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The Oxidation of Fe(II) in Acidic Sulfate Solutions with Air at Elevated
Pressures. Part 2. Influence of H2SO4 and Fe(III)
Wouter N. Wermink*,† and Geert F. Versteeg‡

†Procede Gas Treating, Vlierstraat 111, 7544 GG, Enschede, The Netherlands
‡University of Groningen, P.O. Box 72, 9700 AB, Groningen, The Netherlands

ABSTRACT: The oxidation of ferrous ions in acidic sulfate
solutions at elevated air pressures was investigated. The effect of
the Fe2+ concentration, Fe3+ concentration, H2SO4 concen-
tration, and partial oxygen pressure on the reaction rate were
determined at three different temperatures, that is, T = 90, 70,
and 50 °C. A second order of reaction in Fe2+ and a first order of
reaction in O2 were determined, respectively. A slight inhibition
by Fe3+ on the Fe2+ oxidation reaction was observed. The
reaction is first order in Fe3+ in the kinetic term for the
inhibition by Fe3+. Concentrations of H2SO4 up to 1 M result in
a fractional negative order of −0.6; concentrations of H2SO4
above 1 M result in a zero order. One kinetic equation for the
oxidation of Fe2+ was postulated, in which the order of reaction
in H2SO4 is changed depending on the H2SO4 concentration.
RFE

2+ = −d[Fe2+]/dt = k[Fe2+]2PO2
[H2SO4]

c/(1 + A[Fe3+]), with c = −0.6 for [H2SO4] < 1 M, and c = 0 for [H2SO4] > 1 M. The
activation energy was determined to be EA = 62.1 kJ/mol. The order c in H2SO4 is either −0.6 or zero, depending on the H2SO4
concentration.

■ INTRODUCTION

Hydrogen sulfide (H2S) is a highly toxic and corrosive gas.
Removal of H2S from acidic gas streams, such as natural gas,
industrial gas, or biogas, is important for safety, health,
environmental, and economic reasons. Several regenerative
and nonregenerative H2S removal processes are readily
available, which are economically viable only for specific gas
compositions and gas flow rates. Apart from nonregenerative
H2S removal by the use of, for example, adsorbents, all the
regenerative aqueous liquid redox desulfurization processes
(e.g., THIOPAQ, LO-CAT, SulFerox) capture CO2 to varying
extents besides H2S.
The novel Vitrisol desulfurization process is based on the

removal of H2S by precipitation with copper sulfate (CuSO4) in
an aqueous, acidic solution.1 Copper sulfide (CuS) and sulfuric
acid are formed in the gas treating process, without
coabsorption of CO2:
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The Vitrisol liquid can be regenerated through oxidation of
CuS by ferric sulfate (Fe2(SO4)3). Copper sulfate, elemental
sulfur (So), and ferrous sulfate (FeSO4) are produced in the
process:

+ → + +Fe (SO ) CuS(s) 2FeSO CuSO S (s)2 4 3 4 4
o

(2)

Ferrous sulfate can be reoxidized to ferric sulfate with O2,
according to

+ + → +4FeSO 2H SO O 2Fe (SO ) 2H O4 2 4 2 2 4 3 2 (3)

Resulting in the overall net reaction for the removal of H2S:

+ → +H S 0.5O S (s) H O2 2
o

2 (4)

In Part 1 Wermink and Versteeg4 investigated the oxidation of
ferrous ions in acidic sulfate solutions (reaction 3), and
proposed a power law kinetic equation for the oxidation of Fe2+

at concentrations of H2SO4 of 1 M and higher. The kinetic
equation was derived by fitting initial reaction rates.
In this study (Part 2) the influence of H2SO4 below and

above a concentration of 1 M, and the influence of Fe3+ on the
oxidation of Fe2+, were studied. The kinetic equation was
derived by fitting experimentally determined Fe2+ concentration
profiles.
As will be discussed in this study, both methods of

determining a kinetic equation, i.e. by fitting initial reaction
rates (Part 1) and fitting experimentally determined Fe2+

concentration profiles (Part 2) respectively, resulted in the
same temperature dependence of the reaction and orders in
Fe2+, O2, and H2SO4 for concentrations of H2SO4 above 1 M.
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In Part 1 Wermink and Versteeg4 concluded that interpreting
the results in terms of activities or chemical potentials could
possibly clarify the influence of H2SO4 on the reaction rate and
mechanism, respectively, because the effect of H2SO4 on the
oxidation reaction might be attributed to SO4

