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ABSTRACT: The aqueous oxidations of glutathione (GSH) by [IrCl6]
2−, [Fe-

(bpy)2(CN)2]
+, and [Fe(bpy)(CN)4]

− are described. All three reactions are highly
susceptible to catalysis by traces of copper ions, but this catalysis can be fully sup-
pressed with suitable chelating agents. The direct oxidation by [IrCl6]

2− yields [IrCl6]
3−

and GSO3
−; some GSSG is also obtained in the presence of O2. The two FeIII oxidants

are reduced to their corresponding FeII complexes with nearly quantitative formation of
GSSG. The kinetics of these reactions have been studied at 25 °C and μ = 0.1 M between
pH 1 and 11. All three reactions have rate laws that are first order in [Mox] and [GSH]t
and show a general increase in rate with increasing pH. Detailed studies of the pH
dependence enable the rate law to be elaborated with terms for reaction of the in-
dividual protonation states of GSH. These pH-resolved rate constants are interpreted
with a mechanism having rate-limiting outer-sphere electron-transfer from the various
thiolate forms of GSH.

■ INTRODUCTION
Glutathione (GSH) (the tripeptide glutamyl-cysteinyl-glycine,
Scheme 1) is the principal soluble thiol in plants and animals,

and it has extensive roles in cellular functions.1,2 Prominent
among these is its redox reactivity, including its important roles
as a redox buffer and radical scavenger. When GSH functions as
a radical scavenger it usually undergoes one-electron oxidation,
which typically occurs initially at the cysteinyl sulfur group and
yields the GS• thiyl radical. Reports on the kinetics of aqueous
oxidation of GSH by one-electron reagents include ferricyto-
chrome c,3 ferric salts,4 Cu2+,5 [CoIIIW12O40]

5−,6 [Cu(TAAB)]2+,7

Cr(VI),8 [Fe(bpy)3]
3+ and [Fe(phen)3]

3+,9 [(Ru(bpy)2-
(OH2))2O]

4+,10 [Ru(edta)pz]−,11 [Fe(CN)6]
3−,12 [FeIV(O)-

(N4Py)]2+,13 [MnIII(cdta)]−,14 [CrOO]2+,15 [RuIII(NH3)5Cl]
2+,16

[RuIII(H2O)4Cl2]
+,17 [PVVW11O40]

4− and [PVV
2W10O40]

5−,18

ClO2
•,19 NO2

•,20 N3
•,21,22 CO3

•−,23,24 Br2
•−,25 O2

•−,26 OH•,27

CH3
•,28 several alcohol radicals,29 and the tyrosine phenoxyl

radical.30 These reports indicate a great diversity of rate laws
and mechanisms, from which it is difficult to assemble a sys-
tematic understanding.
In principle, outer-sphere electron transfer could be an im-

portant pathway in GSH oxidations. An understanding of this
pathway would contribute to building a systematic overview of
GSH oxidations, since such reactions are well understood at the

theoretical level, and there is a predictive framework (Marcus
theory) for describing their rates. Studies of this type have
already been published for two relatively simple thiols: the
diprotic thioglycolic acid,31−33 and the triprotic cysteine amino
acid.34,35 GSH, a tetraprotic acid, is the subject of the current
study, which presents detailed investigations of the oxidation of
GSH by three well-established outer-sphere reagents: [IrCl6]

2−,
[Fe(bpy)2(CN)2]

+, and [Fe(bpy)(CN)4]
−. It shows that these

reactions are highly sensitive to copper-ion catalysis, that the
catalysis can be thoroughly inhibited with suitable chelating
agents, that the uncatalyzed reactions have a common rate law,
that the rate-limiting steps correspond to oxidation of the
thiolate forms of GSH to the GS• radical, and that the rates are
consistent with Marcus theory. These results call into question
some prior reports on GSH oxidation where copper-ion catalysis
was not taken into consideration. They support other studies
where electron transfer from the thiolate forms of GSH has
been identified, and they complement reports of other oxidation
mechanisms such as inner-sphere oxidation and hydrogen-atom
transfer.

■ EXPERIMENTAL SECTION
Reagents and Solutions. NH4Cl, acetic acid, monochloroacetic

acid, CuSO4·5H2O, (NH4)2Fe(SO4)2·6H2O, HNO3, H2SO4, and
chloroform (all from Fisher), cacodylic acid ((CH3)2AsO2H)), D2O,
GSH sulfonic acid (GSO3H), and glycylglycine hydrochloride (gly gly)
(all from Sigma), and N-tert-butyl-α-phenylnitrone (PBN, 98%), 2-6-
pyridine dicarboxylic acid (dipic), 2,2′-bipyridyl (bpy), L-GSH (GSH, >
99%), L-GSH disulfide (GSSG), 3-(trimethylsilyl)-1-propane sulfonic acid
sodium salt (DSS), tetraphenylphosphonium chloride (PPh4Cl), and

Received: September 6, 2012
Published: November 27, 2012

Scheme 1

Article

pubs.acs.org/IC

© 2012 American Chemical Society 13303 dx.doi.org/10.1021/ic301955y | Inorg. Chem. 2012, 51, 13303−13311

pubs.acs.org/IC


(NH4)3IrCl6·H2O (all from Aldrich) were used without further
purification. NaCF3SO3 (98%, GFS), EDTA (MCB), K3[Fe(CN)6]
(certified, Fisher), Cl2 gas (Matheson), NaOH pellets (“SigmaUltra”,
Sigma-Aldrich), HCl, NaHCO3 (J.T. Baker), ethanol, and Dowex 50-
X8 resin (J.T. Baker) were used without further purification. LiClO4
(GFS), and NaClO4 (Fisher) were recrystallized from hot water.
Anhydrous Na3PO4 was prepared from Na3PO4·12H2O (99.6% Fisher)
by melting it in a muffle furnace at 150 °C followed by cooling,
pulverization, and repeated heating at 150 °C for several hours.
(NH4)2IrCl6 (Aldrich) was recrystallized by adding a saturated solution

of NH4Cl to a hot saturated solution of (NH4)2IrCl6 (100 mg/14 mL
H2O). After cooling the mixture in an ice bath, the crystals were collected
by vacuum filtration and washed with 20% NH4Cl(aq) solution. Crystals
were again washed with 95% ethanol two times (10 mL at a time) and
finally with diethyl ether (10 mL portion two times). The crystals were
air-dried first and then vacuum-dried.36 Yield = 85%.
Deionized water was purified with a Barnstead Nanopure Infinity

system and used to prepare all solutions. Freshly prepared solutions
were used to run all experiments except for stock solutions of NaClO4,
LiClO4, HClO4, HCl, and some buffers. For all studies the reactant
solutions were purged with argon gas on a bubbling line prior to use
and transferred via glass syringes with Teflon or Pt needles, except
where noted.
Stock solutions of LiClO4 and NaClO4 were standardized by titration.

