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Gas Desulfurization with Ferric Chelates of EDTA and HEDTA:
New Model for the Oxidative Absorption of Hydrogen Sulfide

J. F. Demmink and A. A. C. M. Beenackers*

Department of Chemical Engineering, University of Groningen, Nijenborgh 4,
9747 AG Groningen, The Netherlands

The experimental data of Wubs and Beenackers (AIChE J. 1994, 40 (3), 433—444) on the
oxidative absorption of H,S into aqueous solutions of ferric chelates of ethylenediaminetetraacetic
acid (EDTA) and hydroxyethylethylenediaminetriacetic acid (HEDTA) were reinterpreted using
a new penetration model for mass transfer parallel to chemical reaction. Different from the
discussion by Wubs and Beenackers (1994), which was based on general, approximate models
for the reactive absorption of gases into liquids, it now appears that the diffusivity of ferric
chelates of EDTA and HEDTA are in good agreement with the values determined from the
reactive absorption of molecular oxygen into aqueous solutions of ferrous EDTA and HEDTA
(Wubs and Beenackers, Ind. Eng. Chem. Res.1993, 32, 2580—2594). Also, it now appears
that the data from Wubs and Beenackers (1994) are compatible with ferric chelate complex
equilibrium constants, reported elsewhere (for instance, Martell and Smith, Critical Stability
Constants, 1982). Reinterpretation of the absorption data from Wubs and Beenackers (1994)
resulted in the following Kkinetic rate constants (T = 293 K, Creqny = 78 mol/m3® and 2 < pH =
9): EDTA, monohydroxylated complex, 250 < k; ; < 300 m3/(mol s); HEDTA, monohydroxylated
complex, 1.4 < ky 1 < 1.6 m¥/(mol s); HEDTA, dihydroxylated complex, 550 < k; ; < 650 m3/(mol

s); for the reaction rate expressed by —Rn,s = K1,1CH,sCrein).-

1. Introduction

Wubs and Beenackers (1994) studied the absorption
of H,S into aqueous solutions of ferric chelates in a
stirred cell reactor. The absorption is accompanied by
the oxidation of H,S:

H,S(9) = H,S(aq)
H,S + 2Fe®'L" — 2Fe?'L" + 2H" + S| (1)

with L"™ denoting an organic ligand, in this case
ethylenediaminetetraacetic acid (EDTA, n = 4) and
hydroxyethylethylenediaminetriacetic acid (HEDTA, n
= 3). The above reaction has found application in gas
desulfurization processes (Oostwouder and Hodge, 1995;
Nagl, 1997; DeBerry, 1997), where regeneration of a
ferrous chelate takes place by oxidation with molecular
oxygen, O, in a separate vessel. Prominent gas de-
sulfurization processes based on reaction 1 are the
SulFerox process, with 40 operating plants in 1995
(Oostwouder and Hodge, 1995), and the LO-CAT/LO-
CAT Il process. The latter process reported in 1997 to
having 140 operating plants, with a total capacity of 3.8
x 10° kg of sulfur/day (Cantrall, 1997). lron chelate
based gas desulfurization processes are economically
advantageous over other options for sulfur productions
between 200 and 20 000 kg/day (Oostwouder and Hodge,
1995).

Although Wubs and Beenackers (1994) revealed the
most important aspects that affect the oxidative absorp-
tion of H,S, including the reaction mechanism, and the
effect of the structure of ferric chelates (as a function of
pH, temperature, T, and ferric chelate concentration,

* To whom correspondence may be addressed.

S0888-5885(97)00427-2 CCC: $15.00

Creqny) ON their reactivity, some questions remained.
Despite the similar structure of ferric EDTA and
HEDTA, and different from observations on the reactive
absorption of O, (Wubs and Beenackers, 1993) and nitric
oxide, NO (Demmink et al., 1997), into aqueous solu-
tions of ferrous EDTA and HEDTA, Wubs and Been-
ackers (1994) reported a considerable difference in their
diffusivity (D;:e(|||)|_)i at T = 295 K, D|:e(|||)|_ = 0.16 x
107° m?/s for ferric EDTA and Dgeqiy. = 0.42 x 107°
m?/s for ferric HEDTA (compare Dgegiy. = 0.26 x 107°
m?2/s for both ferrous EDTA and HEDTA, T = 294 K,
determined from ferrous chelate oxidation by Wubs and
Beenackers (1993), as recalculated by Demmink and
Beenackers (1997), and Dgeqn. = 0.24 x 107° m?/s for
both ferrous EDTA and HEDTA, T = 294 K, determined
by Demmink et al. (1997) from reactive absorption of
NO). Given the very similar Dreqiy. for ferrous EDTA
and HEDTA (Wubs and Beenackers, 1993; Demmink
et al., 1997), it follows that, for these large complexes,
DreanL depends on molecular mass, rather than charge
of the complex. Therefore, the Dreqny. values for ferric
EDTA and HEDTA should be identical as well, and the
DreamyL values determined by Wubs and Beenackers
(1994) need to be reconsidered.