2− ions. The
kinetic equations derived in Part 14 and this study are used for
the design of the Vitrisol process. An empirically derived kinetic
equation is sufficient for process design, if the derived kinetic
equation can be applied satisfactory for concentrations of
compounds encountered in the process. Therefore, an extended
thermodynamic model is beyond the scope of the present
study.
To investigate the effect of Fe(II) complexes in solution and

minerals known to significantly enhance the Fe2+ oxidation rate,
that is, for example, hydrolyzed Fe2+ complexes5−7 and Fe(III)
(oxyhdr)oxide minerals,8 speciation calculations with an
extended thermodynamic model might be required. However,
concentrations of these species were negligible due to the low
pH in our study (i.e., a pH of 2 and below). King,5 Santana-
Casiano et al.,6 Pham and Waite,7 and Jones et al.8 studied the
oxidation of Fe2+ at a pH of 4 and higher. Solids formation was
not observed during experimentation, which agrees well with
the study by Ter Maat et al.2 that Fe(II) hydroxide
precipitation starts at a pH of 5.85 and higher for a 1 M
FeSO4 solution. If Fe(III) (oxyhydr)oxides were to be present,
an increase in oxidation rate because of Fe2+ adsorbed to
Fe(III) (oxyhydr)oxide surfaces would only be expected at a
pH of 4.5 and higher as explained by Jones et al.8

For an extended literature review on the oxidation reaction of
ferrous ions in acidic sulfate solutions the reader is referred to
Wermink and Versteeg.4

A detailed description of the experimental setup, procedures,
and analytical techniques was provided by Wermink and
Versteeg.4

■ RESULTS
The kinetic equation for the oxidation of ferrous ions in acidic
sulfate solutions was determined by fitting experimentally
determined Fe2+ concentration profiles. In the present study,
the following kinetic equation was assumed:
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The orders of reaction a, b, c, and d, the constant A as well as
the reaction rate constant k, were derived by fitting
experimentally determined Fe2+ concentration profiles using
the Newton−Raphson optimization method. The sulfuric acid
concentration in eq 5 is considered to be the lumped sulfuric
acid concentration, that is, the dissociation of H2SO4 is not
taken into account.
For determining the orders of reaction and the reaction rate

constants, 18 experiments at T = 90 °C, 9 experiments at T =
70 °C, and 10 experiments at T = 50 °C were used.
Experimental conditions are presented in Table 1.
Previous Paper. In Part 1 by Wermink and Versteeg4 the

order of reaction in a reactant was determined through the so-
called pseudo-first order approach. By varying the initial
concentration of one of the reactants in several experiments,
the order in this reactant can be determined from the initial
reaction rates of the experiments. The reactants with equal
initial concentrations are lumped together with the reaction rate
constant.

The power law kinetic equation derived in Part I for H2SO4
concentrations above 1 M was of the form

= =
+

+
+R

t
k P

d[Fe ]
d

[Fe ]Fe

2
2 2

O2
2 (6)

Table 2 summarizes the orders in Fe2+ and O2 from their paper,
determined from initial reaction rates. Experiments with initial
concentrations of sulfuric acid of 1.0 M and above were used.
From Table 2 it can be concluded that the order of reaction

in Fe2+ becomes 2 and the order of reaction in O2 becomes 1.
Table 3 summarizes the reaction rate constants from their

paper, determined from initial reaction rates.

Table 1. Fe2+ Oxidation Experiments

expt T (°C) PO2
(MPa) [Fe2+] [H2SO4]

6 90 0.0901 0.235 0.237
7 90 0.0450 0.261 0.263
8 90 0.0225 0.257 0.259
9 90 0.0901 1.00 1.03
10 90 0.0450 1.00 1.03
11 90 0.0225 1.00 1.00
12 90 0.0901 0.503 0.524
13 90 0.0450 0.504 0.524
14 90 0.0225 0.503 0.525
16 90 0.0901 0.248 1.01
17 90 0.0901 0.494 1.01
19 90 0.0901 0.248 0.507
21 90 0.0901 0.126 1.03
22 90 0.0901 0.252 2.03
23 90 0.0113 0.500 0.520
24 90 0.0113 1.01 1.03
25 90 0.0113 0.250 0.253
26 70 0.0982 0.253 1.03
27 70 0.0982 0.500 1.02
29 70 0.0982 0.253 0.527
30 70 0.0982 0.251 0.271
31 70 0.0982 0.997 1.02
32 70 0.0901 0.503 0.523
33 70 0.0451 0.503 0.524
34 70 0.0226 0.502 0.523
35 70 0.0982 0.253 2.04
36 50 0.102 1.01 1.03
37 50 0.102 0.501 1.02
38 50 0.102 0.254 1.04
39 50 0.102 0.503 0.525
40 50 0.102 0.501 0.271
41 50 0.102 0.498 2.01
42 50 0.0901 1.01 1.03
43 50 0.0451 1.01 1.03
45 50 0.180 1.01 1.03
46 90 0.180 1.00 1.02
47 50 0.0226 1.01 1.03

