sulfide. After 

fifteen seconds, 25 ml of sulfide antioxidant buffer was 

added to quench the reaction. Then electrodes (Orion Ag 2S 

and reference; calibrated daily) were introduced to measure 

the residual sulfide concentration. The fraction of the 

added sulfide that remains after 15s is a quantitative meas-

ure of "reactivity"; a small residual fraction indicates 

good reactivity, and vice-versa. 

To determine the effect of varying nickel c6ncentra-

tion, SCW was initially prepared with 100 ~M Ni and reacted 

for two hours. Then test aliquots were removed and diluted 

wi th different amounts of preheated, nickel-,free SCW to give 

the concentration of Ni desired. In a routine reactivity 

test the temperature of the test aliquot was about 35 0 C. T~ 

determine the effect of temperature~ the temperature of the 

aerated test aliquot was adjusted with an ice or boiling 

water bath before the Na2s was added. Typically, the oxygen 

concentration in the test aliquot was 3.5 to 4.0 ppm. To 

determine the effect of oxygen concentration, the aliquots 

were "aerated" with 100% N2 , air, 42/58 02/N2' or 100% 02. 

The 02 concentra~ion was then measured with a dissolved oxy­

gen meter before adding Na 2s. To determine the effect of 

pH, the pH of the test aliquot was adjusted with sulfuric 

acid or NaOH. The pH was then measured before adding Na2s. 
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Wackenroder's solution was prepared from equivalent 

amounts of Na2s and Na2S03' The pH of the solution was 

lowered to 7.3 with sulfuric acid, the solution was diluted 

to 0.2M total nonsulfate sulfur, and then set aside for 

about 30 min. to clarify. 

Determination of reaction products. In these experi­

ments, ammonium acetate and acetic acid were used in place 

of ammonium sulfate and sulfuric acid. To determine col-

loidal sulfur, the technique of Bartlett and Skoog (16) was 

used in mod ified form •. Fifty ml of sew was membrane fil­

tered under pressure with nitrogen (Millipore type ve, 0.1~m 

pore size, 47mm diameter). The filter was removed from the 

housing and dissolved in 10 ml of 95% acetone-water. This 

was mixed with 15 ml of the sodium cyanide reagent. After a 

few minutes, a precipitate of filter material formed. This 

was removed with fine filter paper, and the rest of the pro-

cedure proceeded as described by Bartlett and Skoog. 

Thiosulfate and trithionate were determined by the method of 

Kelly et ale (17). Tetrathionate was never detected. Sul­

fate was determined gravimetrically, at the end of the 

experiment only. The sew was membrane filtered as above, 

and boiling was avoided to reduce interference by colloidal 

sulfur and trithionate. 

Results 

Reactivity is poor at first but improves rapidly, 

reaching steady state in about an hour (Fig. 1). The 

.. 
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development of reactivity is inhibited if sodium sulfite is 

added from the start of the experiment (not shown). Sulfite 

destroys sulfur chain molecules by converting the zero 

valent sulfur in them to thiosulfate. However, reactivity 

would develdp with sulfite added from the start, if the sul­

fide and sulfite reagents were combined before being added 

to the sew. Adding this mixture to the sew essentially pro­

duces Wackenroder's Solution, which contains polysulfides, 

polythionates, etc. Adding Wackenroder's solution at the 

beginning of an experiment accelerated the development of 

reactivity (Fig. 1). 

Formally, the sew was supersaturated with nickel sul­

fide by several orders of magnitude, but NiS did not precip­

itate. Buffering compounds probably ~etard the development 

of reactivity by c.helating nickel, and rendering it inac­

tive. That buffe~s do not affect ~eactivity after it has 

been established suggests that the nickel is tightly 

chel ated by pol ysulfid es • 

Turbidit~ associated with colloidal sulfur increased 

rapidly during the first 20 min., but dropped rapidly after 

addition of Na2S0 3 commenced, finally giving a yellow, 

nearly clear solution. If thiosulfate is present from the 

start, turbidity declines more rapidly when sulfite is 

added, but the development of reactivity is unaffected. 

However, with a sulfite:sulfide ratio = 0.5 thiosulfate has 

the opposite effect on turbidity (not shown); this reversal 

has not been explained. At pH 7.8 a minimum sulfite:sulfide 
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mole ratio between 0.5 and 0.75 is needed to prevent accumu-

lation of colloidal sulfur. ,At pH 7.0, th~ minimum mole 

ratio needed is between 0.75 and 1.0 (not shown). 

Within wide limits, there is no correlation of reac-

tivity with either pH or sulfite:sulfide ratio. Accord-

ingly, data generated at various values of pH and 

sulfite:sulfide ratio were plotted and analyzed together in 

Figs. 2 to 7. 