As a result of a maximum in the reactivity of ferric
EDTA, as a function of pH, that was not understood
from ferric EDTA complex chemistry, Wubs and Been-
ackers (1994) reported a large uncertainty in the
reactivity of ferric EDTA; see Table 1. Furthermore,
as shown in Table 2, the equilibrium constant (K., with
e pertaining to the equation in this work, defining the
equilibrium, see Table 2) for one of the ferric EDTA
species, as determined from the gas absorption data,
differed significantly from its literature value (Martell
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Table 1. Reaction Rate Constants k; 1 Determined from
Data of Wubs and Beenackers (1994), T = 294 K, Creqiy =
0.078 kmol/m3

K12 ky 1P
reactant (m3/(mol s)) (m3/(mol s))
Fe3 Lipra (m0) ~0 ~0
|:e3+L‘,‘;DTA (OH") (m1) 250-300 14-21
Fe3tLlcora (m0) ~0 ~0
Fe3 L3 pepta (OHT) (m1) 15 18

Fe3tLipra (OH); (m2) 550—650 130

a This work. P Reported by Wubs and Beenackers (1994).
Table 2. Equilibrium and Forward Rate Constants,

Ferric EDTA and HEDTA, for Equilibrium e, T =298 K
(PKe = —log Ke)

pKeb,c ked,e

e i2 EDTA HEDTA EDTA HEDTA
20 7.58,01 6,2203 4.11,01 4.4b3 fast fast

21 8.69,°18.683  fast fast

22 —2.95p1 —2.38p1—2303 06 0.9

23 4.63b4 1.73b4 20 60

25 4 1.95b2 fast fast

25 3 2.68b2 2.60P2 fast fast

25 2 6.11P2 5.39b2 fast fast

25 1 10.17"2 9.81b2 fast fast

a Pertaining to protonation, see eq 25. °! Gustafson and Martell
(1963). "2 Martell and Smith (1982). " Wubs and Beenackers
(1994), from gas absorption data. ®* Ky = KyoKzz. ¢ kmol/m?3 (egs
20, 21, and 25); m3/kmol (eq 22); () (eq 23). ¢ Wilkins and Yelin
(1969). ¢ Forward reaction rate constants; m3/(mol s) (egs 22 and
23); 1/s (egs 20, 21, and 25).

and Smith, 1982), whereas the equilibrium constants
for ferric HEDTA matched the literature values very
well.

Recently, we showed how near interface concentration
and pH gradients caused by mass-transfer resistances
may affect the reactive absorption of O, and NO into
solutions of ferrous nitrilotriacetic acid (NTA) (Dem-
mink and Beenackers, 1997; Demmink et al., 1997,
respectively). A key role in the reactive absorption of a
gas into ferrous NTA solutions appeared to be played
by the many different iron chelate species present at
the gas—liquid interface, each showing a specific reac-
tivity to the absorbing gas. Near interface interconver-
sion of iron chelates, resulting from the consumption of
the most reactive species, was shown to be of impor-
tance. Here, we present a new comprehensive model
for the reactive absorption of H,S into ferric chelate
solutions, based on mass transfer parallel to a set of
complex chemical reactions. It will be shown that near
interface concentration gradients substantially affect
the gas absorption rate. As a result of this approach,
the experimental data of Wubs and Beenackers (1994)
become much more consistent with literature data on
equilibrium constants and diffusion coefficients than it
seemed previously.

2. Model Development

The rate of absorption of H,S per unit of gas—liquid
interface, Ja, is given by (Westerterp et al., 1984)

Ja= kLEA(CiAL - (_:A) 2

with k_ the liquid-side mass-transfer coefficient, C

the liquid-side interfacial H,S concentration and Ca the
concentration of HS in the liquid bulk (i.e., at X — o
with x the distance from the gas—liquid interface). The

Ind. Eng. Chem. Res., Vol. 37, No. 4, 1998 1445

enhancement factor Ej is the result of chemical reaction
and is defined by the above eq 2. It can be shown that,
for the data considered in this work, Ca = 0.

At any time between 0 and an average contact time
0, defined by (Westerterp et al., 1984)

4D
=—2 3)

ak,

Ja is given by (Westerterp et al., 1984):

__(ac,
JA(t) B _DA W x=0,t (4)

The average (i.e., observed) absorption rate now follows
from

3, = % [13,(0) dit 5)

and the observed Ea from (Westerterp et al., 1984):

J D o9C
Ea Ai‘ = iA foa[(a_xA) . t] dt (6)
KCaL Kk Cat =

Calculation of the time-dependent concentration gradi-
ent (0Ca/0x)x=0,t asks for mass balances over the mass-
transfer zone for H,S as well as for all ionic species
present (Newman, 1973). In combination with the
dynamic charge balance, these mass balances may be
rewritten in dimensionless form to (Demmink and
Beenackers, 1997):

2 ZZJ j ar | 20R, -
g orp\ & o, 7! 3 'z T & WL

with z; the charge of ionic species i, CA,L the liquid-side
interfacial H,S concentration, and

3 - 8
' ChL
T ~D. 9)
X
=—— 0
L JaD A0 (10)
A

In order to maintain electroneutrality throughout the
mass-transfer zone, for one of the ionic components, eq
7 is replaced by the electroneutrality equation

N

3260 (12)

Finally, the water equilibrium is assumed to be satisfied
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throughout the mass-transfer zone (Caldin and Gold,
1975):

Corr-

o (13)

with Ky values given by CRC (1980). Boundary condi-
tions for all nonvolatile species are given by

720 &)
Do fej-o
ﬁiom} &=§ (15)
p
=0 _
ﬁpzo} §=§ (16)
and for H,S:
>0
ﬁpzo} En=1 (17)
>0
‘Il":p—'oo} gA:O (18)
=0
ﬁp>o} En=0 (19)

with &; the dimensionless concentration of species i in
the liquid bulk. Numerical solution of the set of eqs 7
with boundary conditions (14)—(16) and (17)—(19), in
combination with electroneutrality condition (12), gives
the concentrations of all components in a liquid element,
as a function of r and rp. For this purpose, NAG Routine
DO3PGE (NAG Fortran Library) was used on a Cray
J932.

