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the pore structure is known to yield a single NMR resonance, even 
when more than one type of ion is present. It should be noted 
that the shift is probably due to local interactions involving the 
cations as the cubic symmetry of the unit cell is preserved and 
the local geometry of the silicon atoms is unchanged. Figure 1C,D 
shows the corresponding 29Si MAS NMR spectrum and XRD 
pattern of the same system after allowing it to equilibrate for 18 
h. Both spectra show single peaks indicative of there being a single 
species of average cation content present rather than a mixture. 
A previous report4 of such a change has been made from XRD 
measurements and this is now confirmed for both the short- and 
long-range aspects of the structure. The species of average 
composition which results must have been formed from simul­
taneous migration of the different cations in opposite directions 
between the two sets of crystallites, purely from the macroscopic 
mechanical contact between the crystallites. The changes are 
reproducible, with the position of the NMR and XRD absorptions 
of the resulting "average" species depending, in a predictable 
manner, on the relative concentrations of the starting materials 
as would be expected. Scanning electron microscopy (SEM) 
confirms that the crystals remain intact unless severe conditions 
are used. In the present work a plastic ball was used to ensure 
that little or no degradation occurred when this apparatus was 
used. 

Several variables are important in determining the rate of 
reaction: First, the rate depends on the amount of mechanical 
mixing of the sample. For example, mixing Li+A and Na+A, with 
particle size 1-2 tim, for 10 s in a wigglebug will give complete 
exchange although SEM indicates a small loss of crystallinity 
(<1%) due to the mechanical shock of mixing, while simply mixing 
the two sets of crystals by lightly stirring them together gives a 
system which takes 24 h to come to equilibrium with no loss in 
crystallinity. Second, the degree of hydration is important. For 
example, it can take several weeks for a mixture of dehydrated 
Li+A and Na+A (20-25-/um particle size) to reach equilibrium. 
However, when the same sets of crystals are fully hydrated, 
complete exchange will be attained after mixing for only 30 s in 
a wigglebug. Third, the reaction is very dependent on the crys­
tallite size; small crystals (1-2 ^m) reach equilibrium immediately 
while large (20-25 nm) crystals take 24 h to reach equilibrium 
under the same conditions (crystals partially dehydrated and mixed 
in wigglebug for 5 s). In general, although difficult to quantify, 
the reaction is surprisingly fast; for example, complete exchange 
occurs in approximately 5 min for a mixture of Li+A and Na+A 
(5-fim particle size) that has been mixed for 5 s in a wigglebug. 

The profiles of the NMR and XRD spectra at intermediate 
times are complex and reflect the mechanism of the migration 
process. Since both long- and short-range orderings are being 
monitored by these experiments, it is hoped that a detailed picture 
of the mechanism will result from this data and such studies are 
currently in progress. 

Preliminary results indicate that similar cation migrations occur 
between other pairs, for example, Li+A and Na+Y as well as 
between Li+A and Na+mordenite. 

Further investigations of these systems are being carried out, 
but there are important implications in the semiquantitative results 
presented here concerning the practical use of zeolites in industrial 
processes: Often they are used together with "binders", usually 
natural clays, to increase the particle size and ease of handling. 
Those natural clays contain a number of cations, including 
transition-metal ions, and the present results suggest that migration 
of these species into the zeolite lattice is possible, especially if they 
are extruded under pressure with the binder. Thus the zeolite 
under reaction conditions may not have the same physical or 
physicochemical properties as the pure species used without ad­
ditives. 

Acknowledgment. We acknowledge the financial assistance of 
the Natural Sciences and Engineering Research Council of 

(4) Kokotailo, G. T.; Lawton, S. L.; Sawruk, S. ACS Symp. Ser. 1977, No. 
40, 439. 

Canada in the form of an Operating Grant and a Strategic Grant 
(Energy) (C.A.F.) and a Graduate Scholarship (G.J.K., G.C.G.). 
The work was also supported by a University Research Grant 
(Imperial Oil Canada). The NMR spectra were obtained using 
the facilities of the South Western Ontario High Field NMR 
Centre. 

