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ABSTRACT: Chloride oxidation to chlorine is a potential
alternative to water oxidation to oxygen as a solar fuels
half-reaction. Ag(I) is potentially an oxidative catalyst but
is inhibited by the high potentials for accessing the Ag(II/
I) and Ag(III/II) couples. We report here that the complex
ions AgCl2

− and AgCl3
2− form in concentrated Cl−

solutions, avoiding AgCl precipitation and providing access
to the higher oxidation states by delocalizing the oxidative
charge over the Cl− ligands. Catalysis is homogeneous and
occurs at high rates and low overpotentials (10 mV at the
onset) with μM Ag(I). Catalysis is enhanced in D2O as
solvent, with a significant H2O/D2O inverse kinetic
isotope effect of 0.25. The results of computational studies
suggest that Cl− oxidation occurs by 1e− oxidation of
AgCl3

2− to AgCl3
− at a decreased potential, followed by

Cl− coordination, presumably to form AgCl4
2− as an

intermediate. Adding a second Cl− results in “redox
potential leveling” , with further oxidation to
{AgCl2(Cl2)}

− followed by Cl2 release.

Water oxidation plays a key role in plant photosynthesis. It
is also the “other” half-reaction in schemes of solar fuels,

providing redox equivalents and protons for carrying out H+

reduction to hydrogen or CO2 reduction to a reduced form of
carbon.1 However, water oxidation to oxygen is both energeti-
cally and mechanistically demanding, requiring loss of 4e− and
4H+ from two H2O molecules with concomitant formation of an
O---O bond. These demands lead tomechanistic complexity and,
typically, slow kinetics and high overpotentials. Finding
alternatives to this half-reaction could open the door to more
efficient approaches to solar energy conversion.
Chloride oxidation to chlorine/hypochlorite is a potential

alternative to H2O oxidation to O2. Cl
− is a major component of

seawater. Seawater is 97% of Earth’s water supply and contains
>3% by weight NaCl (550 mM). Cl− oxidation is 45% less
demanding energetically, with ΔG° = 2.72 eV in eq 1, compared
to ΔG° = 4.92 eV for H2O oxidation in eq 2. In a
photoelectrochemical application, there is a 2-photon require-
ment for Cl− oxidation to Cl2, compared to a 4-photon
requirement for H2O oxidation to O2. As shown in the E1/2−
pH plot in the Supporting Information (SI), Figure S1, although
E° for the Cl2/Cl

− couple (1.36 V vs NHE) is 130 mV higher
than E° for theO2/H2O couple (1.23 V), Cl− oxidation to Cl2 has
the advantage of avoiding a high-energy peroxide intermediate

with E°(O2/H2O2) = 1.78 V. Cl− oxidation to Cl2 may also be
less complicated mechanistically because of the 2e− requirement
without a proton demand.

→ + ° =− − E2Cl Cl 2e , 1.36 V2 (1)

→ + + ° =+ − E2H O O 4H 4e , 1.23 V2 2 (2)

Cl− oxidation to Cl2 is carried out in the chlor-alkali process.
2

In this process, corrosion-resistant titania electrodes coated with
RuO2 or IrO2 are used as the dimensionally stable anode (DSA).
These metals are neither abundant nor inexpensive; they also
tend to deactivate by surface poisoning or aggregation.3

Homogeneous catalysts are more amenable to spectroscopic,
physicochemical, and mechanistic investigation and thus more
readily optimized. Electrocatalytic oxidation of Cl− to Cl2 by
polypyridine Ru−aqua complexes,4 their structurally related
polymer derivatives,5 or ferrocene in micellar media6 has been
reported. Ru−aqua catalyst activation in this case is based on a
series of closely spaced, proton-coupled electron-transfer
oxidations to give high-oxidation-state oxo forms. However,
catalytic currents typically decrease with time due to Cl−

substitution for H2O, eq 3.4

Ag(I) has both a well-defined coordination chemistry and an
extensive redox chemistry based on reduction to Ag(0) and
oxidation to Ag(II) and/or Ag(III). Ag(II) is a strong oxidant,
with E°(Ag2+/+) = 1.98 V, eq 4. It is available by anodic oxidation
of Ag(I) but is stable only in highly acidic solutions, e.g., 10 M
HNO3. With this limitation, most applications of the Ag(II/I)
couple have come in mediated electrochemical oxidations in
destructing organics.7 Although invoked less commonly, there is
precedence for involvement of more highly oxidizing Ag(III).8

− → ° =+ − + EAg e Ag , 1.98 V2
(4)