An aliquot was passed through a cation exchange column which had been
packed with Dowex 50-X8 resin and regenerated with conc HCl. The
eluate was then titrated with standard NaOH(aq) solution.
[Fe(bpy)2(CN)2]·3H2O was prepared and characterized as

described in the literature.37,38 Its 1H NMR spectrum is in good
agreement with prior reports.39 [Fe(bpy)2(CN)2]NO3 and K2[Fe-
(bpy)(CN)4]·3H2O were made using Schilt’s standard procedures.34,37,38

The 1H NMR spectrum of K2[Fe(bpy)(CN)4]·3H2O was in good
agreement with a prior report.39 Li[Fe(bpy)(CN)4]·2.5H2O was
prepared with a slight modification of a published procedure:34,40 A
solution of K2[Fe(bpy)(CN)4] was oxidized by sparging with an excess of
Cl2 gas. Then to the oxidized solution was added saturated hot solution of
PPh4Cl in 1:1 mol ratio. The solution turned to dirty yellow. The mixture
was kept hot with constant stirring for about fifteen minutes, becoming a
clear solution. The solution was cooled, and the resulting solid was
collected by vacuum filtration. This PPh4[Fe

III(bpy)(CN)4] was dissolved
in acetonitrile, and then anhydrous LiClO4 powder was added, keeping
the ratio of 1:1.5 mols. A precipitate of Li[Fe(bpy)(CN)4]·2.5H2O
formed in high purity. Yield was 67%.
Methods. A HP-8453 diode array spectrophotometer equipped

with a Brinkman Lauda RM6 thermostatted system was used to record
all UV−vis spectra at 25 ± 0.1 °C; 10 mm quartz cells were used. All
pH measurements were performed on a Corning 450 pH/ion meter
with a Mettler Toledo Inlab 421 combination pH electrode, calibrated
with standard buffers.

1H NMR spectra were obtained on a Bruker AV 400 MHz
spectrometer. Chemical shifts (δ, ppm) in D2O were relative to DSS. In
determining the product ratio for the anaerobic reaction of GSH with IrIV,
noise was reduced by applying 0.3 Hz of line broadening (LB = 0.3); a
value of LB = 2 was used for the experiment with exposure to O2.
Electrochemical measurements were conducted on a BAS 100B

electrochemical analyzer equipped with a BAS C3 cell stand provided
with an N2 purging and stirring system. The cell used a 3.2 mm
diameter glassy carbon disk as a working electrode, a Ag/AgCl (3 M
NaCl) reference electrode (E° = 0.205 V vs NHE),41 and a Pt wire
auxiliary electrode.
Kinetic studies were done at 25 ± 0.1 °C on a Hi-Tech SF-51

stopped-flow spectrophotometer in the 1 cm path length configuration
with Olis 4300 data acquisition and analysis software. The reactions of
GSH with (NH4)2IrCl6, [Fe(bpy)2(CN)2]NO3, and Li[Fe(bpy)(CN)4]
were monitored at 488, 522, and 482 nm respectively, always maintaining
at least a 10-fold molar excess of GSH relative to the oxidant. All rate
constants reported are the average of at least four runs unless and
otherwise stated; shot-to-shot variation in kobs was typically ±1−3%.
Least-squares fits of the pseudo-first-order rate constants were
performed with the Prism 5 software package,42 weighting the data

proportionally to the inverse square of kobs. When fitting the pH-
dependent rate laws, proton concentrations were calculated with the
approximation [H+] = 10−pH.

Electrospray mass spectra were recorded with a Waters Q-Tof
Premier mass spectrometer. Samples for positive-ion spectroscopy
were acidified with 0.1% formic acid. Samples were injected via a 10 μL
sample loop directly into the ESI source at a flow rate of 50 μL/min
with 50% acetonitrile as the mobile phase.

■ RESULTS
Solution Properties of the Metal Complexes. The UV−

vis spectra and E1/2 (μ = 0.1 M) values for the three oxidants
([IrCl6]

2−, [FeIII(bpy)2(CN)2]
+, and [FeIII(bpy)(CN)4]

−) are
summarized in Table 1. (NH4)2IrCl6 has a characteristic UV−vis

spectrum with a peak at 488 nm, in good agreement with prior
reports.43−45 The value for ε488(Ir

IV) = 3980 M−1 cm−1 has an
estimated uncertainty of ±4% based on the range in prior
reports.45−48 Its electrochemistry shows a reversible CV (cyclic
voltammogram) corresponding to reduction to [IrCl6]

3− with
ΔEp/p = 64 mV and E1/2 = 0.89 V vs NHE at μ = 0.1 M, also in
good agreement with prior results.49 [FeIII(bpy)2(CN)2]NO3
has a UV−vis spectrum as reported in the literature,37 with
the two peaks at wavelengths 394 and 544 nm (ε394 = 1382 and
ε544 = 269 M−1 cm−1 respectively). Its CV is reversible with
ΔEp/p = 61 mV and E1/2 = 0.77 V vs NHE, and this is in good
agreement with the E1/2 = 0.76 V obtained from OSWV.
Li[FeIII(bpy)(CN)4] displays a UV−vis spectrum that is quite
stable at slightly acidic pH for two days. This absorbance spec-
trum has two characteristic peaks at 375 and 416 nm with ε375 =
1467 and ε482 = 975 M−1 cm−1, in good agreement with the
literature.34 The CV of Li[FeIII(bpy)(CN)4] is reversible (ΔEp/p =
67 mV) with E1/2 = 0. 55 V vs NHE, also in good agreement with
prior reports.34

[FeII(bpy)2(CN)2] has limited aqueous solubility (ca. 1 mM),
which is a significant constraint on studies where it is involved. Its
UV−vis spectrum displays two absorbance peaks at 352 and
522 nm with molar absorptivities of 5556 and 5848 M−1 cm−1

respectively, in good agreement with prior reports.37 Its CV is
essentially identical with that of [FeIII(bpy)2(CN)2]NO3. K2-
[FeII(bpy)(CN)4] has a UV−vis spectrum with two character-
istic peaks at 346 and 482 nm with ε346 = 3200 and ε482 = 2624
M−1 cm−1, as has been reported previously.34 Its CV is virtually
identical with that of Li[FeIII(bpy)(CN)4].

