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CHAPTER I 

INTRODUCTION 

Inorganic chemists have developed a good understanding of 

mononuclear transition metal complexes; however, the dinuclear 

complexes still remain poorly understood. Two of the more interesting 

types of dinuclear transition metal complexes are the oxo- and 

quinone-bridge compounds. Although there are both linear and bent 

oxo-bridge compounds, only the linear bridged compounds have different 

chemical and physical properties as compared to monomer 

complexes. " ' " ' ' » Dinuclear complexes show rather different 

UV-visible spectra, substitution rates and redox properties. For 

example, the basic rhodo ion ((NH-)j.CrOCr(NH^)j- ^) spectrum contains 

three sharp and intense peaks in the near UV which are not observed in 

3+ 1 8 
the spectrum of Cr(NH^)-. . ' The substitution rate in the basic rhodo 

complex is quite different from Cr(NH-v)^ .̂ The basic rhodo ion 

undergoes hydrolysis of one NH^ ligand with a half-life of 44 s 

(20''C),^ whereas Cr(NH3)g'^"' is stable to loss of NH^ over a period of 

g 
several days. 

The redox properties of osmium and ruthenium oxo-bridge compounds 

show that the higher oxidation states of metals are stabilized in the 

dinuclear complex. ' ' For example, the 

[(bipy)2ClRuORuCl(bipy)2] ion (Ru(III)) undergoes a reversible 

one-electron oxidation at 0.68 V, giving a mixed-valence ion 

[(bipy)pClRuORuCl(bipyjo] ^ which contains ruthenium in the formal +4 

oxidation state. The [Ru(bipy)«Clp] ion is oxidized, but at a much 

1 



2 

higher potential, Ei = 1.98 V.-̂ ^ The difference in these properties 

needs to be studied further to develop a better understanding of 

dinuclear complexes. 

Although the difference in the physical and chemical properties of 

dinuclear and mononuclear complexes have been reported in the 

literature, little is said about why these differences are observed. A 

brief review of the differences in the magnetic properties, spectral 

properties and reactivity of the linear oxo-bridge complexes will be 

given. The dinuclear compounds have the possibility of strong 

metal-metal interactions through the -rr-system of the bridging ligand. 

There are two models for explaining the magnetic data and they are 

fundamentally different. In the first case, strong, chemically 

significant metal-metal interactions are assumed and in the second, 

only spin-spin interaction between the two metal sites is assumed. In 

the latter case the system can be considered as largely localized and 

the chemical and electronic properties of the metal centers should be 

similar to related monomeric complexes of the metal. The delocalization 

description seems to be the best, for the oxo-bridge compounds, since 

it accounts for the properties in a reasonable and consistent way. 

However most of the information in the literature have used the simple 

3 5 19 
spin-spin coupling mechanism. ' ' For example, the magnetic 

susceptibility of the [ (NH2)rCrOCr(NH2)g]Cl^-H20 has been analyzed as a 

moderately strong antiferromagnetic spin-spin coupling between the S = 

3/2 chromium atoms, with the singlet-triplet seperation being 450 

cm" . The magnetic data was fit with some accuracy in the temperature 



range 50 - 300 K to an isotropic model. Other magnetic exchange 

models have been used on this compound with little or no success. '' 

A good understanding of the magnetic properties will not be obtained 

until a good molecular orbital description of oxo-bridge compounds is 

obtained. 

There have been a few attempts to describe the bonding in the 

1 18 
oxo-bridge dinuclear complexes. ' A qualitative molecular orbital 

scheme by Dunitz and Orgel for the linear [ClnRuORuClr] ion has been 

used by most reseachers in this area to explain the properties of 

18 
oxo-bridge dinuclear complexes. Another MO scheme for the 

[(NH3)gCrOCr(NH^)c] * ion using Angular Overlap molecular orbital 

theory has been presented by Schmidtke. Schmidtke's MO scheme is in 

agreement with Dunitz and Orgel's qualitative MO scheme. Both of these 

schemes are useful but they do not help in giving quantitative 

information about the electronic structure. 