The approach described above enables the calculation
of Ea, accounting for (1) local concentration gradients
of all ionic species; (2) near interface interconversion of
ferric chelates resulting from chemical equilibria and
consumption of the more reactive ferric species by H,S;
(3) ionic diffusion, including the static and dynamic
electroneutrality conditions; (4) the reaction kinetics for
(2).

Information on the reaction mechanism, including the
role of ferric chelate complex chemistry, now is required.

2.1. Complex Chemistry of Ferric Chelates.
Philip and Brooks (1974) observed for ferric HEDTA
complex that reaction 1 is strongly pH dependent. They
attributed this pH dependence to the formation of
hydroxylated and u-oxo-bridged ferric chelates at high
pH. These ferric complexes were observed by Gustafson
and Martell (1963), Schugar et al. (1969), and Wilkins
and Yelin (1969):

K
Fe*'L" + H,0 == Fe*'L"(OH") + H" (20)
K
Fe*"L"(OH") + H,0 == Fe*"L"(OH "), + H" (21)
k.
2Fe® L™ (OH7) == (Fe*'L™), (0) + H,0  (22)

with Kzo, Kz]_, and KZZ (:kzzlkfzz, with k22 and k722 the
forward and backward reaction rate constants, respec-

100

a.L=EDTA,n=4
80 [
T or (FeL™),0%
3
£
O 40+
20 -
Fe*LOH
0 | | 1
2 3 4 5 6 7 8 9 10
pH
100
Fe¥L* b.L=HEDTA,n=3
80
~ 60| Fe¥*L™(OH),
£
E (Fe?*L),0>
O 40+
20 - Fe¥*L™OH-
0 | | | L

pH

Figure 1. Concentration of ferric chelates, T = 293 K, Creqny =
Ciigand = 0.100 kmol/m3, equilibrium constants from Gustafson and
Martell (1963), given in Table 2. (a) ferric EDTA,; (b) ferric HEDTA.

tively) given in Table 2. Equilibrium 22 may also be
established through

k
F 3+I n— (OH") Fes+| n— kf;,
(F e*fL" )2 (027) H™ (23)

where k—2, < k—p3 (Wilkins and Yelin, 1969; see Table
2). Dissociation of the u-oxo dimer therefore is acid-
catalyzed. It should be noted that

Kag

ke _ _
KZZKZO

Kos = K s

KooK = Kop3

(24)

with Kz, Koz, and Ky reported in literature; see Table
2. Figure 1 shows the concentrations of the ferric ions
as a function of pH, for ferric EDTA and HEDTA.

Philip and Brooks (1974) concluded that hydroxylated
species formed in egs 20 and 21 are far more reactive
to H,S than nonhydroxylated species. It was suggested
that u-oxo-bridged ferric chelates (Fe3tL""),02" are not
reactive; they may participate in reaction 1 through
dissociation, eqs 22 and 23 only. The phenomenon of
increasing reactivity of ferric chelates with hydroxyla-
tion was shown by Asai et al. (1990, 1997) (L = H0),
DeBerry et al. (1991), Wubs and Beenackers (1994), and
Neyaglov et al. (1991) (L = EDTA and HEDTA),
Demmink et al. (1994) (L = NTA), and Yao and Millero
(1996) (ferric oxide precipitates).
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Table 3. Characteristics of Studies of the Reaction between H,S and Ferric Chelates

Cre 11) CL/ Cstb order order
author system2  ligand T (K) pH (kmoi/m3) Creq (kmol/m3) Fe(l11) H,S
Philip and Brooks (1974) Al,s2 HEDTA 298 6.5—7 1.02 1074-102 c
Neumann and Lynn (1984) B2, s6 NTA 333—-338 3.5-4.0 0.4 1.1
B3, s5 NTA 333—-338 3.9-4.1 0.10 1.1 <4 x 1073d

Koch et al. (1986) Al,s2 EDTA 9.5

DTPA
Asai et al. (1990) B1, s5 H>O 298-313 1-3 0.01-0.07 0.2—2d 1 1
DeBerry et al. (1991) Al,s2,3 EDTA 283 6-8 (2.5—25) x 104 1 (2.5—10) x 10~4 1 1

DTPA

HEDTA

EGTA
Neyaglov et al. (1991) Al,s2 EDTA 293-323 7-95 (0.2-0.8) x 1073 1 0.48 x 1073 1 1
dos Santos Afonso and Stumm (1992)¢ B2,s5 H,0 298 4-7 (1.27-2.69 x 104 f 0.1-1d
DeBerry (1993) Al,s2,3 EDTA 283 6—8 (0.25—25) x 1073 1 0.25—10 1 1

DTPA

HEDTA

EGTA

CDTA

NTA
Wubs and Beenackers (1994) B1, sl EDTA 293—-333 3-9 0.040—-0.150 1.1 (1 x 107%)—(0.070) 1 1

