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Electron transfer
122. Reductions of an Ny-coordinated complex of silver(I1I)
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Abstract

The silver(II1) complex of ethylenebis(biguanide), (ebbg)Ag™, which is stable in aqueous acid, reacts readily with 2 equiv.
each of V2*, Cr**, Eu**, Fe?* and Ru(NH;)?* yielding Ag*. Slower reactions with Ti(III) and Fe(Me,phen),** consume
only 1 equiv. of these reductants but again yield Ag™. The 2¢~ reductants H;AsO; and HSO;~ do not react. No Ag(Il)
species is detected in these reactions, either as a product or as a transient. At low reductant concentrations, reactions are
first order in both redox partners, but at high [Fe?*], there is evidence for partial formation of a 1:1 (ebbg)Ag™-Fe" complex
(Qasn=10 M™"). Rates appear to be determined by the initial le~ reduction of (ebbg)Ag™ to its Ag" analog, after which
the latter is rapidly converted to Ag(l), either by a second reductant molecule or, in the case of the slower reductants, internal
electron transfer with oxidation of the ligand. The latter process provides substantial driving force for it allows complete
conversion to Ag(l) by several reductants having much more positive E° values than that reported for (ebbg)Ag"™™ (0.32 V).
Kinetic selectivity patterns are consistent with the predominance of an outer-sphere path for all metal-center reductants
examined. Specific rates for these reductions, in conjunction with the treatment of Marcus, led to a self-exchange rate 10%8+°%
M~! s7! for this Ag™™ couple. The latter value is comparable to rates recorded for a number of 4d- and 5d-based systems,
is considerably greater than many of those for 3d-based couples, and lies close to that for Ag"™ when both states are
porphyrin-bound. The present results support the view that reductions of Ag(IlI) to Ag(l) in this system take place most
easily by successive le~ steps, rather than by single 2e~ transactions. These 2¢~ reductants that react most readily (e.g.
ascorbic acid and H,0,) are those which can be oxidized in single electron steps. Reductions by formic acid and by primary
alcohols, which may instead involve hydride transfer to Ag(III) are found to proceed much more sluggishly.

Keywords: Electron transfer; Kinetics and mechanism; Silver complexes; Polydentate ligand complexes; Chelate complexes

1. Introduction guanide), (ebbg)Ag'", salts of which are water soluble
and stable for extended periods in strong aqueous acid.

Investigations of the redox reactions of tripositive Despite a recent flurry of experimental activity treating
silver [1] have been, in part, circumscribed by the oxidations by this unusual complex [2], no estimate for
instability of this state in the absence of base. A notable the electron self-exchange rate for the system
exception is the Ag(III) complex of ethylenebis(bi- (ebbg)Ag™ ™ has as yet been documented. The present

contribution deals with reactions of this hypervalent
silver species with metal-centered reductants.
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N \T/ “NH, .1. Materials
H
(ebbg)Ag™ Ethylenebis(biguanide)silver(I11) [(cbbg)Ag™") deriv-
‘ atives were prepared by slight modifications of the
method of Ray and Chakravarty [3a]. The copper(Il)
*Corresponding author. complex of this ligand was first prepared and then
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converted to the metal-free ligand hydrosulfate as de-
scribed in Ref. [3b]. The very sluggish crystallization
of the latter salt from its aqueous solution (requiring
over 2 days at 0 °C) could be hastened by dilution
with ethanol without affecting its purity; m.p. 262 °C
(reported [3b] 263.5). The ligand hydrosulfate was
converted to the sulfate of its Ag(III) complex by
treatment with aqueous silver sulfate and potassium
peroxydisulfate at 4 °C as described in Ref. [3b]. After
48 h at 0 °C, the red complex salt was filtered off and
converted to the complex hydroxide by treatment with
aqueous NaOH [3b]. The latter was then converted to
the desired complex Ag(IIl) perchlorate by dissolving
in a minimum volume of 0.01 M HCIO,, cooling, and
then adding an equal volume of conc. HCIO,; ef56 = 1190
M~! em™? (reported [2¢] 1175).