The UV-visible spectra for the oxo-bridge compounds are remarkably 

different from those of mononuclear complexes. The dinuclear compounds 

1-3 12 19 20 
have sharp and intense peaks in the near UV. » » » jhe bands in 

the basic rhodo ion spectra have been assigned as simultaneous pair 

excitations involving ^E^, ^E^; ^E^, ^T^^ and T^^, ^T^^ (0^) ligand 

field states of the Cr(III) centers of the complex. Schmidtke, on the 

other hand, assigns the bands by simple electronic transitions in the 

MO scheme of the basic rhodo complex. Schmidtke's assignments seem to 

be unlikely though. San Filippo £tv_ a_K_ have assigned the 480 nm band 

in the spectrum of the [CURuORuCl^] ion to a transition in the 



Ru-O-Ru unit. There has not been a complete and reasonable assignment 

of the spectrum of any oxo-bridge complex reported in the literature. 

This is an area where more work could be done. 

In addition to the unusual physical properties, the oxo-bridge 

complexes exhibit a reactivity in solution quite unlike that of 

mononuclear analogs. Recent investigation of the of the stability in 

aqueous solution suggest four principle categories of reactions: (1) 

rapid ligand exchange, (2) rearrangement (possibly to di-y-oxo-bridges 

or to bent y-hydroxo-bridge species), (3) cleavage of the dinuclear 

56 
into monomeric species, and (4) redox reactions. Although these 

reactions are known to occur, most investigators do not seem to be very 

interested in them. The literature contains examples of each type of 

reaction listed but only the basic rhodo ion's reactivity has been 
0 

extensively studied. 

The ligand exchange reaction in this class of compounds is 

probably the only fast reaction in which the oxo-bridging unit is 

retained. Meyer et_̂  a^^ have synthesized [(bipyj^ClRuORuCl(bipy)^] 

ion which can undergo ligand exchange to form the 

[(bipy)2H«0Ru0RuH20(bipy)2] ion. The aquo complex can be converted 

to the nitrite complex by heating a solution of the aquo complex in the 

presence of sodium nitrite. A complete study of the basic rhodo ion's 
0 

ligand exchange reaction has been reported. As described earlier the 

basic rhodo undergoes a rapid ligand exchange reaction. Strong 

TT-bonding in the linear Cr-O-Cr unit may specifically labilize the NH^ 
o 

ligand trans to the bridging oxygen. Product identification studies 



demonstrated that the incoming water ligand is trans to the 

oxo-bridge. 

Once the basic rhodo ion has substituted the trans ligand, the ion 

is unsymmetrical which affects the ir-bonding in the Cr-O-Cr unit. The 

unsymmetrical ion undergoes protonation followed by a rapid 

rearrangement to form the bent y-hydroxo-bridge ion 

([(NH3)5Cr(H0)Cr(NH3)4X]^'' where X = NCS", Cl", F" and OH"; rhodo 

erythro ion). The pK^ values of the acid rhodo 
a 

5 + 
([(NH3)gCr(H0)Cr(HN3)r] ) and the rhodo erythro ions were measured by 

o 

Schwarzenbach and Magyar. The pK values of the unsymmterical (weaker 
iT-bonding) rhodo erythro ions with X = NCS" (pK^ = 10.62), Cl' (pK^ = 

a a 

11.37), F" (pK^ = 13.4) and OH" (pK^ > 16) increase uniformly, as 

11 8 
expected, with increasing basicity of the substituent. The pK^ 

a 

(7.63) of the symmetrical (strong ir-bonding) acid rhodo ion clearly 

lies far below the expected from the basicity of the NH^ substituent 

because of the strong ir-bonding in the complex. 

There has not been a kinetic study of the cleavage of the 

oxo-bridging unit into monomeric species reported in the literature. 

This reaction has been observed to occur in several different 

compounds. Meyer et^ a]^ report a slow decomposition of the 
2+ 

[(bipy)«ClRuORuCl(bipy)p] ion in the presence of acid or halide ion, 
and the effect of having both present is to enhance the rate of 

1 Q 4-

decomposition. Another example is the 0S20C1-|Q ion which 
56 

dissociates into monmers. Although these reactions occur readily in 

some oxo-bridge complexes they do not occur in others and this is still 



not understood. 