Registry No. Li, 7439-93-2; Na, 7440-23-5. 

Pulse Radiolysis Studies of Alkaline Fe(III) and Fe(VI) 
Solutions. Observation of Transient Iron Complexes 
with Intermediate Oxidation States 

James D. Rush and Benon H. J. Bielski* 

Department of Chemistry, Brookhaven National 
Laboratory, Upton, New York 11973 

Received August 30, 1985 

With the exception of some isolated studies on aqueous Fe(IV) 
in the 1960's,1,2 the Fe(IV)/Fe(V) species have received little 
attention until quite recently.3 Interest in these oxidation states 
has been stimulated by the finding that certain Fe(V) (or Fe(IV) 
cation radical) porphyrins3,4 are the active intermediates in bio­
logical hydroxylation reactions. In nonbiological systems less exotic 
iron complexes such as Fe(EDTA)" perform silimar functions in 
the presence of H2O2. The intermediacy of Fe(IV), or the ferryl 
ion, FeO2+, rather than the hydroxyl radical has been postulated 
to explain the specificity of these systems.3,5 Recent thermo­
dynamic calculations suggest that FeO2+ should be accessible in 
aqueous solution in the presence of suitable ligands.6 In this paper 
we wish to report the first spectroscopic evidence for complexes 
containing iron formally in the IV and V oxidation states in the 
presence of a simple ligand, i.e., OH" and P2O7

4" in alkaline 
solution. 

These transient species are obtained by pulse radiolysis of 
alkaline ferric (Fe(III)) and ferrate (Fe(VI)) solutions by using 
the hydroxyl radical or its conjugate base, 0", and the aquated 
electron, eaq~, as the respective oxidizing and reducing agents. 
Dilute solutions containing monomeric Fe(III), as Fe(OH)3/ 
Fe(OH)4",

7 and/or FeO4
2" were prepared electrolytically in NaOH 

solutions (NaOH, 99.999%; G. F. Smith). A current of 500-1000 
mA at 8-10 V was applied for 1-3 h to an iron anode (wire) in 
a 200-mL compartment that was separated from the cathode 
compartment (Pt wire) by a glass frit. Continuous evolution of 
dioxygen at the anode ensured the absence of Fe(II) in these 
solutions. Total iron concentrations were determined spectro-
photometrically as the tris(o-phenanthroline)iron(II) complex 
following reduction with dithionite; ferrate (VI) concentrations 
were monitored by its absorption spectrum (vide infra). In chilled 
(~5 0C) 5 M NaOH, solutions of 50 nU Fe(VI) (60 MM total 
Fe) were obtained. In 1 M NaOH solutions 35 /J.M of Fe(III) 
were found after decomposition of any Fe(VI); the latter was not 
determined in these conditions because of its instability. These 
solutions were clear, stable, and free of colloidal iron. The only 
significant contaminant was a trace of carbonate which proved 
not to inhibit the reactions of interest. These solutions were 
pulse-irradiated with 2-MeV electrons from a Van de Graaf ac­
celerator. The radiolysis of water is denoted by eq 1 where G 

H2O • 
eaq" (2.65), OH (2.75), H (0.65), H2 (0.45), H2O2 (0.72) (1) 

(1) Conocchioli, T. J.; Hamilton, E. J., Jr.; Sutin, N. J. Am. Chem. Soc. 
1965, 87, 926. 
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Wiley: New York, 1980; pp 125-162 and references therein. 
(4) Balch, A.; LaMer, G. N.; Grazynski, L.; Renner, M.; Thanabal, V. J. 