Here we report that, in concentrated Cl− solutions, Ag(I) is
highly active as a homogeneous catalyst for Cl− oxidation to Cl2.
Under the experimental conditions used, Cl− coordination
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avoids precipitation of Ag(I) as AgCl and lowers redox potentials
by delocalizing acceptor orbitals over the resulting complexes.
Catalytic performance is impressive, with oxidation occurring at
high rates and low overpotentials, even with μM Ag(I).
Initially, Ag(I) catalysis of H2O oxidation without added Cl−

was investigated as a background reaction. H2O oxidation
electrocatalysis is impressive at pH 2, Figure S2, but the onset
potential (Eonset ≈ 1.90 V) during the forward scan is high, with
an overpotential ∼790 mV for H2O oxidation, due to the high
potential for accessing the Ag(II/I) couple. Similar phenomena
were observed at pH 7, with Eonset = 1.55 V and a decreased
reactivity, Figure S3. The shift in Eonset tracks the pH dependence
of the 4e−/4H+ O2/H2O couple and, presumably, the pH
dependence of a higher oxidation state Ag(II/I) couple. Figures
S4 and S5 present evidence for a surface precipitate during
electrolyses under these conditions. It points to H2O oxidation
catalysis activated by oxidation of Ag(I) to Ag(II) with
decomposition to precipitate an active surface film, Ag2O, and
oxidation of the surface oxide leading to O2 evolution.

9

Under catalytic conditions with 30 equiv of added Ce(IV) in
0.1 or 1 M HNO3 containing 10−100 μM Ag(I), monitoring
with an oxygen probe failed to detect O2 as a product over 30
min. Given the potentials for the Ag(II/I) and Ce(IV/III)
couples, with E°(Ce4+/3+) = 1.50 V in 0.1 MHNO3 and 1.61 V in
1.0 M HNO3,

10 the low steady-state [Ag(II)] under these
conditions greatly inhibits the rate of H2O oxidation.
In H2O, AgCl is poorly soluble, with Ksp = 1.77 × 10−10 at 298

K. However, in aqueous solutions with high [Cl−], AgCl is
solubilized by forming Cl− complexes.11 In this study, the
solubility of Ag(I) as a function of added NaCl was determined
by monitoring the surface plasmon resonance absorption of
precipitated AgCl nanoparticles/nanoclusters. As shown in
Figure S6, Ag(I) solubility is exponentially dependent on
[Cl−], consistent with the literature.11a

Figure 1A shows cyclic voltammograms (CVs) at a glassy
carbon (GC) electrode (0.071 cm2) in aqueous solution 1 M in
NaCl in 0.1 M HNO3 (pH 1) with added Ag(I). Adding Ag(I)
results in a remarkable catalytic current enhancement. There is
direct evidence for oxidation of Cl− to Cl2 by the appearance of a
reductive Cl2-to-Cl

− wave at Ep,c = 0.93 V.4 The Eonset value for
Cl− oxidation is ∼1.37 V, near the thermodynamic potential for
the Cl−/Cl2 couple, 1.36 V. This value is remarkably lower than
E°(Ag2+/+) = 1.98 V, with a ∼600 mV shift to negative potential.
As shown in the Figure 1A inset, the catalytic current increases

linearly with added Ag(I), with the dependence saturated at 80
μM, above which Ag(I) becomes insoluble. The linear
relationship between the catalytic current and [Ag(I)] suggests

a single-site mechanism for Ag(I) catalysis of Cl− oxidation. At
pH 7, catalytic current enhancements were also observed, with
Eonset slightly shifted to 1.31 V and the reductive wave during the
reverse scan greatly diminished, Figure S7. This observation is
consistent with oxidation of Cl− to Cl2 followed by
disproportionation to HClO/ClO−, favored by ΔG° = −0.16
eV at this pH.12

Controlled potential electrolysis experiments were conducted
at a relatively large surface area GC plate (1.0 cm2) at 1.6 V in 0.1
M HNO3 (pH 1) with 1 M NaCl and 50 μM Ag(I), Figure 1B.
Electrocatalysis was sustained at a stable current density level of
∼2 mA/cm2. Cl2 was swept from the reaction solution by a slow
Ar purge into a KI/starch aqueous solution, and the amount of
Cl2 produced was determined by iodometric titration. The
analytical result gave 110 μmol of Cl2 over an electrolysis period
of 4 h, with a Faradaic efficiency of 71% for Cl2 production. No
significant production of O2 was observed by an oxygen probe.
Unlike heterogeneous Ag(I)-catalyzed H2O oxidation in