Table 2. Orders in Fe2+ and O2 at Varying Temperatures

component T (°C) = 50 T (°C) = 70 T (°C) = 90

Fe2+ 2.08 2.21 2.17
O2 0.94 1.01 0.99

Industrial & Engineering Chemistry Research Article

DOI: 10.1021/acs.iecr.6b04641
Ind. Eng. Chem. Res. 2017, 56, 3789−3796

3790

http://dx.doi.org/10.1021/acs.iecr.6b04641


The activation energy was determined to be EA = 60.3 kJ/
mol.
This Study. As mentioned before (eq 5), the kinetic

equation was assumed to be of the form

= − =
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In Table 4 the results of the determination of the various
reaction orders in Fe2+, O2, H2SO4, and Fe3+, as derived from

the Fe2+ concentration profiles at temperatures of 50, 70, and
90 °C, are summarized.
The constant A in eq 5 is 0.767. As the order in Fe3+ is −1, it

is clear that ferric ions inhibit the Fe2+ oxidation reaction.
Table 5 summarizes the reaction rate constants determined

by curve fitting Fe2+ concentration profiles.

By using the Arrhenius equation, the temperature depend-
ence of the reaction rate constant was determined:

= −{ }k k
E
RT

exp0
A

(7)

A linear curve fit of ln(k) versus T−1 resulted in EA and k0 (see
Figure 1).
Resulting in a value of the activation energy of EA = 62.1 kJ/

mol. This is in good agreement with the value of EA determined
in Part 1.

= − ×⎧⎨⎩
⎫⎬⎭k

RT
1.61 exp

62.1 103

(8)

Concentration Profiles. The accuracy of the kinetic
equation, derived in this study, in simulating Fe2+ concentration
profiles for the oxidation of Fe2+ in acidic sulfate solutions, is
shown by comparing experimental and simulated Fe2+

concentration profiles for various experimental settings.
The experimental and simulated concentration profiles of

several Fe2+ oxidation experiments are shown in Figures 2, 3,
and 4. For the simulations the order in H2SO4 has been
adjusted in eq 5 as proposed in Table 4. The simulated
concentration profiles according to eqs 5 and 8 are shown as
solid lines. The experimental settings are provided in Tables 6,
7, and 8.
Figure 2 shows the effect of a change in both concentration

of H2SO4, as well as temperature, on the oxidation rate of Fe2+.
From Figure 2, it can be concluded that decreasing the

H2SO4 concentration, below an initial H2SO4 concentration of
1 M, increases the rate of oxidation of Fe2+. Furthermore, an
increase in H2SO4 concentration above a concentration of 1 M
does not result in a change in Fe2+ oxidation rate; this seems to
be temperature independent.
Figure 3 shows the effect of the variation of the

concentration of Fe2+, as well as temperature, respectively, on
the oxidation rate of Fe2+. It should be noted that there is a
slight variation in the oxygen partial pressure with temperature.
The experiments were performed at a constant air pressure of 5
bara, and the vapor pressure of water is temperature dependent.
From Figure 3, it can be concluded that increasing the Fe2+

concentration more than proportionally increases the rate of
oxidation of Fe2+. Figure 4 shows the effect of a change in
partial pressure of O2 on the oxidation rate of Fe2+.
From Figure 4, it can be concluded that lowering the partial

pressure of O2 decreases the rate of oxidation of Fe2+

proportionally. The simulated concentration profiles show

Table 3. Reaction Rate Constants at Varying Temperatures

T (°C) k (m3·kmol−1·Pa−1·s−1)