With 95~ confidence (Student's t test), the energy of 

activation is between 0.9 and 2.9 kcal; 2.4 kcal is our best 

estimate (Fig. 2). Reactivity does not correlate with pH 

between pH 5.5 and 8.5 (Fig. 3), or with oxygen concerttra­

tion (Fig. 4). Lowering pH to below 5 destroys the reac-

t i v it Y ( no t sho wn) • Probably, at low pH the cocatalyst 

decomposes to colloidal sulfur as do thiosulfate and the 

polysulfides. An apparent kinetic order in hydrogen ion or 

oxygen as large as +0.5 is excluded with confidence> 99.9%. 

Successfully to fit the kinetic data, it was necessary 

to assume that the kinetic order in nickel is one-half, and 

the kinetic order in sulfide decreases from two to one with 

increasing sulfide concentration. Eqn. (1) fits the data 

well: 

( 1 ) 
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where t is in seconds, (H 2S) and (Ni) are in moles per 

liter. Here (H 2S) represents the total sulfide concentra­

tion as measured with an Ag 2S electrode, and (Ni) represents 

the total concentration of nickel in the solution. That the 

concentrations of H2S and HS- do not appear separately is an 

expression of the noncorrelation of reactivity and pH. At 

35 0 C, k1 = 25(moles/l)-0.5 s -1 and k2 = 3x10 6 (moles/l)-1.5 s-! 
These values were determined by a bivariant, least­

squares fit of the 158 d~ta points in Figs. 5, 6, and 7. 

The data in Figs. 2, 3, and 4 were not included in this fit­

ting procedure. 

Most of the scatter in the kinetic data is associated 

wi th variation among experiments, rather than among points 

from a given experiment. Variations in development of reac­

tivity appear to be responsible. Each reactivity test in 

Figs. 2, 4 and 6 was preceded by drastic manipulations that 

perturbed the population of cocatalytic molecules, and this 

caused considerabl~ point scatter. Increasing nickel con­

centration greatly reduced point scatter (Fig. 5) by making 

the perturbing effects of degasing and catalysis by stray 

impurities relatively less important. 

With no sulfite added, thiosulfate and colloidal sulfur 

are the main reaction products (Fig. 8). Apparently, the 

accumulation of colloidal sulfur is limited by its further 

oxidation to thiosulfate and sulfate. With sulfite:sulfide 

= 0.75, thiosulfate is the major reaction product with 

smaller yields of sulfate and trithionate, but no colloidal 
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sulfur (Fig. 9)~ Nickel concentration has no effect on pro­

duct distribution (not shown). The yield of sulfate and 

trithionate increases with added sulfite, and colloidal sul­

fur is significant without sulfite only (Fig. 10). With 

sulfite:sulfide = 0.75, decreasing pH favors the formation 

of sulfate at the expense of thiosulfate, and colloidal sul­

fur is present only at pH 6.5 (Fig. 11). 

Seventy-five to 95% of the sulfur put into the SCW was 

recovered. Sulfur recovery improved with increasing concen­

tration of nickel but deteriorated with decreasing pH, sug­

gesting that the loss of H2S to the atmosphere is the main 

cause of incomplete recovery. 

Discussion 

Our results and conclusions are consistent with those 

of Snavely and Blount (2) and Chen et ale (3,4,5). A reac­

tion mechanism consistent with the data is presented in 

Table 1. The reactions are approximate and may be changed 

somewhat without materially affecting the conclusions. 

Which species are protonated is not known with certainty. 

The exact nature of "the cocatalyst" is not known. Most 

probably, it is a complex mixture of polysulfides, polysul­

fidomonosulfonates, and the corresponding radical-ions, 

which interconvert and change chain length in the course of 

the reaction. All nickel is complexed, and this prevents 

the precipitation of NiS. Why the rate of reaction is 

independent of pH has not been explained. 
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Reactions (1a to d) add free radicals to the system. 

Reactions (1a) and (1c) are irreversible, and (1c) is rate 

determining. Reaction (1b) is rapid and reversible, with 

equilibrium constant K1b • Reaction (1d) rapidly converts 

all HS' produced to relatively stable polysulfido radical-

ions, and does not affect the overall rate of reaction. 

Reactions (2a, b, and c) are the chain propagation steps. 

Reactions (2b) and (2c) are rate determining. Neither (1a) 

nor (2a) is rate determining; therefore, the rate of reac-

tion is indep~ndent of oxygen concentration. Reactions 

(5a), (5b) and (6) are side re,actions which do not affect 

the rate of disappearance of H2S. 

An explicit rate expression may be derived. This rate 

expression has the same limiting behavior as th~ empirical 

rate expression Eqn. (1). In the limit 1 «K 1b (H2S )2, the 

derived rate expression becomes: 

where 

2(k1c/k3)O.5 

1 + 1 
K2b ~ 

In the limit 1 » K1b (H2S)2, 

becomes 

d(H 2S) 
dt = - k2 (Ni)O.5(H 2s)2 

the- derived rate expression 

where k2 = k1(K 1b)O.5. From the empirical values of k1 and 
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k2' we estimate K1b = 1.44x10 10M- 2 . 