Figures S2−S5, Ag(I)-catalyzed Cl− oxidation is homogeneous.
Heterogeneous catalysis is typically characterized by CV
crossover profiles and rising current densities during electrolysis
due to the buildup of catalyst on the electrode surface. As shown
in Figure 1, these behaviors are not observed for Cl− oxidation to
Cl2. Moreover, following long-term electrolysis, SEM and XPS
show no evidence for precipitation or film formation. At pH 7,
the available evidence is also clearly consistent with homoge-
neous catalysis of Cl− oxidation by Ag(I).
The appearance of selective Cl− oxidation in acidic aqueous

solutions of μM Ag(I) in competition with H2O oxidation is
remarkable. The selectivity has a mechanistic basis. In H2O
oxidation, O---O bond formation is often the rate-limiting step.10

Rate enhancements are observed with added proton-acceptor
bases,13 or with intramolecular proton-relay bases14 arising from
O-atom proton transfer in which a H+ is lost in concert with O---
O bond formation, e.g., RuV(O)3+···O(H)H···B− → RuIII−
OOH2+ + HB.13 By contrast, Cl− oxidation to Cl2 does not
involve net proton transfer and is kinetically favored, even in
acidic solution.
From the electrochemical data, the Ce(IV/III) couple is

sufficiently oxidizing to drive Ag(I)-catalyzed Cl− oxidation. As
shown in Figures S6 and S8, neither Ag(I) nor its complexes with
Cl− absorb above 250 nm, and UV−visible measurements can
monitor the kinetics of Ce(IV) consumption. In these experi-
ments, with a large excess of Cl− (>100 fold) relative to Ag(I) and
Ce(IV), [Cl−] remained pseudo-first-order over the course of the
reaction (see below).
In 0.1 M HNO3, loss of Ce(IV), monitored at 400 nm, is first-

order in Ce(IV), Figure 2A, consistent with eq 5 and the
integrated rate law, ln([C0]/[Ct]) = ln(A0/At) = kobst, with A0
and At the absorbance at time 0 and t, respectively. First-order
rate constants, kobs, were evaluated from plots of −ln(At) vs t.
Figure 2B shows a plot of kobs vs [Ag(I)] from 10 to 80 μM. The
linear variation is consistent with a first-order dependence on
[Ag(I)], with kobs = k′[Ag(I)], consistent with eq 6a. From the
plot of kobs vs [Ag(I)] in Figure 2B, k′ = 27 M−1 s−1 at [Cl−] = 1
M. The linear dependence of the rate law on [Ag(I)] is consistent
with the electrochemical result in Figure 1A, inset.

= =t krate d[Ce(IV)]/d [Ce(IV)]obs (5)

= ′t kd[Ce(IV)]/d [Ce(IV)][Ag(I)] (6a)

= −t kd[Ce(IV)]/d [Ce(IV)][Ag(I)][Cl ]o (6b)

Figure 1. (A) CVs at a GC electrode (0.071 cm2) in 0.1 M HNO3 (red)
and in solutions 1 M in NaCl in 0.1 M HNO3 without (green) and with
(blue) 50 μMAg(I) at 100 mV/s. Inset: plot of catalytic current vs Ag(I)
concentration. (B) Controlled potential electrolysis at a GC plate (1.0
cm2) at 1.6 V in 0.1 M HNO3 with 1 M added NaCl and 50 μM Ag(I).
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Applying the same analysis to data obtained in 1.0 M HNO3
gives k′ = 272 M−1 s−1 at [Cl−] = 1 M, Figures S9A and 2C. The
enhanced rate constant under these conditions is presumably
due, at least in part, to an enhanced driving force for Ce(IV)
oxidation of Ag(I), given the enhanced E°′ value for the Ce(IV/
III) couple at the higher acid concentration.10 This rate constant
of Cl− oxidation by Ce(IV) in 1.0 M HNO3 is ∼20 times higher
than that of H2O oxidation with polypyridyl Ru complexes under
comparable experimental conditions.10

The reaction is also first-order in [Cl−], with the complete rate
law given in eq 6b. These experiments were conducted at
constant [Ag(I)] = 8 μM and [Ce(IV)] = 10 mM in 0.1 M
HNO3. As shown in Figures S9B and 2D, kobs varies linearly with
[Cl−] from 0.2 to 1 M. From the plot of kobs vs [Cl