HEDTA
Demmink et al. (1994) B4, s4 NTA 286 6—8 0—0.200 2 0-0.43 1 1
Giles et al. (1994) Al, s2 EDTA 273—-323 6-10 0-2
Wubs (1994) Bl,s1 NTA 295 7 0.03 2 (1-50) x 10-3 0-1 1
Clarke et al. (1994) B2, s8 NTA 7—-8.5 0.02 2
Lonergan et al. (1995) Al,s2,3 EDTA 10.5
Yao and Millero (1996)¢ A2, s7 H.0 277—320 4-85 (4—6) x 10759 0.025 1 1

a Single-phase systems: Al, stopped flow; A2, stirred vessel. Two-phase systems: B1, stirred cell reactor; B2, bubble column; B3,
wetted-wall column; B4, co-current downflow column packed with static mixers. H,S detection: sl, pressure indicator; s2, spectrofotometer;
s3, sulfide ion electrode; s4, lead acetate based H>S detector; s5, Fe3t conversion; s6, soap-bubble flowmeter; s7, titration; s8, laser desorption
mass spectroscopy. P C'AL in multiphase studies. ¢ Not reported. 9 Not reported in original paper, estimated from solubility in water.
e Fe(OH)s precipitates. f Pertaining to surface. 9 Pertaining to total iron content.

If a ligand is present in excess, the following set of

equilibria occur:

LD Kasi, o LOHD 4t

with i =1 ... n; see Table 2.

(25)

2.2. Reaction Mechanism. Although iron chelates

The high reactivity observed at elevated pH indicates
that reactions 26 and 27 may also involve hydroxylated
species:

k
3+ n— - 28,
Fe®'L" (OH) + H,S <=
Fe*"L""(SH") + H,0 (28)

are widely used for gas desulfurization, actual kinetic
data and mechanistic studies are limited. Table 3 gives
an overview. Mechanistic studies by Koch et al. (1986),
Neyaglov et al. (1991), and Lonergan et al. (1995)
revealed the existence of a meta-stable ferric sulfide
complex, whose formation may be given by

k
Fe*'L" + H,S «——»kf; Fe*'L" (SH™) + HY  (26)

Similar ferric sulfide intermediates were suggested by
dos Santos Afonso and Stumm (1992) and Yao and
Millero (1996) for Fe(OH); precipitates (surface reac-
tion).

Despite disagreement on the details of the consecutive
step, which may involve either a sulfhydryl radical HS®
(Neyaglov et al., 1991; Lonergan et al., 1995) or an
internal electron transfer (Koch et al., 1986; Wubs and
Beenackers, 1994), all schemes proposed assume that
Fe3tL"~ (SH") effectively reacts according to

k
Fedtl "“(SH") FedtLn -2
2F92 L"+S+H (27)

k.
Fe3t| "(SH") Fe3 L OH -2
2F62 L" +S+ HZO (29)

and for ferric HEDTA

k.
Fe3 Ln (OH )2+ H2S‘k__3300_
F93 L" (SH )+ OH + HZO (30)

k.
Fe*'L" (SH) + Fe*'L"(OH"), —
2Fe?*L" + S+ OH™ + H,0 (31)

All literature studies (see Table 3) report reaction 1
to proceed first-order in Fe(lll) and H»S. As shown
below, all ferric chelate consuming steps take place
within the reaction zone, and therefore, forward reac-
tions 26, 28, and 30 are rate-determining. This can
be shown from simplified rate expressions, assuming
steady state in the concentration Fe3*L"~(SH-), and
independent reaction pathways for Fe3tL"",
Fe3TL"~(OH"), and Fe3"L"~(OH™),. With m0, m1, and
m2 pertaining to the complexes Fe3*L"~, Fe3*L"~(OH"),
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and Fe3*L"—(OH"),, respectively, it follows for (26) and
(27)

(knc(;”‘”
K_26Ch+
—RA = Ky I CiCE” (32
(k27CH +1
K_26Chit
with asymptotic solutions
K CE
K_26Ch+ > 1= —RY = kyeCaCl™ =
KiT'CACE™ (33)
cgo Kyek
27~B (m0) __ 26727 (mO0)\2
——— < 1= -Ry" = ——C,(CE"™)" (34)
K_26Ch+ ~ K_26Ch+ e

while for reactions 28 and 29 it follows that

(kZQC(Bml)
k_
_R(Aml) = kg = CAanl) (35)
k C(ml)
29~B
Tk, ) L
with asymptotic solutions 2
Ky,
213_288 > 1= —R{™ = kysCaCh™ =
kPc,ci™ (36)
K,oCO Kook
S < 1= R =-FC,CMY (37)
—28 —28

and for reactions 30 and 31

( ks CE'”

K_20Co-
R(AmZ) — k30 30~0OH CAC(BmZ) (38)
kslcgnz)
—|+1
K_30Com-
with asymptotic solutions
k,,C{"?
K{PICACE™ (39)
kslcfamz) KzoKa1
_1 B 1= _Rm) 598 o~ (C(m2))2 (40)
K_30Con- 8 K 3Con- "+ °

The above expressions (32), (35), and (38) refer to
concentrations of specific ferric chelates (C§", c{™),
and C{"?), whose values relative to Creqny are a func-
tion of Creqiry and pH. At high Creqny, #-0xo dimers exist.
If these are not reactive to H,S, as suggested by Philip
and Brooks (1974) and Wubs and Beenackers (1994),
the observed order in Creqny may be lower than the
actual order in C{", ¢, and Ci"?, as (C&/Creqn)
increases with increasing Creqy (also see Wubs and
Beenackers, 1994). Despite the large range in Creqny

and pH, reported in Table 3, second order in Creiiy was
never observed, and asymptotic solutions (33), (36), and
(39) appear to be valid.