50 1.94 × 10−10

70 7.15 × 10−10

90 2.30 × 10−9

Table 4. Orders in Fe2+ and O2 at Varying Temperatures

component Fe2+ O2 H2SO4
(below 1 M)

H2SO4
(above 1 M)

Fe3+

order 2.17 1 −0.60 0 −1

Table 5. Reaction Rate Constants at Varying Temperatures

T (°C) k (m3·kmol−1·Pa−1·s−1)

50 1.45 × 10−10

70 5.55 × 10−10

90 1.86 × 10−9

Figure 1. ln(k) versus T−1.
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good agreement with the experimental data and the determined
kinetic expression according to eqs 5 and 8.
Parity Plot. To evaluate the derived kinetic expression

according to eqs 5 and 8, the experimentally determined
concentrations are compared to the calculated concentrations,
respectively.
A parity plot of the comparison of the Fe2+ concentrations,

used for fitting, is shown in Figure 5. In total 316 Fe2+

concentrations were compared.
The parity plot shows good agreement between experimental

and simulated Fe2+ concentrations. The maximum deviation
between the experimental and simulated Fe2+ concentrations is
28.3%; the average deviation is 1.32%.

■ DISCUSSION

In the previous paper by Wermink and Versteeg4 (Part 1)
orders of reaction, activation energies, and reaction rates of
previous studies were discussed. The present study agrees well

with the previous paper with respect to orders of reaction in
Fe2+ and O2 and the activation energy. In the present paper the
orders of reaction in Fe3+ and H2SO4, the effect of Fe

3+ on the
reaction rate, and a comparison of the kinetic equations in Part
1 and this study will be discussed.

Orders of Reaction. The order in H2SO4 of −0.60 agrees
well with the order reported by Wermink and Versteeg4 in Part
1 of −0.62 to −0.72 and the order reported by Iwai et al.9 of
−0.6.
An inhibition by ferric ions on the Fe2+ oxidation rate was

observed by Iwai et al.9 as well. According to Iwai et al.,9 the
oxidation of ferrous ions with oxygen proceeds via two parallel
reactions, that is, one dependent on sulfate ions in which the
reaction rate is proportional to the SO4

2− concentration, and
one independent of sulfate ions. The Fe(II) sulfate complex
was assumed to be the compound susceptible to oxidation with
oxygen in the sulfate-dependent path. They stated that the
retardation of the Fe2+ oxidation reaction may be due to a

Figure 2. Experimental Fe2+ concentration profiles of experiments 6, 16, 22, 26, and 35 and simulated Fe2+ concentration profiles of experiments 6,
22, and 35.

Figure 3. Experimental and simulated Fe2+ concentration profiles of experiments 17, 26, 27, 31, and 36.
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decrease in sulfate ion activity through the formation of Fe3+

sulfate complexes. The Fe2+ oxidation rate was determined to
be inversely proportional to the Fe3+ concentration. However,
their kinetic equation only accounts for formation constants of
Fe(II) sulfate complexes, and not for formation constants of
Fe(III) sulfate complexes.
Huffman and Davidson,10 McKay,11 McKay and Halpern,12

and Dreisinger and Peters13 observed no inhibition by Fe3+ on
the Fe2+ oxidation rate.
Huffman and Davidson10 studied the effect of Fe3+ on the

oxidation of Fe2+ at a temperature of 160 °C with initial
concentrations of Fe3+, Fe2+, and H2SO4 of 0.001−0.02, 0.001−
0.005, and 1 M, respectively. It is likely that due to the high
sulfuric acid concentration almost no free sulfate ions were
present in solution, that is, almost all the sulfate ions were
present as bisulfate ions. Therefore, ferric ions could not have

affected the oxidation rate of Fe2+. Another possible explanation
is the effect of temperature on the formation constants of
Fe(III) sulfate complexes, that is, the formation constants could
be substantially low at high temperatures.
McKay11 and McKay and Halpern12 investigated the effect of

Fe3+ on the oxidation of Fe2+ at a temperature of 100 °C with
initial concentrations of Fe3+, Fe2+, and H2SO4 of 0.054, 0.054,
and 0.08 M, respectively. Because of the low concentration of
H2SO4, free sulfate ions should be present in relatively large
amounts, resulting in the formation of Fe(III) sulfate
complexes. Possibly at a temperature of 100 °C the formation
constants of Fe(III) sulfate complexes are relatively low.
Dreisinger and Peters13 studied the effect of Fe3+ on the

oxidation of Fe2+ at a temperature of 150 °C in the presence of
ZnSO4. Initial concentrations of Fe