−], k′ = 2.3 ×
10−4 M−1 s−1, with k0 = k′/[Ag(I)] = 29 M−2 s−1.
Sustained catalysis by Ce(IV) as oxidant was investigated by

sequential additions of Ce(IV) to a solution 80 μM in Ag(I) and
1M in NaCl in 0.1MHNO3 following complete consumption of
Ce(IV). As shown in Figure S10, time-dependent absorbance
changes are essentially the same for five sequential additions of
10 mM Ce(IV), with a total 625 equiv of Ce(IV) added per
Ag(I). After the reaction there was no evidence for particle
formation in solution, Figure S11, consistent with a homoge-
neous catalysis.
Qualitative production of Cl2 was confirmed by positioning

wet KI/starch test paper in the headspace of a reaction flask
containing 80 μMAg(I), 10 mMCe(IV), and 1MNaCl in 0.1 M
HNO3. The test paper turned blue within 3 min; by contrast,
there was negligible color change in 30 min without added Ag(I).
Quantitative Cl2 analyses by iodometric titration with Cl2 purged
into a KI/starch aqueous solution gave 88(±3)% of the expected
Cl2 after 55 turnovers per added Ag(I). The results obtained are
consistent with stoichiometric Cl2 production and the reaction in
eq 7. There was no evidence for O2 production by oxygen
measurements.

+ ⎯ →⎯⎯⎯ ++ − +2Ce 2Cl 2Ce Cl4 Ag(I) 3
2 (7)

There was an unexpected H2O/D2O solvent isotope effect on
the rate of Cl− oxidation. Figure 3A shows that, in D2O as solvent,
the rate of Cl− oxidation in 1 M NaCl in 0.1 M HNO3 was

enhanced, with an inverse kinetic isotope effect of kobs(H2O)/
kobs(D2O) = 0.25. A similar result was also obtained by CV,
Figure 3B. The origin of the inverse isotope effect is unclear; it
may be due to a solvent effect with weaker H-bond interactions
between Cl− and D2O compared to H2O activating Cl− toward
oxidation or from an acid/base pre-equilibrium with a significant
inverse isotope effect.15

Catalysis of Ce(IV) oxidation of Cl− to Cl2 is specific to Ag(I)
for its specific coordination and redox chemistry, as discussed
below. There was no evidence for Cl− oxidation following
addition of 0.5−1 mM Cu(II), Co(II), Ni(II), or Fe(III) to
solutions of 10 mM Ce(IV) and 1 M NaCl in 0.1 M HNO3,
Figure S12.
Theoretical analysis of Ag(I) catalysis of Cl− oxidation was

done by both density functional theory with the B3LYP
functional (DFT) and the coupled-cluster method with single
and double excitations (CCSD) (see SI for details). Similar
results on geometries and energies were obtained by both
methods, although CCSD generally gave lower oxidation
potentials and shorter Ag−Cl bond lengths. The DFT results
are presented in Scheme 1, and those from CCSD in Figure S13.

Soluble complexes derived from AgCl in aqueous Cl−

solutions have been investigated extensively with two-, three-,
and, in rare cases, four-Cl−-coordinated Ag(I) invoked, eq 8.11 In
an early report,11a Fritz analyzed available data in the literature to
rationalize the thermodynamic parameters associated with
formation of Ag(I) complex anions with Cl−. Formation
constants (K), defined in eq 9, for Ag complexes in H2O at 25

Figure 2. (A) Ce(IV) monitoring at 400 nm with 10 mM added Ce(IV)
and 1 M NaCl in 0.1 M HNO3 with increasing amounts of Ag(I). (B)
Plot of kobs (from panel A) vs [Ag(I)] in 0.1 M HNO3. (C) Plot of kobs
(from Figure S9A) vs [Ag(I)] in 1 M HNO3. (D) Plot of kobs (from
Figure S9B) vs [NaCl] with 8 μM Ag(I) in 0.1 M HNO3.

Figure 3. (A) Ce(IV) monitoring at 400 nm with 80 μMAg(I), 10 mM
Ce(IV), and 1MNaCl in 0.1 MHNO3 with H2O, H2O/D2O (1:1), and
D2O as solvents. (B) CVs at a GC electrode (0.071 cm2) at 100 mV/s
with 50 μMAg(I) and 1 M NaCl in 0.1 M HNO3 with H2O and D2O as
solvents.