Am. Chem. Soc. 1984, 107, 3003. 
(5) Sugimoto, H.; Sawyer, D. T. J. Am. Chem. Soc. 1984, 106, 4283. 
(6) Koppenol, W. H.; Lieberman, J. J. Phys. Chem. 1983, 88, 99. 
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Figure 1. Absorption spectra of iron(III), -(IV), -(V), and -(VI) in 1-5 
M NaOH. (A) iron(III) hydroxide spectrum in 1 M NaOH at 25 0C; 
(B) iron(IV) hydroxide/iron(IV) pyrophosphate spectrum obtained in 
reactions 2 and 5, respectively; (C) Fe(V) spectrum in 5 M NaOH, 15 
0C, obtained by reduction of Fe(VI) by the hydrated electron; (D) 
spectrum of Fe(VI) in 5 M NaOH. 

values (or molecules formed per 100 eV of energy dissipated in 
the medium) are given in parentheses.8 In strong alkali, H atoms 
are converted to eaq" (H *=* eaq- + H+; p£a = 7.85)' and OH 
radicals deprotonate; pATa(OH/0") = 11.9.10 Spectrum A in 
Figure 1 is that of Fe(OH)4". Pulse radiolysis of an N20-saturated 
Fe(III) solution (pH 10.7-14) resulted in the transient spectrum 
B in Figure 1. We attribute spectrum B to the product of reaction 
2 

0 - / 0 H + Fe(OH)4- -^* 
FeO(OH)n

2 '" + (4 - «)OH7(3 - n)OH" + H2O (2) 

which is formulated as the n-hydroxyl ferryl complex, where by 
convention iron is in the +4 oxidation state. 

It is assumed in eq 2 that Fe(IV) is present in monomeric form 
analogous to monomeric vanadium(IV) which is of the form 
VO(OH)3" in 1 M NaOH." The decay of FeO(OH)n

2"" is first 
order (/cdecay = 2 ± 1 s"'; 1 M NaOH, 25 0C) and is independent 
of [Fe(OH)4"] in the range 10-35 IJM. Iron(IV) becomes slightly 
more stable as [OH"] is increased. Colloidal Fe(HI) appears to 
be unreactive in reaction 2. Attempts to measure the formation 
and stability of Fe(IV) at lower [OH"] were made with a rapid 
mixing device that mixes Fe3+ (50-100 nM Fe(III)) in dilute 
HClO4) and dilute NaOH. The solutions were pulsed at pH > 10.7 
before precipitation of Fe(OH)3 could seriously interfere; although 
the observed spectra were similar to those found in 1 M NaOH, 
the kinetics were not resolved. At still lower pH, however, the 
precipitation of Fe(OH)3 proved too rapid for our present pre-
mixing arrangement. Overall, the presence of CO3

2" interferes 
with the direct measurement of k2 as the CO3" radical which is 
formed in competition with reaction 2'2 also reacts with Fe(III) 
to form Fe(IV). The latter reaction goes to completion within 
~ 1 ms when an excess (up to 0.02 M) K2CO3 is present at pH 
>13. 

When 5-10 ^M oxygen was added to the N20-saturated so­
lutions and [CO3

2"] kept small, the rather unreactive ozonide 
radical was formed from the O" radical via eq 3, where k} — 3 

o-+ o, (3) 

X 10' M"' S"'10 and k_3 = 3.3 X 103 s"'.13 In the presence of 
20 nM Fe(OH)4" in 0.2 M NaOH, O3" disappears with an ob­
served rate of 1.8 X 103 s"1 with simultaneous formation of Fe(IV). 
We concluded that OH/O" are the reactive species in this system 
and that a lower limit of k2 > 8.5 X 107 M~' s"» = 1.8 X 103 

s"'/[Fe(III)] can be calculated for these conditions. 

(8) Schwarz, H. A. / . Chem. Educ. 1981, 58, 101. 
(9) Gordon, E. J.; Fielden, E. M. J. Phys. Chem. 1966, 70, 150. 
(10) Weeks, J. L.; Rabani, J. J. Phys. Chem. 1966, 70, 2100. 
(11) Iannuzzi, M. M.; Rieger, P. H. Inorg. Chem. 1975, 14, 2895. 
(12) Farhataziz; Ross, A. B. Natl. Stand. Ref. Data Ser. (US., Natl. Bur. 

Stand.) 1977, NSRDS-NBS 3. 
(13) Gall, B. L.; Dorfman, L. M., J. Am. Chem. Soc. 1969, 91, 2169. 