3+, Fe2+, Zn2+, and H2SO4

were 0.1, 0.2, 1.9, and 0.5 M, respectively. Free sulfate ions
should be present in relatively large amounts. Possibly at a
temperature of 160 °C the formation constants of Fe(III)
sulfate complexes are relatively low. This assumption seems to
confirm the statement in the study by Dreisinger and Peters
that all equilibria involving Fe3+ ions have been disregarded
because of their limited effect on ferrous speciation. They did
not clarify this statement with the support of calculations of
Fe(III) sulfate complexes.
Huffman and Davidson,10 Iwai et al.9 and Dreisinger and

Peters13 agree that sulfate ions form complexes with ferrous
ions in solution, which oxidize at a faster rate with oxygen
compared to unpaired Fe2+ ions. Wermink and Versteeg4

showed in Part 1 that a decrease in sulfuric acid concentration
decreases the H3O

+ and bisulfate concentration, but increases
the sulfate concentration, resulting in an increase in Fe2+

oxidation rate. This conclusion was based on speciation
calculations accounting only for the dissociation constants of
sulfuric acid. Mathews and Robins14 acknowledged that a
change in sulfate concentration affects the H3O

+ concentration
and therefore influences the Fe2+ oxidation rate. McBain,15

Lamb and Elder,16 Pound,17 McKay,11 McKay and Halpern,12

Mathews and Robins,14 and Verbaan and Crundwell18 reported
a decrease in Fe2+ oxidation rate with increasing H2SO4

concentration.

Figure 4. Experimental and simulated Fe2+ concentration profiles of experiments 45, 46, and 47.

Table 6. Experimental Settings of Experiments in Figure 2

expt T (°C) PO2
(MPa) [Fe2+] [H2SO4]

6 90 0.0901 0.235 0.237
16 90 0.0901 0.248 1.01
22 90 0.0901 0.252 2.03
26 70 0.0982 0.253 1.03
35 70 0.0982 0.253 2.04

Table 7. Experimental Settings of Experiments in Figure 3

expt T (°C) PO2
(MPa) [Fe2+] [H2SO4]

17 90 0.0900 0.494 1.01
26 70 0.0982 0.253 1.03
27 70 0.0982 0.500 1.02
31 70 0.0982 0.997 1.02
36 50 0.102 1.008 1.03

Table 8. Experimental Settings of Experiments in Figure 4

expt T (°C) PO2
(MPa) [Fe2+] [H2SO4]

45 50 0.180 1.01 1.03
46 90 0.180 1.00 1.02
47 50 0.0226 1.01 1.03
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It can be concluded that Fe2+ in solutions containing sulfate
ions oxidizes at an increased rate with oxygen compared to Fe2+

in solutions containing almost no sulfate ions. It seems
plausible that Fe(II) sulfate complexes in solution are more
susceptible to oxidation with oxygen than unpaired Fe2+ ions or
Fe(II) bisulfate complexes. This statement agrees well with the
structure of the kinetic equation of Iwai et al.;9 that is, two
parallel reactions occur, one proceeding independent of sulfate
ions and one proceeding dependent on sulfate ions. To
determine such a type of kinetic equation, a correct
determination of the speciation is desirable.
Inhibition by Ferric Ions. The kinetic equation reported in

this study is not based on speciation. Only the order in H2SO4
changes according to the H2SO4 concentration. According to
Huffman and Davidson,10 Iwai et al.,9 and Dreisinger and
Peters13 Fe(II) sulfate complexes oxidize more readily than
unpaired Fe2+. Therefore, the effect of inhibition by Fe3+ ions
should be more pronounced at higher Fe2+ conversions,

because increased concentrations of the species Fe3+ and
SO4

2− are present, respectively, at higher Fe2+ concentrations.
This assumption is verified for the kinetic equation

developed in the present study compared to a kinetic equation
not accounting for the influence of Fe3+. The kinetic parameters
of the latter kinetic equation were fitted according to the
method described in this study. Fe2+ concentration profiles
calculated with and without inhibition by ferric ions for the
same experiment are illustrated in Figure 6.
A slight improvement in the fit of the experimental points is

obtained when the kinetic equation accounts for the inhibition
by Fe3+. A possible explanation could be that the inhibition by
Fe3+ via the formation of Fe(III) sulfate complexes is a
combined effect; that is, the kinetic term for H2SO4 accounts
for a change in sulfate concentration too.
As initial concentrations of H2SO4 were relatively high in the

experiments performed in this study, it is recommended to
perform additional experiments at lower initial H2SO4

Figure 5. Parity plot of experimental and calculated Fe2+ concentrations.

