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Figure 2. Near-infrared emission at 1278 nm as a function of time for
the decomposition of triethylsilyl hydrotrioxide at 60 ®C in CH,Cly(t;
150 s).

spectrometer.® Figure 1 shows the emission spectrum obtained
which is as expected for 'A, O, — *Z, O, with a strong 0,0 peak
at 1278 nm and a weak 0, peak at 1594 nm.” It is clear that
these emissions originate fromr free 'A, O, molecules because of
their wavelength and relative intensities, the latter being very
similar to the gas-phase Franck-Condon factors.” The intensity
of 'A; O, emission is one of the strongest observed to date from
any chemical source.

The stability of the 'A, O, precursor, triethylsilyl hydrotrioxide,
was measured by monitoring the decay in emission at 1278 nm
with time. The value of #;,, obtained for the solution in methylene
chloride at ca. —60 °C was 150 s (Figure 2). Parallel experiments
performed with the same components in carbon disulfide solution
at ca. -60 °C gave a 1, of 10s. The lifetime of 'A, O, in carbon
disulfide solution is known to be considerably longer than in
methylene chloride as solvent, but far less than in the gas phase.®
Presumably carbon disulfide interacts less with 'A, O, than
methylene chloride or benzene. It would appear that methylene
chloride stabilizes the silyl hydrotrioxide, perhaps through hy-
drogen bonding, more than does carbon disulfide and that such
stabilization results in the slower rate of decomposition observed
in methylene chloride. The effect of more polar solvents (e.g.,
methanol) on the stability of the hydrotrioxide is of considerable
interest in light of these results.

The above described experiments demonstrate the feasibility
of a new approach to the chemical generation of singlet dioxygen
from ozone which has both practical and mechanistic implications.’
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Radical cations have been implicated as intermediates in the
oxidation of a wide variety of organic molecules, and proton loss
from radical cations is a common route to the formation of radicals
and products derived therefrom.! The acid-base equilibrium
constants for the dissociation of radical cations have been measured
or estimated in only a few instances, however.!"2 In this paper
we describe a potentially general method for estimating acidities
of radical cations by combination of the pKy, value of a given
acid in Me,SO solution with its oxidation potential, E,(HA), and
that of its conjugate base, E,,(A7). The thermodynamic cycle
involved’ is shown in eq 1-4.

HA = H* + A- pPKua 1)
A = Ate E(A) 2)
HA* +e¢ =2 HA  -E,(HA) (3)
HA*. == H* + A. 4

The pKya values for phenothiazine and its 2-MeO, 2-Cl, and
2-CF, derivatives together with their oxidation potentials and those
for their conjugate bases, all in Me,SO solution, are summarized
in Table I. Similar data for fluorene and its 2-MeO and 2,7-
(MeO), derivatives are also given, together with the pKy,-.
constants for all seven of the corresponding radical cations.

The oxidation potentials for all four phenothiazines are re-
versible, indicating that loss of an electron in the oxidative step
to form the radical cation is not followed by rapid loss of a proton
to the solvent, as occurs with radical cation phenols.!>  The
oxidation potentials for the conjugate bases of the phenothiazines
are irreversible, suggesting that the radicals formed undergo rapid
dimerization, or other reactions.'®

The spin density in the phenothiazine radical cations 1 is
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Table I. Equilibrium Acidities of Radical Cations Derived from
Phenothiazine (Pz-H) and Fluorene (F1H,), as Estimated from
Acidity and Oxidation Potential Data (eq 1-4) in Me,SO Solution at
25 °C.

HA pKHA on(A_)e on(HA) pK'HA+j
Pz-H 22.7° -0.107 +0.985 4.3k
2-MeO-Pz-H 22.5% -0.119 +0.943/ 4.6
2-Cl-Pz-H 20.8° +0.038 +1.042/ 3.9
2-F,C-Pz-H 20.65¢  +0.058 +1.084/ 34
FlH, 22.62 -0.194  +2.1¢ -16
2-MeO-FIH, 22.75¢  -0.189 +1.8% -11
2,7-(MeO),FIH, 22.95¢  —0.195 +1.53/4 -6