Although it is not possible to assign an oxidation state from 
the electronic spectrum, certain considerations support our de­
scription of the product of reaction 2 as an Fe(IV) complex. 
Though strongly oxidizing (£°(0- ,H 2 0/20H-) = 1.7 V)14a* O" 
radicals cannot oxidize by direct electron transfer15 but most likely 
react by hydrogen abstraction from H20/OH- and/or substitution 
of H26/OH~ bound to Fe(III) resulting in a relatively stable 
product. If, as is suggested by our results and an earlier 60Co 
radiolysis study of the ferrate(VI) system,16 the Fe(IV) in alkaline 
media is reduced to Fe(III) by the oxidation of water (or 0H~), 
then reaction 2 might be recast as an equilibrium with forward 
and reverse rates at least approximately equal to £2(obsd) and 
fc(Fe(IV)decay), respectively. This leads to an estimated stability 
constant for formation of the iron-oxygen bond from Fe(III) and 
O" of about 108 M"1. This stability can be best explained if there 
is substantial covalent bonding, e.g., px-dT overlap between a 
half-filled metal tig orbital and the unpaired 2p electron of 0" . " 
This suggests that the ligand-radical resonance form, Fe n , -0- , 
makes a smaller contribution than Fe^=O to the formal oxidation 
state. However, the resonance form Fe"1—O", being kinetically 
less stable to dissociation, might be of importance in the reactivity 
of ferryl complexes. 

Preliminary oxidation studies of Fe(III) by the pyrophosphate 
radical at pH 10.4 

IH+] 
H 2 0 /OH + P2O7 

P2O7
3" + Fe(III) 

- P2O7
3" +H 2 0 /OH" (4) 

Fe(IV) + P2O7
4" (5) 

yielded a spectrum similar to that obtained in reaction 2. The 
spectral similarity of the products of reaction 2 and 5, which have 
different ligands, argues in favor of a change in the oxidation state 
of iron, i.e., Fe(III) to Fe(IV). 

Pulse radiolysis of 50 ^M ferrate solutions in 5 M NaOH 
degassed with argon resulted in the absorption spectrum C of 
Figure 1. The corresponding absorbance of the nonirradiated 
FeO4

2" solution is shown in spectrum D.18 Although no suitable 
scavenger of O" compatible with FeO4

2" was found, at low [Fe-
(VI)] only eaq- is reactive (O" reduces Fe(VI) to Fe(V) at ~ 3 % 
of the rate of eaq").16 The one-electron reduced species, formally 
Fe(V), which we provisionally formulate as FeO4

3", is formed by 
reaction 6 which occurs at the diffusion-controlled rate of k6 — 

FeO4
2" + ea, FeO4

3 (6) 

(2.0 ± 0.2) X 1010 M-1 s"'. Superoxide radical, O2", is also an 
effective reductant for producing iron(V) under these conditions. 
Fe(V) decays completely to Fe(III) by first-order kinetics with 
fcd«ay = 4 ± 1 S"' at 15 0 C in 5 M NaOH. The longer lived 
iron(IV) was not observed as an intermediate of the decomposition 
of iron(V). 

The spectrum of iron(IV) has one strong absorption peak at 
^ W = 240 nm (e ~ 5500 M'1 cm"1) which is most likely a 
charge-transfer band and a weaker transition at Xmax = 420 nm; 
t = 520 ± 20 M"1 cm"1. Iron(V) has a significant absorbance 
in the UV (not yet resolved), \max = 390 nm (e = 1500 ± 100 
M-' cm"'), and a band at X > 600 nm. This spectrum seems 
compatible with a preferred tetrahedral geometry as other high-
valent metal oxoanions also absorb at long wavelengths (e.g., 
CrO4

3", MnO4-, and FeO4
2-). 

Our preliminary results indicate that both Fe(IV) and Fe(V) 
have significant lifetimes when complexed with a simple ligand 
and are thus plausible intermediates in iron-catalyzed oxidations 
of organic compounds. The stabilizing effect of hydroxide ions 
on a highly oxidizing metal ion is not unusual. Further investi­
gation of this system may lead to a more detailed knowledge of 
the thermodynamics and structure of these important oxidation 
states of iron. 