Qualitative Features of the GSH Reactions. Rapid color
changes ensue upon mixing solutions of GSH with the three
oxidants. Reduction of [IrCl6]

2− is signaled by the loss of ab-
sorbance at 488 nm, while the reductions of [FeIII(bpy)2(CN)2]

+

Table 1. Properties of the Coordination Complexes in
Aqueous Solution

compound band λmax, nm ε, M−1 cm−1 E1/2, mV
a

(NH4)2[IrCl6] 488 3.98 × 103 704
FeII(bpy)2(CN)2 I 352 5.56 × 103 566

II 522 5.85 × 103

[FeIII(bpy)2(CN)2]NO3 I 394 1.38 × 103 566
II 544 2.69 × 102

K2[Fe
II(bpy)(CN)4] I 346 3.20 × 103 351

II 482 2.62 × 103

Li[FeIII(bpy)(CN)4] I 375 1.48 × 103 350
II 416 9.63 × 102

aμ = 0.1 M, mV vs Ag/AgCl.
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and [FeIII(bpy)(CN)4]
− occur with absorbance increases at 522

and 482 nm, respectively.
As is typical of thiol oxidations by inert one-electron

oxidants,31−35 these three reactions are highly susceptible to
catalysis by copper ions. For example, the addition of 1 μM
CuSO4 led to a 4-fold rate increase in the oxidation of GSH by
[IrCl6]

2− at pH 4.6, a 3-fold rate increase in the oxidation by
[FeIII(bpy)2(CN)2]

+ at pH 4.7, and a 12-fold rate increase in
the oxidation by [FeIII(bpy)(CN)4]

− at pH 7.0 (Supporting
Information, Tables S1−S3). On the other hand, the addition
of 1 mM 2,6-dipicolinic acid (dipic), a well-established inhibitor
of copper catalysis,31,32,34,35 led to a 3-fold reduction in the rate
of the [IrCl6]

2− reaction. Likewise, 2 mM dipic or 5 mM EDTA
reduced the rate of the [FeIII(bpy)(CN)4]

− reaction by a factor
of 10. Moreover, in the presence of 1 mM dipic the [IrCl6]

2−

reaction rate was unaffected by the addition of 5 μM CuSO4,
and in the presence of 5 mM EDTA the [FeIII(bpy)(CN)4]

−

reaction was unaffected by 5 μM CuSO4. These results show
that trace levels of Cu2+ ions as impurities are sufficient to
dominate the reaction kinetics and that copper catalysis can be
completely suppressed by the addition of suitable chelating
agents. All results described below were obtained in the presence
of these inhibitors. In the reaction of [IrCl6]

2− at pH 4.6, variation
of the dipic concentration from 1 to 8 mM had no effect on the
rates (Supporting Information, Table S4); accordingly, 1 mM
dipic was deemed adequate; EDTA is unsuitable for use with
[IrCl6]

2− because it is oxidized directly. EDTA can be used with
[FeIII(bpy)(CN)4]

− because this is a significantly weaker oxidant.
Stoichiometry with [IrCl6]

2−. Using excess GSH over
[IrCl6]

2−, the Ir-containing product was identified and deter-
mined from UV−vis spectroscopy and electrochemistry
(OSWV). For the UV−vis study, an unbuffered solution of
0.10 mM IrIV with 1 mM dipic and 0.1 M NaClO4 was pre-
pared, and its spectrum was recorded. Then, sufficient solid
GSH was added to the IrIV solution to make a 1 mM GSH
solution, and after reaction the spectrum was recorded. The spectra
show complete consumption of IrIV and a product spectrum that is
consistent with conversion to [IrCl6]

3− (Supporting Information,
Figure S1). Upon chlorination of this product solution the original
[IrCl6]

2− spectrum was recovered in full yield, confirming that
reduction of [IrCl6]

2− by GSH proceeds without loss of bound
chloride (Supporting Information, Figure S2). This inference is
based on the well-established evidence that chlorination of aquated
derivatives of [IrCl6]

3− yields the corresponding IrIV products,
which have distinct UV−vis spectra.45 Further evidence that the
coordination sphere of [IrCl6]

2− remains intact during reduction by
GSH is provided by OSWV (Osteryoung square wave
voltammetry) (Supporting Information, Figure S3): here, a product
solution was prepared from the reaction 0.1 mM IrIV and 1 mM
GSH in 0.1 M HClO4 and in the presence of 1 mM dipic. The
solution was then chlorinated to remove the interfering excess
GSH and oxidize the IrIII to IrIV. OSWV analysis of this solution
yielded a voltammogram having a peak potential and current
closely consistent with an authentic sample of [IrCl6]

2−. The aquo
derivatives of [IrCl6]

2− have significantly higher E° values.50

Sulfur-containing products were determined by electrospray
mass spectrometry and 1H NMR spectroscopy. Positive-ion
mass analysis was performed on the products arising from the
reaction of 1.0 mM GSH and 4.0 mM IrIV with 1 mM dipic at
pH 3.2 where the reactants were exposed to O2. Prominent
peaks are evident at m/z 613.12 corresponding to GSSG and at
m/z 356.068 corresponding to GSO3H (Supporting Informa-
tion, Figure S4). 1H NMR analysis was performed on a solution

of 1 mM GSH, 4.9 mM IrIV, and 1 mM dipic with a little DSS
in D2O that was allowed to react. The 1H NMR spectrum of
the product mixture (Supporting Information, Figure S5)
shows complete consumption of the GSH and two different
sets of peaks that are assigned to GSSG and GSH sulfonate
(GSO3

−). These two products have overlapping peaks in most
regions of the spectrum, but they can be distinguished in the
region between δ 3.2 and 3.5 ppm. In particular, GSO3