aReference 8. ®Measured by A. H. Clemens. °Present work.
4Reference 9. ¢Irreversible oxidation potentials equal to the peak oxi-
dation current measured by cyclic voltammetry using Pt and Ag/Agl
working electrodes in Me,SO solution with 0.1 M tetracthylammonium
tetrafluoroborate electrolyte at a sweep rate of 100 mV/s (reproducible
to <£10 mV); reversible ferrocene~ferrocinjium redox couple at By =
0.875 was used as a standard. /Reversible; the E,, value is equal to
one-half the sum of the voltages at peak oxidative and reductive cur-
rents. §Measured in CH;CN; E; for a shoulder preceding a wide ir-
reversible wave with an E maximum at 2.4-2.5 V. #Measured in
CH,CN; E, for a narrow 1rrevers1ble wave.!® /Reversible in CH;CN,
but 1rrever51ble in Me;SO.10 JpKeyat = pKia + [Eox(A7) - Eo,((HA)}
X 23/1.37. These values are estimated to have an accuracy of +2 pK
units, based on the assumption that E, values are accurate to £0.1 V.
The value for fluorene itself is less certain. * Alkaitas* reports 4-5 in
H,0.

distributed between nitrogen and sulfur,!” and the positive charge
can be delocalized to the 2-substituent by resonance. The major
effect of the 2-substituents on equilibrium 5 will be exerted on
1, since remote substituent effects on radicals are small.'® The
decrease in acidity caused by the 2-MeO substituent and the
increase caused by the 2-Cl and 2-CF; substituents is in line with
their electron-donor and -acceptor effects, respectively. The pKya+
for phenothiazine in Me,SO is expected to be within one unit of
that in water, as observed,* by analogy with the small difference
in relative acidities of amine conjugate acids in these solvents.!?

H

,L’. G G
QLY e =QLIY
s S
1 2
MeaSOHY  (5)

The high acidity found for the three fluorene radical cations
in Table I is consistent with the high acidity reported for toluene’
and for polymethylbenzene?® radical cations. Also, the oxidation
potential of 2,7-dimethoxyfluorene has been shown to be reversible
when F;CCO,H is added to the CH,Cl, solvent, suggesting that
the irreversible behavior in its absence is associated with loss of
a proton to the solvent.2! The stronger acid-weakening effect
of a methoxyl substituent on a radical cation C—H acid than on
a radical cation N-H acid (Table I) is understandable since
delocalization of the positive charge provides strong stabilization
of the high-energy radical cation C-H acid formed by ey from
the = system (e.g.. 3a,b). Since the pKy, and E (A7) values

< v ==
oo i,y

3a 3p
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for the three fluorenes differ but little (Table I), the acid-weak-
ening MeO effects are caused almost entirely by differences in
the E,,(HA) values.? (The ApKja+. values calculated by method
I of Nicholas and Arnold,” assuming a BDE value of 80 = 5
kcal/mol for fluorene, 2 are —14, -9, and -5.) In contrast, the
acid-weakening effect of the MeO substituent in 2-methoxy
phenothiazine is relatively small because the radical cation N-H
acid is formed by transfer of an electron from nitrogen (1). Note
that the (reversible) E,,(HA) for 2-methoxyphenothiazine is 0.59
eV more negative than the (reversible) E,(HA) of 2,7-dimeth-
oxyfluorene (in CH;CN).!% In Me,SO, the latter E,(HA) be-
comes irreversible, because the radical cation is deprotonated by
the more basic solvent. Extension of this method to additional
radical cation C-H and N-H acids, as well as to O-H and S-H
acids, is in progress.
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The paucity of known tetranuclear molybdenum clusters has
prompted investigations which have begun to yield a rich and
interesting chemistry. The first tetranuclear molybdenum clusters
isolated were the ternary solid-state compounds Mo,S,Br,' and
MMo,S¢? (M = Al, Ga), utilizing high-temperature preparations.
Solid-state tetranuclear clusters were also found in the oxide
compounds M,MogO,, (M =K, x = 2; M = Ba, x = 1.14).2
Discrete molecular clusters are also exemplified by several recent
discoveries. Thermal decomposition of Mo(CO),I;” in chloro-
benzene* and reaction between HI and Mo,(O,CCH,), in
methanol® produced the butterfly cluster Mo,I,,>~. Rational
synthetic pathways began to emerge with the addition of two
quadruply bonded dimeric units to form Mo,X;L, compounds (X
= Cl, Br, I; L = PR;, RCN, MeOH, THF).5 Similarly, the
molecules Moy (O-i-Pr)gX, (X = Cl, Br), formed by the coupling
of two triply bonded dimeric molecules, were shown to adopt
different geometric configurations depending on which halide was
present.” More recently, the first discrete tetrahedral clusters,
Mo,S4(CN),,* 8% and Mo,S,(S,CNR,).'® have been isolated.
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