Also taking place at the gas—liquid interface:

K,
H,S ==HS + H" (41)

with Ky; from Tsonopoulos et al. (1976). Asai et al.
(1990) and DeBerry (1993) observed reaction 1 to be
practically independent of the ionic strength. From this
observation DeBerry (1993) concluded that one of the
reactants is uncharged, indicating that the formation
of Fe3*L"—(SH™) proceeds through H,S, rather than
HS~.

It must be realized that expressions (32), (35), and
(38) are useful, yet crude approximations. The proposed
approach of using pH-independent kj ; values in eqs 32,
35, and 38 is rather empirical. An important assump-
tion is that the interaction between the reaction path-
ways (26 and 27, 28 and 29, and 30 and 31) may be
neglected. As seen in Figure 1, for ferric EDTA at 5.5
< pH = 8 and for ferric HEDTA at 3 < pH < 4.5, both
c > g and C" > 0. Therefore, forward reaction 26
may not only be followed by reaction 27 and backward
reaction 26, but also by reaction 29 and backward
reaction 28. Reaction 28 may now be followed by
reactions 27 and 29 and backward reactions 26 and 28.
If both C{™ > 0 and C¥? > 0, as is the case for ferric
HEDTA, pH > 8, (28) may be followed by (29) and (31)
and backward reactions 28 and 30; (30) may now be
followed by reactions 29 and 31 and backward reactions
28 and 30. Also, the pH-dependent role of polysulfides
is not included in egs 32, 35, and 38.

Polysulfides. Clarke et al. (1994) showed that, as a
result of reaction 1, monosulfide may polymerize to
polysulfides, Sy2~, with y = 2—7. It was shown that
ferric chelate is required in sulfur polymerization.
However, the precise role of the ferric chelate in sulfur
polymerization, or the role of polysulfides in H,S
absorption, was not revealed. We therefore propose the
use of observed kii values. Since the stability of
polysulfides appears to be pH-dependent (Clarke et al.,
1994), their effect on k1 possibly is a function of pH as
well.

3. Results and Discussion

3.1. High-Pressure Regime. Figure 2 shows near
interface concentration gradients calculated from (7)
and (12), induced by the absorption of H,S at a relatively
high C, ., Cx, = 10 mol/m3, while Cgequy = 97 mol/m?,
Dreamr = 0.24 x 107° m?/s (Demmink et al., 1997), the
equilibrium constants of equilibria 20—25 given in Table
2 and the rate constants ky’; (m: m0, m1, and m2)
determined below from absorption experiments with
relatively low Pys, given in Table 1. Given the obser-
vation that ferric chelate diffusivity depends on mass
rather than charge (Wubs and Beenackers, 1993; Dem-
mink et al., 1997), D" = DI = DU, For the
diffusivity of the u-oxo dimers, Dd, an estimation is
used based on Wilke—Chang (see, for instance, Reid et
al., 1987), assuming that the molar volume of the u-oxo
dimer is twice that of the monomeric species, DS =
0.15 x 1072 m?s. Leaist and Hao (1994) observed that,
for ferrous EDTA, an uncomplexed ligand has the same
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Figure 2. Near interface concentration profiles, calculated from
egs 7 and 12. For readability, some species are not shown, although
these were incorporated in the calculation. C,, = 0.010 kmol/m?,
CFe(|||) = 0.097 kmol/m3, éligand =1.1 éFE(“l)y T =294 K with Dg =
0.24 x 107 m%s, DS = 0.15 x 10~° m¥s. Equilibrium constants
((20)—(25)) from Gustafson and Martell (1963); see Table 2; ki1
values from Table 1. (a) L = EDTA. (b) L = HEDTA.

diffusivity as iron chelate. For readability, some ionic
components, for instance Nat, Cl~, and ferrous chelates,
are not shown in Figure 2, although they were included
in the calculation.

In Figure 2a, where L = EDTA, local concentration
gradients resulting from mass-transfer limitation dur-
ing H,S absorption are shown. It is seen that as H,S

penetrates into the liquid element, Cg"l) decreases as a
result of reactions 28 and 29. Although, following the
suggestion by Philip and Brooks (1974) and Wubs and
Beenackers (1994), the u-oxo dimer is assumed to be
unreactive toward H,S, its interfacial concentration
decreases due to local dissociation via reactions 22 and
23 and is completely converted. Also shown is a local

decrease of pH from a bulk value pH =7.53 to an
interfacial value pHi = 5.60, even though the excess of
ligand (Cepta = 1.1 x Creqiny) has some buffering effect;
see equilibrium 25.
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Figure 3. Ea as a function of pH, Cjy, = 0.010 kmol/m?3, Ceeqiy =
0.097 kmol/m3, T = 294 K. Symbols: experimental data from Wubs
and Beenackers (1994); closed, ferric EDTA, open, ferric HEDTA.
Lines calculated with Dao = 1.44 x 1072 m?2s (Haimour and
Sandall, 1984), DI = 0.24 x 107 m%s, DS = 0.15 x 107° m?/s,
and equilibrium constants given by Gustafson and Martell (1963);
see Table 2. E1, Ela (ferric EDTA), and H1 (ferric (HEDTA)
calculated from the set of eqs 7 and 12. Ela: DS = DY, showing
the relative small effect of D3/DI. Lines E2a, E2b, H2a, H2b,
H2c, and EH2 calculated from eq 42. EH2: all ferric chelates
assumed reactive (Cg = Creqiny). Ferric EDTA: E2a and E2b both
monohydroxylated and u-oxo dimer reactive, nonhydroxylated
ferric EDTA assumed unreactive (Cg = CI" + 2C%). E2a: vg = 1.
E2b: vg = 2. Ferric HEDTA: H2a, dihydroxylated ferric HEDTA
and u-oxo dimer reactive (Cg = CI"? + 2C2); H2b, dihydroxylated
ferric HEDTA reactive only (Cg = C(Bmz)); H2c, monohydroxylated
and dihydroxylated ferric HEDTA reactive (Cg = C{™ + c{"™).