− has an
isolated doublet of doublets centered at 3.42 ppm corresponding
to the cysteine Cβ-Hb proton. The region between δ 3.23 and
3.32 ppm comprises a doublet of doublets due to the GSO3

−

cysteine Cβ-Ha proton and an overlapping doublet of doublets
arising from the pair of GSSG cysteine Cβ-Ha protons.51 An
estimate of the product ratio, [GSO3

−]/[GSSG] = 6.4, can be
calculated from the peak integrals as 2I3.42/(I3.23−3.32 − I3.42).
When a similar experiment was performed with solutions exposed
to O2 the [GSO3

−]/[GSSG] ratio was 2.1.
A spectrophotometric titration was conducted at pH 4.8

(acetate buffer) with 1 mM dipic. 2.0 mL of 0.276 mM GSH
was placed in a cuvette and titrated under Ar with a 4.7 mM
solution of IrIV (Supporting Information, Figure S6). These
spectra show a weak absorbance increase at 420 nm associated
with the formation of IrIII;45 at the end point the spectra begin
to show a much larger absorbance increase which is due to the
accumulation of excess IrIV. The titration curve at 488 nm has a
well-defined end point, corresponding to a molar consumption
ratio Δ(IrIV)/Δ(GSH) of (7.1 ± 0.3) where the uncertainty
reflects the precision of the end point and the uncertainty in the
molar absorptivity of IrIV. When the titration was performed
with exposure to O2 the consumption ratio (= 4.2) was signif-
icantly smaller.
From these observations it is evident that the overall oxida-

tion of GSH by [IrCl6]
2− under anaerobic conditions is given

primarily by

+ +

→ + +

−

− − +

6[IrCl ] GSH 3H O

6[IrCl ] GSO 7H
6

2
2

6
3

3 (1)

A minor component of the reaction is disulfide formation:

+ → + +− − +2[IrCl ] 2GSH 2[IrCl ] GSSG 2H6
2

6
3

(2)

The slight excess over 6 for the stoichiometric ratio obtained
from the spectrophotometric titrations indicates a small degree
of oxidation beyond the GSO3

− stage, although the products
were not identified.

Stoichiometry with [Fe(bpy)2(CN)2]
+. The 1H NMR

spectrum of the reaction products arising from an equimolar
mixture of GSH and [FeIII(bpy)2(CN)2]

+ shows that the FeIII

reagent is cleanly reduced to [FeII(bpy)2(CN)2] (Supporting
Information, Figure S7). This conclusion is based on the chemical
shift values in the region 7.2−9.4 ppm, which are characteristic of
[Fe(bpy)2(CN)2].

39 The sharpness of these peaks is an indication
that there is no residual FeIII in the product mixture. The same
NMR spectrum displays peaks due to GSSG at δ 3.291, 3.279,
3.255, and 3.244 ppm, and the lack of other peaks indicates that
GSSG is the major oxidation product. UV−vis analysis of the
reaction of 0.05 mM FeIII with 0.5 mM GSH shows quanti-
tative production (>95% yield) of [Fe(bpy)2(CN)2] with its
characteristic peak at 522 nm (Supporting Information,
Figure S8). The consumption ratio (Δ[Fe(III)]/Δ[GSH]t =
1.5 ± 0.3) was obtained from a spectrophotometric titration of
GSH with FeIII at pH 4.7 (Supporting Information, Figure S9).
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These results imply that the major overall reaction in excess
GSH is

+

→ + +

+

+

2[Fe (bpy) (CN) ] 2GSH

GSSG 2[Fe (bpy) (CN) ] 2H

III
2 2

II
2 2 (3)

A minor degree of overoxidation (oxidation beyond GSSG) is
inferred from the excess consumption of FeIII.
Stoichiometry with [FeIII(bpy)(CN)4]

−. Quantitative con-
version (≥92%) of [FeIII(bpy)(CN)4]− to [FeII(bpy)(CN)4]2− with
excess GSH was observed by UV−vis spectroscopy (Supporting
Information, Figure S10). This result was obtained when 0.05 mM
FeIII reacted with 2.0 mM GSH at pH 7.2 (gly gly buffer). The
product spectrum has peaks at 346 and 482 nm characteristic of
[FeII(bpy)(CN)4]

2−, the yield of FeII being determined from the
molar absorptivity at 482 nm. Conversion of [FeIII(bpy)(CN)4]

− to
[FeII(bpy)(CN)4]

2− is confirmed by the 1H NMR product spec-
trum obtained under similar conditions, as shown in Supporting
Information, Figure S11. This NMR spectrum also shows that
GSSG is the only detected reaction product derived from GSH.
The consumption ratio in the reaction of [FeIII(bpy)(CN)4]

−

with GSH was determined at pH 6.3 by spectrophotometric
titration of GSH, monitoring the absorbance at 482 nm (Supporting
Information, Figure S12). At the end point, 2.0 × 10−6 moles of
GSH consumed 2.41 × 10−6 moles of FeIII indicating a stoichio-
metric ratio of 1.2 ± 0.2 (= Δ[Fe(III)]/Δ[GSH]t).
In view of the spectroscopic and titration results described

above, the overall reaction is described by eq 4:

+

→ + +

−

− +

2[Fe (bpy)(CN) ] 2GSH

GSSG 2[Fe (bpy)(CN) ] 2H

III
4

II
4

2
(4)

Kinetics, General Features. As described above, copper
ions are strongly catalytic in the reactions of all three oxidants
with GSH. Accordingly, all kinetic results described below
are obtained from reactions conducted in the presence of in-
hibitors that completely suppress the catalysis. The reactions
were generally studied with a flooding excess of GSH over
oxidant, which led to pseudo-first-order kinetics. The pseudo-
first-order rate constant (kobs) is defined by eq 5, where Mox =
IrIV and FeIII:

− =t kd[M ]/d [M ]ox obs ox (5)

GSH has four acidic protons, with pKa1 = 2.12, pKa2 = 3.512,
pKa3 = 8.73, and pKa4 = 9.65 at ionic strength 0.1 M.19,52 Thus,
GSH potentially has five kinetically distinguishable protona-
tion states: cationic (protonated), neutral, monoanionic, dian-
ionic, and trianionic forms depending upon pH, which are
represented as HGSH+, GSH0, GSH-H−, GSH-2H2−, and GSH-
3H3−, respectively. In principle, each of these protonation states
could be reactive. The total GSH concentration is designated
[GSH]t. Under the assumption that these protonation states
are rapidly interconverted and that each protonation state
reacts with simple mixed second-order kinetics, the general rate
law is eq 6:

= = +

+ ‐ + ‐ + ‐

+

− − −

k k k k

k k k

[GSH] [HGSH ] [GSH ]

[GSH H ] [GSH 2H ] [GSH 3H ]
obs t 1 2

0

3 4
2

5
3

(6)

Inclusion in eq 6 of all respective pKa terms leads to eq 7:

=
+ + + +

+ + + +

+ + + +

+ + + +

⎡
⎣⎢

⎤
⎦⎥k

k k K k K K k K K K k K K K K
K K K K K K K K K K

[H ] [H ] [H ] [H ]
[H ] [H ] [H ] [H ]

[GSH]obs
1

4
2 a1

3
3 a1 a2

2
4 a1 a2 a3 5 a1 a2 a3 a4

4
a1

3
a1 a2

2
a1 a2 a3 a1 a2 a3 a4

t
(7)

At a given pH eq 7 simplifies to

=k k [GSH]obs pH t (8)

Deviations from rate law 5 can be anticipated for weak
oxidants under acidic conditions, when inhibition by the product
Mred can occur in thiol oxidations.

31,32,34,35 No such inhibition was
detected in the current study with [IrCl6]

2− as the oxidant. As is
described below, the reactions of the weaker oxidants [Fe-
(bpy)2(CN)2]

+ and [Fe(bpy)(CN)4]
− showed mild product

inhibition kinetics. Following prior practice,31,32,34,35 these effects
were eliminated by use of the radical spin trap PBN.
Kinetics with [IrCl6]

2−. A typical kinetic trace with an
excellent pseudo-first-order fit is obtained for the reaction
of IrIV with GSH under the conditions [IrIV] = 0.1 mM,
[GSH]t = 1.0 mM, pH = 4.6 (10 mM acetate buffer), [dipic] =
1.0 mM, and μ = 0.1 M (NaClO4) (Supporting Information,
Figure S13). In another experiment under these conditions the
buffer concentration was reduced by a factor of 10 (1 mM
buffer), and virtually identical results were obtained. This
latter result implies that the rate law is independent of buffer
concentration.
The dependence on [GSH]t was investigated at pH 4.5 ± 0.1

(acetate buffer) over a 10-fold range in GSH concentration, with
0.1 mM [IrIV]0, 1.0 mM dipic, [GSH]t = 1.0−10 mM and 0.1 M
ionic strength (NaClO4) (Supporting Information, Table S5). The
plot of kobs vs [GSH]t shown in Figure 1 is linear, with a slope

(7.42 ± 0.15) × 102 M−1 s−1 and intercept (0.14 ± 0.03) s−1, and
it confirms the rate law to be first order with respect to [GSH]t as
in eq 8.

Figure 1. GSH dependence of kobs in the reaction of [IrCl6]
2− with

GSH. Solid line is a linear fit. [IrIV]0 = 0.01 mM, [GSH]t = 1.0−10 mM,
acetate buffer at pH 4.5 ± 0.1, with 1 mM dipic, μ = 0.1 M (NaClO4).
Standard deviations of the shot-to-shot kobs values are smaller than the
square data points.
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The pH dependence was studied over the pH range 1.2−
7.07, keeping the conditions 0.5−1.0 mM [GSH]t, 1.0 mM
dipic and 0.1 M ionic strength. Appropriate buffers were used
to maintain pH between pH 2.4 and pH 7.1. Above pH 2.4 the
ionic strength was maintained by NaClO4, but, in order to
minimize the effects of specific activity coefficients, below pH
2.4 the ionic strength was maintained with LiClO4. All kinetic
data are summarized in Supporting Information, Table S6. The
plot of log(kobs/[GSH]t) vs pH shown in Figure 2 indicates a

complex dependence on pH with an irregular trend of increas-
ing rate with increasing pH, including a narrow plateau region
around pH 4.5. Parenthetically, the slowest rates, obtained at low
pH, were mildly sensitive to the purity of the [IrCl6]

2−, pre-
sumably because of catalysis by aquated derivatives of this
oxidant; similar catalysis has been reported for the oxidation
of NH2OH by [IrCl6]

2−.53 The data in Figure 2 were analyzed
in accordance with eq 7, holding Ka1, Ka2, Ka3 and Ka4 at their
literature values. Initial attempts to fit all five rate constants
failed to converge, but an excellent fit to this equation was
obtained by holding k5 = 0. The pH-resolved second-order rate
constants are k1 = 1.1 ± 1.0 M−1 s−1, k2 = 36 ± 4 M−1 s−1, k3 =
(2.9 ± 0.2) × 102 M−1 s−1, and k4 = (4.73 ± 0.18) × 106 M−1 s−1

(rate constants collected in Table 2). Thus, k1 is zero within its

uncertainty, and k5 is also undefined. In principle, k5 could have
been measured by conducting experiments at higher pH, but

the rates become too fast to measure with our instrument under
such conditions.
The reaction of GSSG with [IrCl6]

2− was investigated in a
separate experiment, since GSSG is one of the products of reac-
tion of GSH with [IrCl6]

2− and its oxidation could conceivably
lead to the formation of GSO3

−. The experiment was per-
formed at pH 5.0 (cacodylate buffer) with 0.17 mM [IrCl6]

2−

and 0.15 mM GSSG. No appreciable loss of [IrCl6]
2− was

detected over 1 h, which means that the second-order rate con-
stant for reaction of GSSG with [IrCl6]

2− is less than 0.5 M−1 s−1

at pH 5. This is considerably slower than the rate of reaction of
[IrCl6]

2− with GSH at any pH.
Kinetics with [Fe(bpy)2(CN)2]

+. The kinetics of oxidation
of GSH by [FeIII(bpy)2(CN)2]

+ is mildly inhibited by
[FeII(bpy)2(CN)2] at lower pH. For example, the reaction of
0.5 mM GSH with 0.05 mM FeIII at pH 6.0 occurred with kobs =
4.3 s−1, but kobs decreased to 3.3 s−1 with 0.10 mM added FeII.
At pH 6.7 the effect of FeII is weaker. At pH 3.2 the effect is
strong enough to cause significant departures from pseudo-first-
order kinetics (Supporting Information, Figure S14). The addition
of 0.1 mM PBN is sufficient to prevent FeII inhibition, and it leads
to excellent pseudo-first-order kinetics (Supporting Information,
Figure S14). Accordingly, 0.1 mM PBN was included in all further
kinetic measurements at pH 4.4 and below.
The dependence of kobs on [GSH]t was determined at pH 4.3