Scheme 1. Mechanism of Catalytic Chloride Oxidation to
Chlorine by Ag(I) in Concentrated Chloride Solutions Based
on DFT Calculationsa

aThe values in red are calculated redox potentials (vs NHE). The
values in blue are free energy changes (kcal/mol).
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°C are as follow:11a AgCl0, 3.1 × 10−7; AgCl2
−, 2.5 × 10−5;

AgCl3
2−, 2.0 × 10−5; and AgCl4

3−, 7.8 × 10−7. They point to
AgCl2

− and AgCl3
2− as the dominant species in 1 M NaCl, with

no more than 3% AgCl0 and AgCl4
3−. There is no evidence for

the presence of di-Ag in solution.

+ − ⇄− −nAgCl(s) ( 1)Cl (aq) AgCln
n1

(8)

= − −⎡⎣ ⎤⎦K AgCl /[Cl ]n
n n1

(9)

From calculated standard electrode potential (E°) values for
the Ag(II/I) couples, AgCl2

0/− and AgCl3
−/2−, oxidation of

AgCl2
− to AgCl2

0 requires a potential of 2.08 V vs NHE. This
value is greatly in excess of Eonset = 1.37 V measured in the CV
experiment, Figure 1A. In contrast, E° for oxidation of AgCl3

2−,
having a D3h symmetric trigonal-planar geometry, is 1.19 V,
comparable to the experimental value. Based on the DFT results,
the minimum energy structure for 1e−-oxidized AgCl3

− is T-
shaped, with C2v symmetry, Figure S14. Population analysis from
the calculations shows 33% (1.29) of the Mulliken spin density
(Mulliken atomic charge) on the Ag atom, 35% (−0.59) on the
Cl atom along the axis of symmetry, and the rest spread equally
on the other two Cl atoms (16% on each, −0.85), Figure S15.
The considerable Cl spin densities show that oxidation of
AgCl3

2− is delocalized over the metal and Cl− ligands, lowering
the Ag(II/I) potential.
Three possible reaction pathways were analyzed for Cl−

oxidation by AgCl3
−: (i) further 1e− oxidation to AgCl3

0,
which would require an unrealistically high potential of 2.52 V;
(ii) Cl− attack on the Cl atom along the axis of symmetry to form
an intermediate complex, {AgCl3−Cl}2− while the reaction
between Cl− and Cl• free radical to give Cl2

− is thermodynami-
cally favorable,16 Cl− attack on the coordinated Cl− is
thermodynamically unfavorable by ΔG = +7.0 kcal/mol; and
(iii) prior Cl− coordination to AgCl3

− to form AgCl4
2−. Unlike

Cl− attack, coordination expansion at Ag(II) is thermodynami-
cally favored by ΔG = −0.1 kcal/mol. AgCl4

2− has a D4h
symmetric square-planar geometry with spin densities (atomic
charges) of 30% (+1.32) on the Ag atom and 18% (−0.83) on
each Cl atom, Figure S15. Further oxidation of AgCl4

2− to
AgCl4

− requires a potential of 1.25 V. The small potential
separation between E° values for the AgCl3

−/2− and AgCl4
−/2−

couples is a consequence of “redox potential leveling” by Cl−

coordination to avoid charge buildup.
Based on the calculations, twice-oxidized AgCl4

− retains
square-planar geometry. The Mulliken atomic charges are +1.71
on the Ag atom and −0.68 on each Cl atom. Three possible
pathways for Cl− oxidation by AgCl4

− were also considered,
revealing that (I) oxidation of AgCl4

− to AgCl4
0 is

thermodynamically disfavored, with E0 = +2.74 V; (II) Cl−

attack to form {AgCl4−Cl}2− is also unfavorable by ΔG = +5.7
kcal/mol; and (III) formation of the molecular association
complex, {AgCl2(Cl2)}

−, is slightly exothermic, with ΔG = −1.8
kcal/mol. Once formed, this intermediate can release Cl2 which,
followed by Cl− coordination, regenerates AgCl3

− to complete
the catalytic cycle.
Our observations are important in demonstrating sustained

homogeneous chloride oxidation to chlorine at low over-
potentials based on simple Ag(I) in concentrated Cl−, perhaps
making seawater an appealing substrate in solar fuel energy
conversion schemes. It may also serve as an attractive alternative
to the conventional DSA electrode for the chlor-alkali industry.
Cl− coordination to form AgCl2

− and AgCl3
2− complex anions in

solution avoids precipitation of Ag(I) as AgCl. Cl− coordination
also provides access to Ag(II) and Ag(III) by delocalizing the
oxidative charges over the Cl− ligands, greatly decreasing the
potentials required to reach the higher oxidation states. The
simplicity of the system, well-defined mechanistic insight, and
requirement for small quantities of Ag(I) for catalysis are
appealing and may be of value in electrochemical or photo-
electrochemical applications.
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