The last class of reactions is the redox reactions.. This class 

has been the most extensively studied using cyclic voltammetry. The 

oxo-bridge complexes containing ruthenium and osmium show that the 

higher oxidation states of these metals are stabilized as compared to 

a monomer complex. '^^»^^ The oxo-bridge unit is destabilized when 

ruthenium and osmium are in lower oxidation states. For example, Meyer 

et. aT-. report that the ruthenium dinuclear complex can be reduced 

by Cr(II). The reduced complex then dissociates to form monomeric 

19 compounds. Oxo-bridge complexes with other metals have not been 

examined using cyclic voltammetry. 

One of the more interesting characteristics of the oxo-bridge 

complexes is that the bridging oxygen is considered to be sp 

hybridized, since the M-O-M unit is linear. Most compounds containing 

2 3 oxygen atoms have oxygen with either sp or sp hybridization. This 

change in the bridging oxygen's hybridization may be attributed to the 

strong ir-bonding in the complex. The possibility of strong ir-bonding 

in the bridging unit (M-L-M) may also affect the properties of other 

bridging ligands. A more useful bridging ligand would be a quinone, 

since they have well known two-electron redox properties. The 

quinone-bridge compounds may be useful as redox catalysts, because of 

the effects of the metals in the bridging unit. In fact, Linck and 

Taube report that Cr(III) complexes of 2,5-dihydroxy-l,4-benzoquinone 

(H2DHBQ) and chloranilic acid (H2CA, 

2,5-dihydroxy-3,6-dichloro-l,4-benzoquinone) may serve as ethanol 



oxidation cxatalysts under mild conditions (25'C), yielding 

acetaldehyde as the sole organic product.-^^ A better understanding of 

oxo-bridge compounds would be benefical in developing a useful 

understanding of the quinone-bridge complexes. 

A brief review of the known coordination chemistry of 

dihydroxybenzoquinones will be given. Acid ionization of both 

chloranilic acid -OH groups occurs in aqueous solution (pK, = 0.76, pK^ 

42 
= 2.58; 25°C, I = 0.5 M ) ; the chlorine and hydroxyl substituents 

reduce the two-electron oxidizing strength of chloranilic acid (E' = 

0.449 V in IN HCl, 25'C)^^ as compared with that of 1,4-benzoquinone 

39 
(0.699 V ) . Although many coordination compounds of H^CA and HpDHBQ 

have been reported, most are polymeric, poorly characterized materials. 

Early workers in this area point out that H«DHBQ may be considered as 

stabilized enols of 1,2-diketones, facilitating the formation of of 5 

13 member chelate rings with metals ions. The preparations of numerous 

bivalent transition metal-chloranilate complexes have been discribed, 

but the water-insolubility of such complexes has hindered their 

thorough characterization. Nevertheless, perturbations in the 500-600 

nm absorbance of chloranilic acid have been utilized to define the 

composition and formation constants of 1:1 (Ni(II)) and 2:1 (Fe(III)) 

15 CA-transition metal complexes in aqueous solution. 

4+ 
The aquo dimer ((H20)cCrOCr(H20)5 ) was first reported by Holwerda 

2 

and Petersen. They report in their work that the aquo dimer undergoes 

hydrolysis to form two Cr(H«0)^ ^ ions. This is quite unexpected since 

the basic rhodo ion does not undergo hydrolysis to form mononuclear 



8 

complexes. Another difference between the two dinuclear complexes is 

the basicity of the bridging oxygen. The aquo dimer does not seem to 

have a stable protonated analog of the acid rhodo ion. 

A kinetic study of the aquo dimer's hydrolysis reaction will yield 

information about the bonding in the Cr-O-Cr unit. By examining the 

effects of anions on the hydrolysis reaction, information will be 

obtained about how anions interact with the complex. There are two 

possible pathways in which an anion can effect the hydrolysis reaction. 

The first would be where the anion forms a bond to a chromium metal 

(trans to the bridging oxygen) so that the ir-bonding is weakened and 

hydrolysis occurs. The second possibility is an electrostatic 

interaction between the anion and the metals so that bending occurs in 

the bridging unit. The ir-bonding is weaker in a bent form than in the 

linear structure. Kinetic and product identification studies of the 

hydrolysis reaction in the presence of anions will show which pathway 

is used. 

In -the initial report of the aquo dimer, Holwerda and Petersen 

report the stabilizing effect of cerium(III) on the hydrolysis rate. 