Solutions of Fe** [4], Eu** [5], V** [6], Cr** [7]
and Mo,0,>* [8] were prepared as perchlorates by
literature methods, as were Ti(III) (tosylate) [9] and
Ru(NH,)** (triflate) [10]. Solutions of NaClO,, used
as a supporting electrolyte in kinetic experiments, were
prepared by reaction of NaHCO; with HCIO,. Iron(II)
complexes of the type Fe(lig);**, derived from sub-
stituted 2,2'-bipyridines or 1,10-phenanthrolines were
obtained as perchlorates from G.F. Smith Co. and were
used as received, or were prepared as bis(perchlorates)
from the respective ligands as described in Ref. [10].

2.2. Stoichiometric experiments

Stoichiometries of reductions of (ebbg)Ag"' in
aqueous acid were, in most cases, measured at 380 nm
by adding deficient quantities of the reductant to a
known excess of Ag(Ill). The resulting decreases in
absorbance were compared to those observed with a
slight excess of reductant. The reaction with Fe** (aq.)
was carried out with a known excess of reductant, after
which a large excess (0.20 M) of NH,SCN was added
and Fe(IIT) was estimated as FeENCS?** (e,40=06.3 X 10?
M~' cm™'). Stoichiometries of the reductions by
Mo,0,** and by Fe(Me,phen),*>* were estimated by
spectrophotometric titration at 384 and 420 nm. Results
are summarized in Table 1.

2.3. Kinetic experiments

Reactions were followed by measuring absorbance
changes, employing either a Durrum-Gibson stopped-
flow spectrophotometer equipped with an OLIS data
acquisition system or a Beckman model 5260 recording
spectrophotometer. All runs were carried out under
N,, and ionic strength was customarily maintained at
1.0 M by addition of HCIO,/NaClQ,. In most cases
concentrations were adjusted so that less than 10% of
the reagent in excess was consumed during the collection
of data. Reactions generally yielded pseudo-first-order

kinetic curves and were followed for at least 4 half-
lives, and rate constants were evaluated by non-linear
least-squares fittings to the relationship describing first-
order decay. Specific rates greater than 50 s~! were
adjusted upward to accommodate the mixing rate as-
sociated with our stopped-flow instrument as described
by Dickson and Margerum [11]. Rate constants for
replicate runs diverged by less than 6%. Profiles as-
sociated with reductions by (Me,phen);Fe’* exhibited
slight distortion reflecting the slow decomposition of
the unreacted reductant. Since this distortion was most
pronounced near the end of each run, the rate constant
for the primary reaction in this instance was estimated
from initial slopes. The value so obtained is considered
to be reliable to no better than 20%.

2.4. Additional observations

At 25 °C, (ebbg)Ag™ reacts immeasurably slowly
with the 2¢~ reductants H;AsO; and HSO, ~, and with
finely divided silver metal (prepared by treatment of
AgClO, with Eu(ClO,),). In contrast, the reaction with
Cu* is too rapid to follow by conventional mixing.
Reactions with the Fe(Il) chelates of 2,2'-bipyridine
and 1,10-phenanthroline, and with their ring-methylated
analogs, were very nearly complete under our conditions,
but the 5-nitro complex, Fe(nitrophen);**, did not react
appreciably. Reactions with U(IV) and Mo,O,** ap-
peared to be autocatalytic, but the resulting decay
profiles could not be deconvoluted meaningfully.

Solutions resulting from the reduction of (ebbg)Ag
(1x10* M) with Ti'"" (5x10~* M) in 1.0 M HCIO,
were examined by ESR spectroscopy but exhibited no
absorbances attributable to monomeric Ag(II) species,
even at 140 K.