Figure 2b shows local concentration gradients for

ferric HEDTA, pH = 8.26. Here, the u-oxo dimer does
not completely dissociate at r, — 0. As a result of
reactions 30 and 31, a local increase in pH occurs in
the zone where Fe3*Ly5rA(OH™)2 is consumed (0.5 <
rp < 1.0). Closer to the interface, the increase in pH is
overcompensated by H' release, presumably due to
reaction 41. Interestingly, as a result of the increasing
pH, anz) shows a maximum value at rp, =0.6.

Figure 3 shows experimental data from Wubs and
Beenackers (1994), with lines E1 and H1 calculated
from egs 7 and 12, in combination with eq 6, for ferric
EDTA and ferric HEDTA, respectively. All parameters
used for these calculations were taken from elsewhere;
see Table 1, Table 2, and Demmink et al. (1997).
Although line E1 appears to underestimate the experi-
mental observations, it reasonably matches over the
entire range 4.5 < pH < 9.0. Line Ela, calculated with
DS = Dy (m: m0, m1, and m2) shows that the value of
ratio D/DY has relatively little impact on Ea. Line H1
appears to be shifted on the pH axis, but reasonably
matches the experimental trends.

Given the high C, , Wubs and Beenackers (1994)
assumed the absorption data shown in Figure 3 to be a
result of instantaneous reaction. This assumption may
very well be valid for ferric EDTA. As shown in Figure
2a, close to the interface, practically all ferric EDTA is
reduced, even though the u-oxo dimer is assumed to
react through dissociation ((22) and (23)) only. For ferric
HEDTA, however, the assumption of instantaneous
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reaction is not correct; as shown in Figure 2b, only
Fe3tLY cora(OH™), is completely reduced.

Lines EH2, E2a, E2b, H2a, H2b, and H2c in Figure 3
were calculated from the approximate expression for
instantaneous irreversible reaction given by DeCoursey
and Thring (1989):

r 2r
—q‘/Es qA4B+qA+1 (42)
with
CB DB
Oa = and r,=— (43)
" VBC,IA,L y Da

which was shown to approximate exact, but implicit,
solutions within 3% (DeCoursey and Thring, 1989).
Here, Cg pertains to the concentration ferric chelate
which is reactive to H,S.

Assuming that all ferric chelate consuming steps (i.e.,
reactions 26, 29 and 30, and 27, 29, and 31) take place
within the reaction zone, vg is set to vg = 2 for all lines,
except E2a, where vg = 1. Hence, in the latter case, it
is assumed that reactions 27, 29, and 31 take place in
the bulk of the liquid. As shown in Figure 3, line E2a,
this assumption is unlikely to be correct.

The hypothetical line EH2 in Figure 3, was calculated
from eq 42 under the assumption of instantaneous
reaction of all ferric complexes: Cg = Creqny. For ferric
EDTA, Ea calculated from this approach matches the
experimental data for pH = 8, which appears to
be consistent with Figure 2a, where both
Fe3tLgpra(OH™) and (Fe3*Lggra)202~ were completely
consumed near the interface. A good approximation
over the entire range 4.5 < pH < 85 from eq 42 is
obtained by setting Cg = CI" + 2C%, line E2b. The
(apparent) reactivity of the u-oxo dimer may result from
local dissociation via reactions 22 and 23; also see Figure
2a.

For the reactive absorption of H,S into ferric HEDTA
solutions, line H2a in Figure 3 was calculated with eq
42, Cg = Cg“l) + ch. This approach appears to
overestimate Ea for pH < 9, indicating that, for ferric
HEDTA, the assumption of instantaneous reaction of
u-0xo dimer does not hold. Line H2b, obtained from eq
42 setting Cg = C{"™ underestimates the observed
values, whereas line H2c, with Cg = C™ + c{™),
appears to give a reasonable approximation. These
observations suggest that for ferric HEDTA the u-oxo
dimer is indeed not reactive to H,S (as suggested earlier;
see Philip and Brooks, 1974; Wubs and Beenackers,
1994). However, as shown in Figure 2b, neither the
assumption that the ferric HEDTA u-oxo dimer does not
at all contribute to the H,S absorption under the
conditions of Figure 3 nor the assumption of instanta-
neous reaction of Fe3*L3__ ,(OH") is correct. One
should therefore be careful in distinguishing the reac-
tivity of these complexes. As shown by line H1, how-
ever, local dissociation 22 and 23 may sufficiently
account for the observed H,S absorption rates.