(14) (a) Schwarz, H. A.; Dodson, R. W. J. Phys. Chem. 1984, 88, 3643. 
(b) Klaning, U. K.; Sehested, K.; Holcman, J. J. Phys. Chem. 1985, 89, 760. 
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(16) Kalecinski, J. Rocz. Chem. 1967, 41, 661. 
(17) Ochiai, E.-I. Inorg. Nucl. Lett. 1974, 10, 453. 
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Pulse radiolysis allows us to study the reactions of Fe(IV) and 
Fe(V) in the absence of excess strong oxidants (e.g., H2O2). The 
immediate objective of these studies is not only to find other ligands 
and methods that will allow generation/stabilization of the Fe(IV) 
and Fe(V) species but also to measure their reactivity with various 
organic compounds. The characterization of the Fe(IV)/Fe(V) 
oxidation states in simple complexes will hopefully lead to the 
understanding of these iron forms in more complex systems. 
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Dinuclear Pt(III) complexes represent a relatively new class 
of compounds. In all crystallographically characterized examples 
reported so far, the two metals possess hexacoordination, regardless 
of whether the bridging ligands are symmetric (e.g., CF3COO",2 

SO4
2",3 H2P2O5

2-,4 HPO4
2",5) or asymmetric (e.g., pyridin-2-one,6 

1-methyluracil,7 pyrimidine-2-thione8) or if, in the latter case, they 
form a head-head,68 a head-tail arrangement,*17 or a combination 
of both.8 We herewith report the first crystal structure of a 
diplatinum(III) complex, [(M)2)(NHj)2Pt(I-MeU)2Pt-
(NH3)2J (NO3J3-H2O (with 1-MeU = monoanion of 1-methyl­
uracil, C5H5N2O2), having one Pt atom hexacoordinated and the 
other Pt atom pentacoordinated only. Similar asymmetric 
structures have been proposed, on the basis of NMR spectroscopic 
evidence,9 for CF3C02"-bridged diplatinum(IH) complexes. 

We believe that the difference in Pt coordination numbers in 
the here described complex is a consequence of the additive effects 
of the structural trans influence of the nitro ligand in the axial 
position of one Pt and the Pt-Pt bond for the following reasons; 
(i) Both the nitro ligand and the Pt-Pt unit on their own excert 

(1) (a) Technische Universitat Munchen. (b) Universitat UIm. 
(2) Schagen, J. D.; Overbeek, A. R.; Schenk, H. Inorg. Chem. 1978, 17, 

1938. 
(3) (a) Muraveiskaya, G. S.; Kukina, G. A.; Orlova, V. S.; Evstafeva, O. 

N.; Porai-Koshits, M. A. Dokl. Akad. Nauk SSSR 1976, 226, 76. (b) Cotton, 
F. A.; Falvello, L. R.; Han, S. Inorg. Chem. 1982, 21, 2889. 

(4) Che, C-M.; Herbstein, F. H.; Schaefer, W. P.; Marsh, R. E.; Gray, 
H. B. J. Am. Chem. Soc. 1983, 105, 4604. 

(5) (a) Cotton, F. A.; Falvello, L. R.; Han, S. Inorg. Chem. 1982, 21, 1709. 
(b) Cotton, F. A.; Han, S.; Conder, H. L.; Walton, R. A. Inorg. Chim. Acta 
1983, 72, 191. 

(6) (a) Hollis, L. S.; Lippard, S. J. Inorg. Chem. 1983, 22, 2605. (b) 
Hollis, L. S.; Roberts, M. M.; Lippard, S. J. Ibid. 1983, 22, 3637. 

(7) Lippert, B.; Schollhorn, H.; Thewalt, U. Z. Naturforsch., B 1983, 38B, 
1441. 