11r

3. Results and discussion

Reactions of the Ag(Ill) oxidant with 5 of the 8
metal center reductants examined are seen (Table 1)
to exhibit stoichiometries approaching 2:1, indicating
that 2e~ are transferred cleanly to Ag(1Il) in each of
these cases, even when the reductant is very much in
deficiency:

AgIII+2MII - AgI+ 2MIII (1)

With the less powerful (and slower) donors, Ti(III),
Mo,0,** and Fe(Me,phen),”* very nearly 1.0 reducing
equiv. arises from each unit of added reductant. In
such instances, however, neither electronic nor ESR
spectra of the resulting solutions point to formation of
a significant yield of an Ag(II) species. The picture is
consistent with the intervention of an (ebbg)Ag" in-
termediate in each of these transformations. With the
more rapid reductants, this transient is then reduced
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Table 1
Stoichiometries of the reductions of ethylenebis(guanide)silver(III) [(ebbg)Ag™]*
Reductant 10*[ox.] 10*[red.] Waiting period Afred.)/A[ox.]
(red.) (M) (M) (min)
v 37 1.0-4.0 1.0-5.0 1.9540.07
Cr(II) 3.7 1.0-3.0 1.0-5.0 2.01+40.12
Ru(NH,)2*° 12.0 3.6-18.0 0.5 1.82+0.02
Eu(1l) 7.2 0.5-2.0 0.5 1.88 +£0.04
Ti(III) 6.5~7.3 0.5-6.0 2.0-3.0 1.05+0.04
Fe(Il).y" 0.5-1.0 100 5.0 1.961+0.12
Mo,0,2* 1.5-36.0 0.49¢
Fe(Me,phen),2* 9.0 1.02¢

2Reactions of 25 °C in 1.0 M HCIO, unless otherwise indicated.

PReactions in 1 M triflic acid.

°Stoichiometry obtained by measuring Fe(III) formed; [H*]=0.1 M (see Section 2).

dSpectrophotometric titration at 384 nm.

“Spectrophotometric titration at 420 nm.
to Ag(I), but with the more sluggish reagents it instead
undergoes internal redox with consumption of the ligand — d[Ag(ITD)]ds = [Ag(IID)][Fe(ID)] ki Q @)
and formation of Ag(I), a step for which Banerjee and £ & : 1+ Q[Fe(ID)]

Banerjea [12] have presented independent evidence.
As expected, the latter decomposition competes less
favorably when the reductant is in large excess, as
demonstrated by the approach to 2:1 stoichiometry
observed here with Fe(Il) (aq.).

Representative kinetic data, pertaining to reductions
by Fe** (aq.) and V** (aq.), appear in Table 2. Rates
with both reductants are seen to be very nearly in-
dependent of acidity within the range 0.1-1.0 M H™,
and reactions with Fe(II) exhibit signs of kinetic sat-
uration at high [red.], indicating the formation of a
weakly associated complex between redox partners. Data
for the Ag(IlI)-Fe(II) system conform to rate law (2):

Table 2
Representative kinetic data for the reductions of ethylene-
bis(biguanide)silver(IiI) by Fe(II) and V(1I)*

Reductions by Fe(1I)® Reductions by V(II)*

Refinement of observed rate constants yields an as-
sociation quotient, O, =9.5+1.4 M~' and a limiting
specific rate (at high [Fe**])=0.0704+0.010 s~ (25
°C). No sign of such saturation is seen with the remaining
reductants which were, however, employed at much
lower concentrations. At low [Fe®*], reductions are
very nearly first order in both redox components with
a bimolecular rate constant of 0.67 M~* s™.

Table 3 lists rate constants for reactions of (ebbg)Ag™
with additional metal-center reductants. The ease with
which these conversions occur, in contrast to lack of
reactivity of the 2e reagents, H;AsO; and HSO,;™,
emphasizes the principal conclusion of this study —
that for reduction of the Ag(Ill) complex at hand to
Ag(D (a net 2 unit change), pairs of single-clectron
transactions are greatly favored over single 2e processes.
Profiles of these reductions show no irregularities at-
tributable to the accumulation of the Ag(Il) inter-
mediate. We thus may infer that in each case, the rate

fred.] [H*] 10%4 [Ag™] [H*] 10-% is determined by the initial conversion to Ag(Il) (re-

(mM) (M) s (mM) (M) ) action (3)) and that the subsequent consumption of
this odd-electron state, either by additional reductant

5.0 0.10 3032 0250 1.00 28 (4) or by internal decomposition (5) is rapid and, hence,

10.0 0.10 6.5 (6.1) 0.200 1.00 2.20 Kineticallv silent

20.0 0.10 118 (11.3) 0150 1.00 1.76 Inetically snient.