Steijns et ale (11) postulated reactions similar to 

(2a, b and c) and (Sa) to explain the oxidation of H2S over 

solid catalysts at high temperature. The different radicals 

were identified with distinct ESR signals. 

The major source of sulfate is sulfite oxidation. The 

yield of sulfate increases with added sulfite, and more sul­

fate is produced at pH 7.0 than at 7.8 because the rate of 

sulfite oxidation is greatest at pH 7 (18). Reactions (7a, 

b and c) are based on the mechanism for sulfite oxidation 

proposed by Hayon et ale (19,20). The yield.of trithionate 

also increases with added sulfite. This is consistent with 

reaction (8), which was studied by Battaglia and Miller 

(21 ) • 

Practical application 

Recently, H2S emission abatement using iron N­

hydroxyethylenediaminetriacetate (HEDTA) was successfully 

demonstrated at The Geysers (1). Adding S02 to the cooling 

water prevented the formation of colloidal sulfur. This 

reaction probably is like that catalyzed by nickel, except 

that iron HEDTA is a weaker catalyst. 

A contact condenser steam-strips oxygen from the cool­

ing water, rendering it anoxic between condenser and cooling 

tower. Reaction with oxygen-containing po 1 Y s u 1 f i d 0 

radical-ions destroys H2S, and these radical-ions are regen­

erated in the cooling tower. Sulfur dioxide is produced by 

.~. 



- 13 -

burning the H2S in the condenser vent-gas, and NaOH is added 

to maintain pH near 7. About 90 seconds reaction time is 

available, and the cooling water temperature is about 48 oC. 

Using Eqn. (1), we estimate that under these conditions 10~M 

nickel (0.6 ppm) would destroy 98% of the H2S in the cooling 

water. 

In the absence of oxygen thiosulfate and trithionate 

probably are the major reaction products, and little sulfate 

is produced. This reduces the need for NaOH to control 

cooling water pH. During the tests with iron HEDTA, Geysers 

Unit 1 stabilized at pH 6.2 without addition of NaOH (1). 
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Table 1 

Proposed reaction mechanism 

Initiation: 

( 1 a) 

(1 b) 

(1 c) 

( 1 d) 

Growth of polysulfido chains: 
I 

(2a) 

(2b) 

( 2c) 

Termination: 

where R1 • and R2 • are any two radicals or radical ions. 

Multiplication of polysulfido chains: 

S= + H2S ---> Sn= + Sm= + 2H+ n+m-1 (4 ) 
',. 

Formation of thiosulfate: 

(5 a) 

(5 b) 
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Al so: 

(6 ) 

Formation of sulfate: 

(7 a) 

(7b) 

(7c) 

Formation of trithionate: 

(8 ) 

Formation of colloidal sulfur: 

S .- > Sn.· - + S n+8 --- 8 (9) 

-. 
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Figure captions 

Fig. 1. Development of turbidity and reactivity. Sodium 
sulfite added from 20 minutes on; sulfite:sulfide = 
0.75. Open triangles: Wackenroder's solution added at 
start, amounting to 400~M total nonsulfate sulfur; no 
sulfite added in this case. 70~M sulfide added in 
reactivity determinations. "Fraction H?S remaining 
after 15s" is the fraction of that 70~M wHich remains 
after 15 seconds reaction time. 

Fig. 2. Fraction of H2 S remaining after 15s vs. tempera­
ture. Twenty JlA nickel, pH 7.9, sulTIte:'sulf1de = 
0.75. 70~M sulfide added in reactivity determinations. 
In Figs. 2 to 7 different symbols represent data from 
different experiments. The lines in these Figures were 
calculated using Eqn. (1) and Ea = 2.4 kcal/mole. 

Fig. 3. Reactivity vs. pH. Twenty JlM nickel, 62~M sulfide 
added in reactivity determinations. 

Fig. 4. Reactivity~. oxygen concentration. 

Fig. 5. Fraction H?S remaining after 15 seconds' 350e and 
various concentrations of nickel. Verticai scale dis­
placed between curves. "Initial sulfide" is the amount 
added in reactivity determinations. 

Fig. 6. Effect of varying nickel concentration. sew con­
taining 100~M nickel diluted with varying amounts of 
nickel- free sew. 

Fig. 7. Effect of varying reaction time on residual H2S. 

Fig. 8. Distribution of reaction products; 20~M nickel, no 
sulfite, pH = 7.9. 

Fig. 9. Distribution of reaction products; 100~M nickel, 
sulfite:sulfide = 0.75, pH = 7.8. 

Fig. 

Fig. 

10. Distribution 
sulfite:sulfide ratio; 
reaction. 

of 
pH 

reaction 
= 1."9, 

produc ts vs. 
after 180 minutes 

11. Distribution of reaction products vs. pH; 
sulfite:sulfide = 0.75. Sloping dashed lines depict 
yield of sulfate and thiosulfate at the given pH, 
corrected for the contribution of the first hour of 
reaction at pH 7.8. 

., -
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PRODUCTS VS MOLE RATIO 
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REACTION PRODUCTS VS. pH 
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