Further studies with Lewis acids such as Cr(III), Fe(III) and Ce(III) 

will yield information about the preliminary observation. By examining 

different Lewis acids, information will be obtained which will tell if 

this is a general effect or specific for cerous only and how the aquo 

dimer is stabilized by Lewis acids. 

The redox chemistry of both the oxo- and quinone-bridge complexes 

will be studied electrochemically and chemically. This will yield 



information about oxidation and reduction potentials of the complexes. 

Information will also be obtained about the stability of the oxidized 

and reduced forms of the complexes by the reversibility of the cyclic 

voltammograms. The stability of the oxidized and reduced complexes 

will give an indication about the orbitals involved in the redox 

reaction (an increase in stability would indicate that the electron is 

entering a bonding orbital). Kinetic studies of the aquo dimer with 

2+ 3+ 

reducing agents such as Ru(NH.,)g and Cr(H20)g will yield 

information about the electron transfer mechanism. The reducing agent 

2+ Cr(H„0)x- is well known inner-sphere reducing agent (electron transfer 

occurs through a ligand which is bridging between the reducing agent 

and the oxidant) and Ru(NH.,)g "̂  is an outer-sphere reducing agent 

(electron transfer occurs when the oxidant and reductant are in close 

proximity of one another). These studies will indicate whether the 

aquo dimer prefers an outer- of inner-sphere electron transfer 

mechanism. 

Kinetic studies of the Cr2CA complex in ethanol will yield 

information about the ethanol oxidation process. Information about the 

composition of the redox active complex can be obtained along with what 

concentration range of ethanol is required for the reaction to proceed 

at a reasonable rate. More importantly, the feasibility of using 

Cr^CA^"^ complex as a ethanol oxidation catalyst will be determined. 



CHAPTER II 

EXPERIMENTAL SECTION 

Ma-terials 

Reagent grade chemicals were used throughout. Solutions were 

prepared from triply distilled water or absolute ethanol dried over 

molecular sieves. Cr(C104)3-6H20, Fe(C104)3, Fe(C104)2-6H20, 

Zn(C10^)2-6H20, Al(C104)3-6H20, Mg(C104)2-6H20, Ce(C104)3-6H20, NaClO^, 

LiClO^ and HCIO^ (G. F. Smith); NH^Cl, NH^Br and NH^I (Fisher 

Scientific Company); chloranilic acid and ascorbic acid (Sigma); 

NH^HSO^ (C. P. Bakers); NH^CIO^ (Fluka) and [Ru(NH3)g]Cl3 (Johnson 

Matthey Inc.) were used as received. Practical grade 1,4-benzoquinone 

was purified through vacuum sublimation. SP-Sephadex C-25 resin (Na* 

form) was used in all cation-exchange experiments and LiClO./HClO. 

solutions were used as eluants. A stock solution of chromium (II) 

perchlorate was prepared by reducing anaerobic Cr(C10.)^ over 2% zinc 

amalgam. 

In view of the limited stability of the aquo dimer in solution and 

2 4+ 

the impracticality of crystallizing this species, (H20)rCrOCr(H20)r 

was generated in situ immediately prior to a kinetic determination. The 

(H20)4Cr(0H)(0CgH40H)Cr(H20)^'^"' ion (I) was synthesized by the method 
2 

of Holwerda and Petersen, purified by cation-exchange chromatography 
and stored frozen in liquid nitrogen until needed. The aquo dimer was 

produced rapidly by the oxidation of the hydroquinone ligand in complex 

I by Br2. 

Strong transition metal ion oxidants (i.e., Tl(III), Ce(IV), MnO,') 

10 
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bring about the conversion of complex I to the aquo dimer more rapidly 

than does Br2. These oxidants were avoided in kinetic studies, 

however, because small concentrations of some transition metal cations 

strongly perturb the hydrolysis rate of the aquo dimer. In a typical 

kinetic run, complex I (0.50 mM) in a 1-cm quartz spectrophotometer 

cell was mixed with a slight excess of oxidant ([Br2] = 0.52 - 1.3 

mM). The distinctive absorption spectrum of the aquo dimer was 

observed immediately after mixing. 

Analyses 

All the perchlorate salt stock solutions were standardized either 

19 
gravimetrically or potentiometrically by using an Orion 

perchlorate-sensitive electrode (Ag/AgCl or saturated calomel 

reference) calibrated against known LiClO. solutions. Chromium was 

21 
assayed spectrophotometrically by the basic peroxide method. 