35.0 0.10 17.8 (17.6)  0.100 1.00 1.02

50.0 0.10 22 (23) 0.100 0.75 0.97 (ebbg)Ag™ + M — (ebbg)Ag" + M (slow)  (3)

75.0 0.10 29 (29) 0.100 0.55 1.02 H+

20.0 1.00 95 (11.3)  0.100 0.30 1.08 (ebbg)Ag" +M" —>

20.0 0.025 12.3 (11.3) 0.100 0.15 1.06 AgI+MlH+ebbgH+ (rapld) (4)

*u=1.00 M (NaClO,/HCIO,); A=380 nm. (cbbg)Ag" —>

bReactions at 25.0 °C; [Ag"]=2.2%10"* M throughout.

*Reactions at 20.0 °C; [V']=4.0x10"° M throughout.

YPseudo-first-order rate constants; parenthetical values were cal-
culated using rate law (2) in text and taking K as 9.5 M~"' and ki
as 0.070 s™".

Ag'+ligand oxidation products (rapid) (5)

(with Ti™, Mo,O,** and Fe(Me,phen);**)
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Table 3

Rate constants for reactions of ethylenebis(biguanide)silver(III) with metal-center reductants*

Reductant [Ag™) [H*] Medium k

(mM) (mM) (M) M~'s™h)
Fe**(aq.) (5-75) 0.22 0.025-1.0 clo,” 0.67°

V2+ (0.040) 0.10-0.25 0.15-1.0 clo,~ (1.07+0.05) X 10°
Eu?* (0.040) 0.10-0.25 0.50-1.0 Clo,~ (3.4+£02)x10°
Ti™ (0.060) 0.30-1.20 1.0° TosO "~ 5042
Ru(NH;)¢2* (0.02-0.05) 0.035-0.050 0.5 Triflate (1.5+0.1)X 107
Cr** (0.050) 0.050 1.0 Clo,~ >5x107

Cu* (1.0) 1.60 1.0 Clo,~ >6x10%
Fe(Me,phen);2* (0.1-0.9) 0.013 0.11 clo,- 4% 10%

*Reactions were carried out at 20.5+0.5 °C; p=1.0 M, unless otherwise indicated.
®Limiting specific rate (25 °C) at low [red.]; at higher [Fe"], reactions followed Eq. (2) in text.

“Reactions at lower [H*] were complicated by precipitation.

dReaction monitored by conventional mixing; Cu* solutions underwent rapid disproportionation to Cu metal and Cu®* on contact with

steel valve parts of stopped-flow system.

*Chelate of 5,6-dimethylphenanthroline. Specific rate (n=0.11 M) was calculated from initial slopes (see Section 2).

Accordingly, the rate constant for the initial electron
transfer from V?*, Eu**, Cr** or Ru(NH;)¢** may
be taken as half that observed for the loss of
(ebbg)Ag™.

Although Banerjee and Banerjea [12] have described
experiments confirming the destruction of the ligand,
its oxidation products were not identified. Nevertheless,
it is clear that step (5) provides a substantial measure
of the overall driving force for the conversion to Ag(I)
by the less powerful oxidants. This is especially so for
the tris(chelates) of Fe(II) derived from substituted
phenanthrolines and 2,2'-bipyridines. The latter re-
ductants, having E° values in the range 0.90-1.10 V
[13], are found here to be oxidized readily although
the formal potential for (ebbg)Ag""™, which pertains
to the initial step, is recorded to be a much less positive
value, 0.32 V (0.05 V versus SCE [14].