The results of the comprehensive model, lines E1 and
H1, indicate that the absorption of H,S, accompanied
by instantaneous reaction, is primarily determined by
(interfacial) ferric chelate chemistry. Other factors that

may influence the absorption rate, such as in situ
formation of solid particles (Mehra and Sharma, 1988;
Demmink et al., 1994) or polysulfides (Wubs and Been-
ackers, 1994; Clarke et al., 1994) appear to be less
important under the conditions of Figure 3. The
substantial and improbable difference in Dreqny values
for ferric EDTA and HEDTA, as determined by Wubs
and Beenackers (1994), now appears to result from
using too simple ferric chelate chemistry, in combination
with mass transfer. The complete reduction of the ferric
EDTA u-oxo dimer at pH = 7.53, and partial reduction
of the ferric HEDTA u-oxo dimer at pH = 8.26 (Figure
2), are difficult to predict a priori, and for this reason
the use of a more comprehensive mass-transfer model,
represented by egs 6 and 7 with boundary conditions
(14)—(19), should be preferred over the simplified model,
represented by eq 42.

3.2. Low-Pressure Regime. Figure 4 shows near
interface concentration profiles for C,, = 1.0 mol/m®.
Despite this relatively low C, , considerable interfa-
cial concentration and pH gradients occur, although less
than in Figure 2. Figure 4a shows for ferric EDTA, that,
although the u-oxo dimer is assumed to be unreactive
to H,S, its local concentration gradient is steeper
than the gradient of the reactive component
Fe3*Lgora(OH™). Apparently, equilibria 22 and 23
play an important role, and the rate constants k_», and
k-3 may affect the rate of H,S conversion. Figure 5
shows the experimental results of Wubs and Beenackers
(1994) for C,, = 1.0 mol/m3. Table 1 gives the ki1
values determined from Figure 5 (egs 7, 12, and 6),
where it should be realized that the values for k(ml are
maximum values, since it is still not possible to exclude
some direct reactivity of u-oxo dimers.

It appears that for ferric HEDTA the kii values
determined here from eqgs 7, 12, and 6 are in the same
order of magnitude as those reported by Wubs and
Beenackers (1994). Also, the equilibrium constants of
ferric HEDTA, determined from gas absorption data by
Wubs and Beenackers (1994), are very close to the
actual values; see Table 2. Apparently, for ferric
HEDTA, under the conditions of Figure 5, near interface
dissociation of the u-oxo dimer has little impact on the
gas absorption rate. This is consistent with the relative
small u-oxo dimer concentration gradient shown in
Figure 4b. However, given the results of both relative
high C AL (Figure 3) and relative low CA L the use of
approximate models (for instance, DeCoursey, 1974;
DeCoursey and Thring, 1989; Westerterp et al., 1984)
for the absorption of H,S, accompanied by reaction 1,
cannot be recommended for either ferric EDTA or
HEDTA.

For ferric EDTA, a maximum in the observed Ea
occurs at pH ~ 7. This maximum does not follow from
the equilibrium concentrations of ferric species shown
in Figure 1 and was earlier (Wubs and Beenackers,
1994) ascribed to the in situ formation of sulfur par-
ticles, or the role of polysulfides. However, as seen in
Figure 5, line E3, such a maximum may also follow from
near interface concentration gradients shown in Figure
4a. Asshown in Figure la, at pH < 6, most ferric EDTA
is present in its hydrated form, Fe3*Lgg,, which
appears to have a relatively low reactivity to H,S. At
pH > 6, most ferric EDTA is present either as reactive
hydroxylated species or as a u-oxo dimer, whose reactiv-
ity now appears to be low. At pH =~ 7, the u-oxo dimer
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Figure 4. Near interface concentration profiles, calculated from
egs 7 and 12. For readability, some species are not shown, although
these were incorporated in the calculation. C,, = 1.0 x 1073
kmol/m3, CFe(III) =0.078 kmol/m?’, T =294 K, Cligand =11 CFe(III)y
T =294 K. Da = 1.44 x 107° m?/s (Haimour and Sandall, 1984),
Dg = 0.24 x 107° m?s, Dg = 0.15 x 107° m?s (Demmink et al.,
1997), k. = 1.27 x 10~* m/s. Equilibrium constants for equilibria
20-25 from Gustafson and Martell (1963); see Table 2; ki1 values
in 1. (a) Ferric EDTA,; (b) ferric HEDTA.

dissociates via equilibrium 23, while at pH > 7
equilibrium 22 becomes more important. The observed
maximum Ep therefore supports the above assumption
(also see Wubs and Beenackers, 1994) that the ferric
EDTA u-oxo dimer reacts via equilibria 22 and 23 only.

The importance of the u-oxo dimer dissociation rate
also follows from the hypothetical line E4 in Figure 5,
calculated with kg, of Table 1 and k3 = 10 m3/(mol s),
half the value given in Table 2. It is seen that the value
of ko3 has significant impact on the reactive absorption
rate of H,S.