(8) Goodgame, D. M. L.; Rollins, R. W.; Skapski, A. C. Inorg. Chim. Acta 
1984, 83, L 11. 
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Table I. Pt-Pt Separations in 1-Methyluracilato-Bridged 
Diplatinum(III) Complexes 

\ / \ / 
X Pt Pt Y 

\ ^ 
X Pt-Pt, A Y ref 

/v67 2.607 (1) a 
head-head Cl ' 2.573 (1) Cl" b 

Cl' 2.543 (1) Cl" c 
TVO2- 2.574 (1) OH2 d 

head-tail ONO2" 2.556 (1) OH2 e 
ONO2- 2.560(1) OH2 e 

"This work. »[Cl(NHa)2Pt(l-MeU)2Pt(NH3)2Cl]Cl2.12 CC\-
(NHa)2Pt(I-MeU)2PtCl3.12 ' [(NO2)(NHj)2Pt(I -MeU)2Pt(NH3J2-
(OH2)J(NOa)3.7 'Two modifications of [(0NO2)(NHj)2Pt(I-
MeU)2Pt(NHa)2(OH2)I(NOa)3." 

Figure 1. PLUTO drawing of the cation [(N02)(NH3)2Pt(l-
MeU)2Pt(NH3)2]3+ of the title compound. 

a strong trans influence.6'10 (ii) In a related complex with 
head-tail orientation of the bridging ligands, [(7V02)(NH3)2Pt-
(l-MeU)2Pt(NH3)2(0H2)](NO3)3-5H2O,7 the Pt-OH2 bond trans 
to the O2TV-Pt-Pt unit is extremely long already, 2.253 (9) A. 
This distance compares with 2.176 (11) and 2.171 (11) A in the 
corresponding complexes with the NO2" ligand replaced by 
ONO2"

 n and 2.122 (6) A in a related complex of a-pyridone.6a 

(iii) If the nitro ligand of the title compound is substituted by a 
ligand of lower trans influence, e.g., Cl",12 both Pt atoms become 
hexacoordinated, thus ruling against steric arguments (vicinity 
of exocyclic 02' oxygens of 1-MeU rings) for a lower coordination 
number of the second Pt. 

In Table I the Pt-Pt distances of six diplatinum(III) complexes, 
containing two 1-MeU bridges each, are listed. The data confirm 
previous findings6 on the structural trans influence of the nitro 
ligand on the Pt-Pt separation, but they suggest also that only 
head-head or head-tail dimers should be compared and that 
substitution of the equatorial NH3 ligands (e.g., by Cr, footnote 
c in Table I) affects the Pt-Pt bond length as well. 

Formation of the title compound is achieved by oxidation of 
the diplatinum(H) complex c/s-[(NH3)2Pt(l-MeU)2Pt-
(NH3J2] (N03)2

13 with HNO3.
14 Orange crystals of the title 

compound are diamagnetic and EPR-inactive. The compound 
was characterized by elemental analysis,15 X-ray analysis,16 and 

(10) Hartley, F. R. "The Chemistry of Platinum and Palladium"; Applied 
Science: London, 1973. 

(11) Schollhorn, H.; Eisenmann, P.; Thewalt, U.; Lippert, B., unpublished 
results. 

(12) Lippert, B.; Schollhorn, H.; Thewalt, U., Inorg. Chem., in press. 
(13) Lippert, B.; Neugebauer, D.; Raudaschl, G. Inorg. Chim. Acta 1983, 

78, 161. 
(14) Preparation: 200 mg of powdered ciV[(NH3)2Pt(l-MeU)]2-

(NOj)2-H2O (head-head) was added in small portions to 1 mL of concentrated 
HNO3 with stirring. The solution rapidly became bluegreen and then suddenly 
deep red (after ca. 1.5 min). At this stage 2.5 mL of H2O were added and 
the now orange solution filtered from some precipitate and kept in a stoppered 
flask at 22 0C. After 24 h, 110 mg of orange-yellow, air-sensitive crystals 
were collected (dihydrate of title compound). If the solution was kept for 4 
days instead of 1 days at 22 0C, 30 mg of orange, transparent, air-stable 
crystals of the title compound were obtained. 
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