(acetate buffer), maintaining the conditions [FeIII] = 0.05 mM,
[GSH]t = 0.50−6.0 mM, [dipic] = 1.0 mM, [PBN] = 0.1 mM
and μ = 0.1 M (NaClO4) (Supporting Information, Table S7).
These data demonstrate a linear dependence of kobs on [GSH]t
with a slope of 198 ± 4 M−1 s−1 and a nearly insignificant in-
tercept of 0.02 ± 0.005 s−1 (Supporting Information, Figure S15).
A study of the pH dependence of kobs was performed over a

broad range of pH (1.7−7.04) with [FeIII]0 = 0.05 mM, [GSH]t =
1.0 mM, [dipic] = 1.0 mM, and μ = 0.1 M (Li- or NaClO4). The
kinetic data are presented in Supporting Information, Table S8.
The plot of this pH dependence in Figure 2 is rather similar to
that for the oxidation by [IrCl6]

2−, except that the rates are
somewhat slower and the plateau around pH 4 is less evident.
Fits of the data to rate law 7 failed to converge when holding
Ka1, Ka2, Ka3, and Ka4 at their literature values and allowing all
five rate constants to be optimized. On the other hand, an ex-
cellent fit was obtained when the k1 and k5 terms were excluded
from the rate law. The derived rate constants are k2 = 4.4 ±
0.5 M−1 s−1, k3 = 59 ± 6 M−1 s−1, and k4 = (3.3 ± 0.2) × 106

M−1 s−1 (also collected in Table 2).
Kinetics with [FeIII(bpy)(CN)4]

−. The oxidation of GSH by
[FeIII(bpy)(CN)4]

− shows general similarities to the oxidations
by [IrCl6]

2− and [FeIII(bpy)2(CN)2]
+, except that it is generally

slower. As a result, it was investigated at higher pH than the
other two reactions. The reaction is also more sensitive to copper
catalysis, showing significant departures from pseudo-first-order
kinetics even with 2 mM dipic (Supporting Information, Table S3).
Experiments on the reaction at pH 6.9 showed that phosphate
buffer is ineffective at suppressing copper catalysis. It was found,
however, that 5 mM EDTA is effective in suppressing copper
catalysis and yields excellent pseudo-first-order kinetics. Because
of the relatively high pH in the kinetics measurements, inhibition
by FeII was quite mild (Supporting Information, Figure S16), and
thus no PBN was added to the reactions.
The dependence of kobs on [GSH]t was investigated at pH

7.28 (cacodylate buffer) with [GSH]t = 0.50−5.0 mM, [FeIII]0 =
0.05 mM, [EDTA] = 5.0 mM, and μ = 0.1 M (NaClO4)
(Supporting Information, Table S9). A linear dependence on

Figure 2. Plots of log(kobs/[GSH]t) vs pH for the reactions of GSH
with [IrCl6]

2−, [Fe(bpy)2(CN)2]
+, and [Fe(bpy)(CN)4]

−. Red
diamonds = experimental data for [IrCl6]

2−, blue circles = exp. data
for [Fe(bpy)2(CN)2]

+, purple squares = exp. data for [Fe(bpy)-
(CN)4]

−. Solid lines are the fits to eq 7. Standard deviations of the
shot-to-shot kobs values are smaller than the square data points.

Table 2. pH-Resolved Rate Constants for the Oxidation of
GSHa

parameter [IrCl6]
2− [Fe(bpy)2(CN)2]

+ [Fe(bpy)(CN)4]
−

k1, M
−1 s−1 (1.1 ± 1.0)

k2, M
−1 s−1 36 ± 4 4.4 ± 0.5

k3, M
−1 s−1 (2.9 ± 0.2) × 102 59 ± 6 1.25 ± 0.5

k4, M
−1 s−1 (4.73 ± 0.18) × 106 (3.3 ± 0.2) × 106 (3.59 ± 0.08) × 103

k5, M
−1 s−1 (5.5 ± 0.2) × 103

a25.0 °C, μ = 0.1 M.
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[GSH]t is obtained (Supporting Information, Figure S17)
with a slope of 74.1 ± 1.8 M−1 s−1 and a negligible intercept
of 0.004 ± 0.002 s−1.
The pH dependence of kobs was studied over the pH range

6.00−11.06, with the other conditions being [FeIII]0 = 0.05 mM,
[GSH]t = 0.50−2.0 mM, [EDTA] = 5.0 mM, and μ = 0.1 M
(NaClO4). The kinetic data are summarized in Supporting
Information, Table S10 and displayed in Figure 2. An excellent fit
of the data with eq 7 was achieved by omitting the k1 and k2 terms,
as shown in Figure 2. The derived second order rate constants are
k3 = 1.25 ± 0.5 M−1 s−1, k4 = (3.59 ± 0.08) × 103 M−1 s−1, and
k5 = (5.5 ± 0.2) × 103 M−1 s−1 (also collected in Table 2).
Although the k3 value is only marginally significant, the k4 and
k5 values are quite well resolved.
Kinetics with [FeIII(CN)6]

3−. The reaction of GSH with
[Fe(CN)6]

3− was examined briefly, monitoring the consump-
tion of [Fe(CN)6]

3− at 420 nm by conventional UV−vis spec-
trophotometry. When a reaction mixture was prepared
containing 2.5 mM GSH and 0.10 mM [Fe(CN)6]

3− in 0.1 M
phosphate buffer at pH 7.1, the reaction was rapid, with a half-life
of less than 5 s. Under the same conditions except for the addi-
tion of 1 mM dipic the reaction was much slower, with a half-life
of about 200 s. Because of the slowness of the reaction and the
potential for catalysis by ligated metal ions,54 further studies were
not performed.