The substitution-inert character of the low-spin Ru(II)
center dictates outer-sphere reduction by Ru(NH,;)¢**,
and a similar conclusion applies to reduction by V**,
which proceeds at a rate far above the limit (near 100
M~! s ) for inner-sphere reductions imposed by slow
substitution on this center [15]. Moreover, the rate
ratio observed here, ky/kz,=3/1, corresponds to that
found by these 2+ reductants for bona fide outer-
sphere cases [16]. We have employed data from the
more rapid reductions, in the framework of the model
of Marcus [17], to estimate a self-exchange rate for
the couple (ebbg)Ag""™. In consideration of the
range of AG, values within this series, we have used
Eq. (6) [18], in which the rate constant, k;,, of an
outer-sphere reaction is taken as the sum of three
terms

In ki,=1/2 ln(knkzzKlz)

[In K5 + (W1, — way)/RTT?
4[1n kii/ksn + (Wn +W22)]

VA RT
Wit Wop — Wi~ Wy

2RT ©)

where k;; and k,, are self-exchange rates for the oxidant
and reductant, K, is the equilibrium constant for the
redox reaction, Z is the collision frequency, 10'* M™*
s~ ! and the w terms are electrostatic work contributions
from the reactants, the products, and the two self-
exchanging systems. Each w term is, in turn, calculated

by Eq. (7)
Wea=4.23z.2,4/a_,(1+ 0'33afd’“'“m) )

where z terms are the ionic charges on interacting
species ¢ and d, p is the ionic strength of the medium,
and a_, is the distance of closest approach, as estimated
from the presumed geometry of the encounter and
reported atomic and ionic radii.

Estimated terms contributing to the reduction of
(ebbg)Ag™ are listed in Table 4. Experimental values
of the observed rate constants!, k,,, in combination

'Because of problems resulting from precipitation at lower acidities,
reductions by Ti(III) were examined only in 1.0 M H*. The entry
in Table 4 assumes the active reducing species to be Ti(FH,0)¢".
A number of reductions by Ti(III) are known to proceed principally
through Ti(OH)** [19]. Analogous treatment using E° (> —0.080
V) and log ky; (—2.0) associated with the latter [19], in conjunction
with a pK, value of 2.0, yields log k,;>3.5 for (ebbg)Ag™™,
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Table 4
Calculated seif-exchange rates and contributing parameters for the reductions of ethylenebis(biguanide)silver(III)* (22 °C, p=1.0 M)

Reductant E°.q Log k2" Log K5° Log wi¢ Log fi.° Log ki, Log ky,f Ref.
R%
Fe?*(aq.) 0.74 0.04 -7.16 0.018 —~1.01 —0.49 7.1 [20,21]
Eu?* —0.38 —4.5 11.89 0.048 -1.81 53 4.9 [20,22]
A% —-0.26 —-2.0 9.77 0.004 —1.40 5.7 5.0 [20,22]
Ru(NH,)¢ —0.067 3.6 4.30 0.074 —-047 6.9 6.2 [23,24]
Cu* 0.15 -50 2.90 0.148 —0.10 >2.48 >6.8 [18]
Ti*+ >0.11 -35 8.20 0.040 —051 1.90 >39 {19]

“Oxidant in all cases was (ebbg)Ag"™; E° was taken as 0.32 V [14].

®Self-exchange rate for reductant.
‘Log K, for the cross reaction, evaluated as (E°,— E°.4)/0.059.

YSum of electrostatic work terms, evaluated from Eq. (7) in text.

°Second term in Eq. (6)/2.3.