Figure 6. Fe2+ oxidation profiles calculated with and without Fe3+ inhibition. Initial experimental conditions: T = 90 °C, Pair = 0.52 MPa (40 vol %
O2), [FeSO4] = 1.0 M, [H2SO4] = 1.0 M.
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concentrations to investigate the kinetic term for Fe3+ proposed
in this study.
Comparison of Kinetic Equations. Two different

methods of interpreting kinetics were performed by Wermink
and Versteeg4 in Part 1 and this study (Part 2).
In Part 1 initial reaction rates of experiments were

determined by fitting the data points via a polynomial equation.
The order of reaction in a reactant was determined through the
so-called pseudo-first-order approach (for a detailed description
the reader is referred to Part 1). Subsequently the initial
reaction rates were fitted with only the reaction rate constants
as variables.
In Part 2 experimentally determined concentration profiles

were fitted with orders of reaction in components, reaction rate
constants and the constant A (see eq 5) as variables,
respectively.
The experimental and simulated concentration profiles of

Fe2+ oxidation experiments 22, 37, and 46 are shown in Figure
7. Experiments with concentrations of sulfuric acid of 1 M and
higher were compared, because the kinetic equation derived in
Part 1 is only valid for this H2SO4 concentration range. The
simulated concentration profiles were calculated from the
kinetic equations developed in Part 1 and this study,
respectively. The experimental concentration profiles are
shown as solid lines. The experimental settings are provided
in Table 9.

From Figure 7, it can be concluded that both methods of
determining a kinetic equation, that is, fitting initial reaction
rates (Part 1) and fitting experimentally determined concen-
tration profiles (Part 2), respectively, resulted in an accurate
simulation of the experimentally determined concentration
profiles.

■ CONCLUSION
The oxidation of ferrous ions in acidic sulfate solutions at
elevated air pressures was investigated. The effect of the Fe2+

concentration, Fe3+ concentration, H2SO4 concentration, and
partial oxygen pressure on the reaction rate were determined at
three different temperatures, i.e. T = 90, 70, and 50. From
experiments performed with varying stirrer speeds, it was
concluded that the reaction was not affected by mass transfer
limitations.
A second order of reaction in Fe2+ and a first order of

reaction in O2 were determined, respectively. A slight inhibition
by Fe3+ on the Fe2+ oxidation reaction was observed. The
reaction is first order in Fe3+ in the kinetic term for the
inhibition by Fe3+. Concentrations of H2SO4 up to 1 M result
in a fractional negative order of −0.6, concentrations of H2SO4
above 1 M result in a zero order.
One kinetic equation for the oxidation of Fe2+ was derived, in

which the order of reaction in H2SO4 is changed depending on
the H2SO4 concentration.

= − =
+

+ +

++R
t

k P

A
d[Fe ]

d

[Fe ] [H SO ]

(1 [Fe ])

c

Fe

2 2 2
O 2 4

32
2

With c = −0.6 for [H2SO4] < 1 M and c = 0 for [H2SO4] > 1
M.
The activation energy was determined to be EA = 62.1 kJ/

mol. The order c in H2SO4 is either −0.6, or zero, depending
on the H2SO4 concentration.
It can be concluded that this study is the first study to include

both the effect of H2SO4 and Fe
3+ in the kinetic equation of the

oxidation of Fe2+ in acidic sulfate solutions without speciation
calculations.
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Table 9. Experimental Settings of Experiments in Figure 7

expt T (°C) PO2
(MPa) [Fe2+] [H2SO4]

22 90 0.0901 0.252 2.03
37 50 0.102 0.501 1.02
46 90 0.180 1.00 1.02
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■ NOTATION

A constant
EA activation energy [kJ/mol]
k reaction rate constant [m3·kmol−1·Pa−1·s−1]
P pressure [Pa]
R reaction rate [kmol·m−3·s−1]
R universal gas constant [J mol−1·K−1]
t time [s]
T temperature [°C, K]
Subscripts and Superscripts
a, b, c, d orders
sim simulated
exp experimental
Fe2+ ferrous ion
O2 oxygen
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