■ DISCUSSION
A notable trend in the oxidations of GSH by [IrCl6]

2−,
[FeIII(bpy)2(CN)2]

+, and [Fe(bpy)(CN)4]
− is the increasing

degree of overoxidation (formation of GSO3
− rather than

GSSG) with increasing E° of the oxidant. An analogous trend is
obtained in the oxidation of cysteine by [Mo(CN)8]

3−,
[FeIII(bpy)2(CN)2]

+, and [Fe(bpy)(CN)4]
−, although the

overoxidation product is cysteine sulfinic acid rather than the
sulfonate.34,35 In the case of oxidation of thioglycolate by
[IrCl6]

2− and [Mo(CN)8]
3− it is again only the stronger oxidant

([IrCl6]
2−) that causes overoxidation, and in this case the

product is the sulfonate.32,33 Since [IrCl6]
2− reacts much more

slowly (if at all) with GSSG than with GSH, it is clear that
GSO3

− must be produced from reaction intermediates before
they generate GSSG.
A simplified general mechanism for reaction of GSH with the

oxidants is given below. Details relating to the pH dependence
of the rate-limiting steps are discussed further below.

+ ⇌ + +• +M GSH M GS Hox red (9)

+ ⇌ +• •− +GS GSH GSSG H (10)

+ → +•−M GSSG M GSSGox red (11)

→•2GS GSSG (12)

+ + → + +• +M GS H O M GSOH Hox 2 red (13)

+ → + +− − +GSOH 2H O GSO 4e 5H2 3 (14)

+ →• •GS PBN GSPBN (15)

Reaction 9 is the predominant rate-limiting step, which gen-
erates the well-known GSH thiyl radical. Reversibility in this
reaction is indicated because of the observed kinetic inhibition
by Mred. Production of H+ in this step accounts in part for the
enhanced inhibition by Mred in solutions that are more acidic.
Reversible association of GS• with GSH to form GSSG•− in the

next step (eq 10) is quite well established,27,55,56 and its pH
dependence also affects the kinetic inhibition by Mred. Two
routes to GSSG are depicted in reactions 11 and 12. The first of
these, oxidation of GSSG•− by Mox, is expected to have a large
rate constant and to be predominant at higher pH. At lower pH,
where reaction 10 is unfavorable, dimerization of GS• could
become significant. Formation of GSO3

− is proposed to occur
through the direct reaction of GS• with Mox as in eq 13; this
reaction would lead initially to GSOH. Conversion of GSOH to
GSO3

− is indicated in eq 14, although the details of this
conversion are unknown. Reaction 15 is the scavenging of GS•

by the spin trap PBN,57 which is rapid enough to compete with
the reverse of eq 9 and thus prevent kinetic inhibition by Mred.
By analogy with cysteine, it can be expected that GSOH

reacts with GSH to form GSSG:58

+ → +GSOH GSH GSSG H O2 (16)

The yield of GSO3
− should thus be determined by the

competition between reactions 16 and 14.
It is well-known that the GSH radical GS• undergoes a re-

versible internal carbon-to-sulfur hydrogen-atom transfer
reaction to yield •GSH.59 It is possible that under acidic con-
ditions where reaction 10 is disfavored and with weak oxidants
where reaction 13 is insignificant, this internal hydrogen atom
transfer could become competitive with GS• dimerization. This
could lead to more highly oxidized products. Although no such
products were detected in the current study, the high
stoichiometric ratio obtained for the IrIV/GSH reaction might
be a consequence of this reaction pathway.
The effect of O2 on the stoichiometry of the reaction of GSH

with IrIV can be rationalized as a consequence of O2 oxidizing
the GSSG−• radical:

+ → +−• −•GSSG O GSSG O2 2 (17)

This type of reaction is very rapid (k = 5.1 × 108 M−1 s−1)60

because the GSSG−• radical is strongly reducing.61,62

GSH has four acid/base sites: two carboxylates, a primary
amine, and a thiol. In its cationic form, HGSH+, all four sites
are protonated. pKa1 and pKa2 lead to production of GSH0 and
GSH-H−, which are primarily deprotonated at the carboxylate
sites. pKa3 (= 8.73) corresponds to formation of GSH-2H2−,
which is mostly in the thiolate form. The primary amine site is
the most strongly basic and is deprotonated at pKa4.

63 The three
intermediate protonation states can exist as various tautomers, and
some of the microscopic equilibrium constants among them have
been determined.63 The pH dependence of the kinetics is
accounted for by a model in which the various protonation
states of GSH react with the oxidants:

+ → +• kGSH M GS M0
ox red 2 (18)

‐ + → +− • kGSH H M GS Mox red 3 (19)

‐ + → +− • kGSH 2H M GS M2
ox red 4 (20)

‐ + → +− • kGSH 3H M GS M3
ox red 5 (21)

Despite considerable effort, we were unable to find evidence for
reaction of HGSH+ (k1) with any of the three oxidants. This
species is fully protonated and provides no possibility for
tautomerization to expose a reactive thiolate form. On the other
hand, the trianion GSH-3H3− is fully deprotonated, so it is un-
ambiguously a thiolate. Reaction via this species is thus demon-
strated by the well-resolved value of k5 for [Fe(bpy)(CN)4]

−.
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It is inferred that the values of k2, k3, and k4 in Table 2 all refer
to reactions of the oxidants with the associated thiolate forms of
GSH. Since the dianion GSH-2H2− is primarily in the thiolate
form, the values of k4 are the actual bimolecular rate constants
for the thiolate. On the other hand, for the species GSH0 and
GSH-H− the thiolate forms are the minor tautomers with the
respective tautomerization equilibrium constants KTn and KTa
being much less than unity:

− ⇌ −+ − − + KHS (NH )(COOH)(COO ) S (NH )(COOH)3 3 2 Tn

(22)

− ⇌ −+ − − − + − KHS (NH )(COO ) S (NH )(COOH)(COO )3 2 3 Ta

(23)

− +

→ − +

− +

• + k

S (NH )(COOH) M

S (NH )(COOH) M
3 2 ox

3 2 red 2a (24)

− +

→ − +

− + −

• + − k

S (NH )(COOH)(COO ) M

S (NH )(COOH)(COO ) M
3 ox

3 red 3a (25)