*Values of k,, obtained by dividing —d(Ag™)/d¢ by 2 (except for Ti(III) reaction) in consideration of stoichiometry.

with Eq. (6), lead to a calculated self-exchange rate
of 10°%+%® M~! s~ for (ebbg)Ag"™. Reflecting un-
certainties in the rate of reduction by Cu* and in the
formal potentials of Ti(III) species [19], experiments
with these reductants yield only lower limits. Reduction
by Cr(1l) is not included in this treatment since rate
constants for neither the Cr(II)-(ebbg)Ag™ reaction
nor the Cr**”* self-exchange (only limits for each)
are available. Because a major portion of the driving
force for the reduction by Fe(Me,phen),®* is presum-
ably furnished by decomposition of the (ebbg)Ag"
intermediate, this reductant is likewise omitted.
Note that k,; for our Ag""™ couple is comparable
to analogous values for a number of 4d and 5d systems
(Table 5), but considerably greater than those pertaining
to 3d-based couples, for which electron transfer tends
to be associated with proportionately greater distortions
of metal-ligand bonds as well as changes in coordination
number and multiplicities. In addition, our value lies

Table 5
Electron self-exchange rates for transition metal complexes®

remarkably close to that reported for Ag™™ (10> M1
s~1[25] when these two states are stabilized via chelation
by sulfonated tetraphenylporphyrin.

Our view that reductions of Ag(IIT) to Ag(I) in this
ligand system take place most easily in successive le~
(rather than single 2¢~) exchanges appears to be in
accord with earlier observations concerning this trans-
formation. The oxidation of ascorbic acid (H,A) to
dehydroascorbic acid (A), Eq. (8), is a net-2e”

H,A + (ebbg)Ag™ — Ag'+A+ebbgH* +H* ®

transaction which proceeds rapidly [2d], but this re-
ductant is known frequently to undergo oxidation in
le~ steps [29]. Moreover, this conversion is further
favored by the preliminary formation of an addition
compound with the deprotonated form of the reductant,
HA ™. The oxidation of hydrogen peroxide to O, (Eq.

3d systems 4d systems 5d systems
Log k Log k Log k
V(H,0)+ 72+ -2.0 Ru(NH,;)> 2+ 3.6 IrCi>~?~ 53
Cr(H,0)s>*72* —-4.7 Ru(bipy),** 2+ 8.6 Os(phen),** 7+ 8.5
Mn(H,0)s' * 2+ —-35 Mo(CN),> "~ 4.5
FC(H20)63+/2 + 0.04 MOIV. I, 1"/(M0"‘)3 4.2¢
Cu?*/*(aq.) -5.0
Co(en);**2* -4.7
Co(sep)** 7+ 0.7°
Cer/'lII —0.5¢
Crvnv —-6.1°
[VO(OH)]Z +/+ — 2d

“Log k values pertain to 25 °C (#=1.0 M) and are from Ref. [18] unless otherwise indicated.

®Sepulchrate complexes [26].

“Bis chelates of 2-ethyl-2-hydroxybutanoic acid [10].
“Ref. [27]).

°Truncated cuboidal trinuclear molybdenum cations [28].
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(9)) [2a] may likewise be taken to proceed through a
pair of le~ acts in view of the known ability

H,O,+ (ebbg)Ag™ — Ag'+O,+ebbgH* +H* (9)

of H,0, to partake in such steps [30]*.

Note that 2¢~ transfers to (ebbg)Ag'™ cannot be
ruled out entirely. Neither formic acid nor ethanol is
readily converted to a le~ oxidation product, and it
has recently been shown [31] that both of these organics,
as well as a number of additional alcohols, undergo
oxidation by both HCrO,~ and by the more powerful
acceptor [Cr'YO?*] (aq.) [32] by hydride transfer, an
important mode for 2-unit oxidative changes involving
C-Hisites. It is reasonable to suppose that the oxidations,
by Ag(IIl), of both formic acid [2b] and ethanol [2c]
proceed by analogous paths, bypassing Ag(II) in these
instances. However, these oxidations must surmount a
substantial energy barrier, for they exhibit rates falling
below that for the (ebbg)Ag'™-ascorbate reaction by
10°-10® (under comparable conditions). A related 2¢~
contribution may be envisaged for reduction by ascorbate
but it would not compete detectably with the greatly
favored two-step route.
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