The sequence in reactivity

Fe¥ Liieora(OH ), > Fe* L rA(OH) >
F63+L3H7EDTA(OH7)

reported by Wubs and Beenackers (1994) qualitatively
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Figure 5. Ea as a function of pH, C,; = 1.0 x 1073 kmol/m?,
Cereqiiy = 0.078 kmol/m3, T = 294 K. Symbols: experimental data
of Wubs and Beenackers (1994); closed, ferric EDTA, open, ferric
HEDTA. Lines E3, E4, and H3: calculated from egs 7 and 12, with
DT = 0.24 x 107° m2/s, DS = 0.15 x 10=° m2/s. Equilibria
constants and formation rates of equilibria 20—22 and 25 given
in Table 2. Line E3 and E4 ferric EDTA, k{"}" = 250 m%/(mol s).
E3: kos =20 m¥/(mol s) (Wilkins and Yelin, 1969). E4: hypotheti-
cal line with ks = 10 m3(mol s). H3: ferric HEDTA, k{"? = 1.5
m3/(mol s), k{"? = 600 m#/(mol s).

still appears to hold, except that k(f‘lz) (HEDTA) and
kY (EDTA) are now of the same order of magnitude:

Fe’ Ligora(OH ), > Fe*Lipra(OH") >
Fe’ Liieora(OH )

This observation indicates that the number of hydroxy
groups is less important than the pH at which a species
is abundant. From Figure 1 it follows that the reactive
species Fe3TLgora(OH™) and Fe3 L3, A(OH™), are
formed at approximately the same pH (pH > 7). Also,
it can be seen that the total number of negatively
charged oxygen donors may play a role. Both
Fe3* LY yra(OHT)2, with three —CH,COO~ and two
OH-, and Fe3*LggA(OH™), with four —CH,COO™~ and
one OH™, have five negatively charged oxygen groups,
whereas Fe3*L¥LrA(OH™), with three —CH,COO~ and
one OH-, and Fe3*Lg,,, with four —CH,COO~, have
only four.

Conclusions

A comprehensive mass transfer with chemical reac-
tion model, based on penetration theory, has been
developed for the oxidative absorption of H,S into
aqueous solutions of ferric chelates and was tested with
experimental data for ferric EDTA and HEDTA from
Wubs and Beenackers (1994). It has been demonstrated
that near interface concentration gradients influence the
gas absorption rate to a high extent, which cannot be
understood from general, approximate models from
literature (Westerterp et al., 1984; DeCoursey, 1974;
DeCoursey and Thring, 1989). It appears that the
experimental data by Wubs and Beenackers (1994) are
more consistent with literature equilibrium constants
(Gustafson and Martell, 1963; Martell and Smith, 1982)
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and literature diffusion coefficients (Wubs and Been-
ackers, 1993; Demmink et al., 1997) than previously
assumed.

As it has now been demonstrated from the experi-
mental data of Wubs and Beenackers (1994) that the
reactivity of the u-oxo dimer is likely to be much lower
than the reactivity of the hydroxylated species. Some
direct reactivity can, however, not be excluded. Near
interface interconversion of the u-oxo dimer to reactive
ferric chelate is important, since it provides an extra
source of reactant. For ferric EDTA at relative high
C,. and pH > 7, this implies that practically all ferric
species may be considered reactive, while for ferric
HEDTA at relatively high C,, this is not the case.
Generally, for determining the rate of absorption of H,S
approximate expressions (for instance, DeCoursey, 1974;
DeCoursey and Thring, 1989; Westerterp et al., 1984)
should be treated with caution and the comprehensive
approach presented here should be preferred.
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Nomenclature

a = specific surface (m#m?)

C = concentration (kmol/m?3)

D = diffusivity (m?/s)

Ea = chemical enhancement factor; see eq 6

Ea~ = chemical enhancement factor at instantaneous
reaction; see eq 42

Ja = specific absorption rate of gas A (mol/(m? s))

Ja = average specific absorption rate of gas A, eq 4 (mol/
(m¢ s))

k. = liquid-side mass-transfer coefficient (m/s)

ki1 = reaction rate constant defined by egs 33, 36, and 39
(m3/(mol s))

Ke (e =1, 2...) = equilibrium constants, with e pertaining
to equation number: (kmol/m3) (egs 20, 21, and 25); (m3/
kmol) (eq 22); () (eq 23)

Kw = water ionization constant (=C+Con-) (mol?/m®)

L = ligand

n = number of carboxylic acid groups of ligand

rg = diffusivity ratio defined in eq 43

r, = relative penetration depth, see eq 10

R = gas constant (=8.314) (J/(mol K))

Ra = reaction rate for component A (mol/(m?3 s))

ga = stoichiometric ratio defined in eq 43

t = time (s)

T = temperature (K)

x = distance from gas—liquid interface (m)

y = length of polysulfide chain (S;~, y = 2-7),

z = ion charge

Greek Symbols

T; = dimensionless diffusivity coefficient of component i,
eq9

v = stoichiometry

0 = average contact time in Higbie's penetration theory,
eq 3 (s)

7 = dimensionless time, eq 11

& = dimensionless concentration of component i, eq 8

Super- and Subscripts

A = pertaining to gas-phase reactant, H,S
B = pertaining to reactive ferric chelate
d = pertaining to u-oxo dimer

e = pertaining to equilibrium or forward rate constant
—e = pertaining to backward rate constant

Fe(ll) = pertaining to ferrous chelate

Fe(l11) = pertaining to total ferric chelate

G = gas phase

i = species i (subscript)

i = interface (superscript)

j = species j

L = liquid phase

m = species m (subscript)

m = pertaining to monomeric species (superscript)
mO = pertaining to monomeric species Fe3*L"~

m1l = pertaining to monomeric species Fe3*L""OH~
m2 = pertaining to monomeric species Fe3*L""(OH"),

Ligands

DTPA = diethylenetriaminepentaacetic acid

EGTA = ethylene bis(oxyethylenenitrilo)tetraacetate
EDTA = ethylenediaminetetraacetic acid

HEDTA = hydroxyethylethylenediaminetriaacetic acid
NTA = nitrilotriacetic acid
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