These considerations lead to the relationships k2 = k2aKTn and
k3 = k3aKTa. A value of about 10−5 can be estimated for KTn and
KTa from the known values for pKa2 and pKa3. Values of the
corrected bimolecular rate constants for the thiolate forms with
the three oxidants are presented in Table 3. These data show

that for a given oxidant the rate constants for the various
thiolate forms lie within a range of a factor of 20, which is much
smaller than the uncorrected range in Table 2. Evidently,
protonation at the carboxylate and amine sites has relatively
little influence on the corrected rate constants.
An electron-transfer mechanism is assigned above to the

reactions of the thiolate forms of GSH. This assignment is
based on the observation that the metal complexes are reduced
by one electron while retaining their coordination spheres intact.
Further evidence for an electron-transfer mechanism is the
kinetic inhibition by the reduced metal complex and the effects
of the radical scavenger PBN. An estimate for the electron-
transfer equilibrium constants can be made, making use of the E°
values for the oxidants (shown in Table 3) and E°(GS•/GS−) for
the GSH thiyl radical. This latter quantity is estimated to be
about 0.82 ± 0.02 V vs NHE.64 Values for the derived electron-
transfer equilibrium constants are 15 for [IrCl6]

2−, 0.14 for
[Fe(bpy)2(CN)2]

+, and 2 × 10−5 for [Fe(bpy)(CN)4]
−. Values

for the rate constants for reverse electron-transfer can be calcu-
lated from the forward rate constants in Table 3 and the equi-
librium constants. In all cases except one they are well below the
limits of diffusion control. The one exceptional case, [Fe(bpy)-
(CN)4]

−, has a value of 5 × 109 M−1 s−1 for k−3a, which is right at

the diffusion limit for a reaction of this charge type. These
calculations provide further evidence that these reactions have an
electron-transfer mechanism.
As mentioned above, with [IrCl6]

2− as the oxidant, the thio-
late electron-transfer equilibrium constants are about 15, that is,
mildly favorable for products. The corresponding rate constants
in Table 3 are several orders of magnitude smaller than the
diffusion-controlled values, so a significant kinetic barrier can be
inferred. If it is assumed that these electron-transfer reactions have
an outer-sphere mechanism, then the cross relationship of
Marcus theory should apply to the rate constants. Qualitatively,
the rate constants in Table 3 decrease with decreasing E° for
the oxidants, as expected from the Marcus cross relationship.
When this relationship is applied in its usual form includ-
ing work terms,65 we calculate a self-exchange rate constant of
1 × 106 M−1 s−1 for the GSH-2H2−/GS• redox couple. This
calculation is based on the value for k4 in Table 3 for [IrCl6]

2−,
a self-exchange rate constant of 2 × 105 M−1 s−1 for [IrCl6]

2−/3−,
and radii of 4.1 Å for [IrCl6]

2− and 3 Å for GSH. Given the
considerable uncertainties involved, this calculated self-exchange
rate constant is quite similar to the value of 7 × 106 M−1 s−1

that was reported for the analogous cysteine self-exchange
rate constant.34

These results are broadly consistent with those previously
reported for oxidation of GSH by ClO2

•,19 NO2
•,20 CO3

•−,23,24

and N3
•,21,22 in that it is the thiolate forms of GSH that are

reactive. Although the hydroxyl radical oxidizes GS− directly, it
also oxidizes GSH, presumably through a hydrogen-atom ab-
straction mechanism.66 This outcome is not unexpected, since
OH• is well-known as a H-atom abstractor.67 With CH3

•, Br2
•−,

alcohol radicals, and the tyrosinyl radical as oxidants it is
unclear whether the reactions occur through GS− or GSH, since
pH dependent measurements were not performed;25,28−30,68

however, hydrogen-atom transfer from GSH to CH3
• is likely,

since an electron-transfer mechanism (producing CH3
−) can be

ruled out on the basis of its driving force (E°(CH3
•/CH3

−) =
−0.75 V).69 A hydrogen-atom-transfer mechanism seems
virtually assured for the alcohol radicals as well.29 Ferric salts
and [Mn(cdta)]− react through inner-sphere mechanisms.4,14

Superoxide (O2
•−) is proposed to react through a chain reaction

involving a highly unusual formal O+ transfer from O2
•− to

GSH.26 In the case of [Fe(CN)6]
3−, a publication describes the

results of a pH-dependent study in which a rate constant corre-
sponding to k3 of 300 M−1 s−1 was obtained;12 regrettably, no
precautions seem to have been taken to prevent copper-ion
catalysis. In view of the rate constants in Table 2 and the low E°
for [Fe(CN)6]

3−, the value for k3 seems to be too large by several
orders of magnitude. Our brief observations on this reaction
(described above) show that it is highly sensitive to metal-ion
catalysis and that when dipic is added the rates are at least a
factor of 500 slower than reported previously.12 The reactions of
[Fe(bpy)3]

3+ and [Fe(phen)3]
3+ might be expected to have the

same rate laws as are reported here, but in fact are claimed to be
first order in [H+].9 The reactions of [PVVW11O40]

4− and
[PVV

2W10O40]
5− are reported to be second-order in [GSH].18

We suggest that these latter anomalous results may also be due
to unrecognized copper-ion catalysis.
In summary, when suitable precautions are taken to prevent

copper-ion catalysis the oxidations of GSH by typical outer-
sphere reagents follow the patterns already established for reac-
tions of thioglycolic acid and cysteine. These patterns include (1)
formation of GSSG with an increasing degree of overoxidation
with stronger oxidants, (2) kinetic inhibition by the reduced

Table 3. Rate Constants for the Oxidation of the Thiolate
Forms of GSHa

parameter [IrCl6]
2− [Fe(bpy)2(CN)2]

+ [Fe(bpy)(CN)4]
−

Ef, V vs NHE 0.89 0.77 0.55
k11, M

−1 s−1 2 × 105b 6 × 105c 6 × 105c

k2a, M
−1 s−1 4 × 106 4 × 105

k3a, M
−1 s−1 3 × 107 6 × 106 1 × 105

k4, M
−1 s−1 4.7 × 106 3.3 × 106 3.6 × 103

k5, M
−1 s−1 5.5 × 103

a25.0 °C, μ = 0.1 M. Values for k2a and k3a derived from the values for
k2 and k3 by adjusting for tautomerization.

bReference 70. cReference 34.
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oxidants at low pH, (3) rate laws that are first order in [oxidant]
and in [GSH]t, (4) increasing rates with increasing pH, (5) un-
detectably low reactivity of the fully protonated species, (6)
mechanisms in which only the thiolate forms undergo electron
transfer, and (7) rate constants that increase with increasing E°
of the oxidant.
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