Microanalyses were performed by Galbraith Laboratories, Knoxville, TN. 

The chromium product of Cr(III)-CA-catalyzed ethanol oxidation is 

susceptible to aerobic oxidation in aqueous solution. The 

stoichiometry of this complex was obtained from an anaerobic cation 

exchange experiment. A 20 x 2 cm column was equilibrated with 600 mL 

of N2-purged water. A 1 mL aliquot of 4.44 x 10"^ M Cr(C10^)3 

equilibrated with 2.22 x 10"^ M H2CA in 99% ethanol was diluted to 100 

mL in water and applied to the column with continuous N2 purging. Upon 

elution with anaerobic 0.5 M LiClO^ - 0.001 M HCIO^, a purple leading 

band was well-separated from a predominant light green component (II), 

the latter having a UV-visible spectrum in good agreement with that of 
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the known ethanolic Cr(III)-CA product solution. Aerobic oxidation of 

II readily afforded Cr(H20)g'^"' and a purple 1:1 Cr(III)-CA ion (vide 

jjrfra), but quantative release of the quinone ligand from Cr could not 

be achieved even upon prolonged boiling of the latter species in acidic 

solution. The chloranilate content of II was therefore determined from 

the ultraviolet absorbance of the CrCA"^ aerobic oxidation product ( ^̂ ^ 

(max) = 1.42 x 10^ M"^ cm""^). On this basis, the light green band, 

with Cr:CA ratio of 2.1 ± 0.1, accounted for 96% of the chromium eluted 

from the column. 

Kinetic Measurements 

Decay of {W20)^CrQCr{H^0)^^'^ was followed at 443 nm on a 

Perkin-Elmer Lambda 5 or on a Bausch & Lomb Spectronic 100 

spectrophotometer with thermostated cell blocks. Absorbance-time 

traces were obtained, when using the Bausch & Lomb Spectronic 100 

spectrophotometer, from a Fisher Recordall series 5000 recorder. 

Identical rate parameters for a given set of conditions were derived 

from absorbance-time traces recorded at 347, 443, 480, and 632 nm. With 

the initial concentration of the aquo dimer fixed at 0.50 mM, rate 

parameters were found to be independent of bromine ([H ] = 1.0 M) 

concentration in the range 0.52 - 1.30 mM and [Br"] ([H"*"] = 0.55 M) in 

the interval 0.75 - 1.50 mM. 

Observed pseudo-first-order rate constants (k u j) were derived 

from the least-squares slopes of In(A.-A^) v^^ time plots. All rate 

constants reported are the average of at least three trials. These 

first-order plots were found to be reproducibly linear over the final 
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30 - 70% ofAA^^3 (0.45-1.0 absorbance units), with points at early 

times falling below the extrapolated least-squares line. This 

induction period is not characteristic of the hydrolysis reaction of 

interest but rather may be attributed to the similar rates of formation 

(from complex I and Br2) and decay of the aquo dimer at early reaction 

times. Thus, the induction period could be shortened by increasing 

^^"^2^0 ^^ abolished entirely by using MnO^', a more reactive oxidant, 

in place of Br2. Excellent agreement was found between hydrolysis rate 

constants ([H"̂ ] = 1.0 M) obtained from runs with Br2 and with MnO," as 

the oxidant. The latter oxidant was not used routinely because of low 

aquo dimer yields attained from the complex I + MnO." reaction at low 

acidities. 

The redox decay of (H20)rCrOCr(H20)/"^ was followed at 443 nm with 

a Durrum D-110 stopped-flow spectrophotometer. Pseudo-first-order 

conditions were employed, holding the aquo dimer concentration constant 

at 0.50 mM and varying the reductant concentration. Anaerobic 

solutions of aquo dimer (generated from complex I and Br^) and 

reductant were transferred to the stopped-flow apparatus through teflon 

needles to avoid contamination with iron. Observed first-order rate 

constants (k u-^) were derived as usual from the least-squares slopes 

of linear ln(A. - A^) v ^ time plots. Absorbance-time data were 

obtained with an Apple 11+ computer interfaced with the stopped-flow 

apparatus. Reported rate constants are the average of at least three 

determinations. 

Anaerobic ethanol oxidation rates were evaluated from 
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absorbance-time traces at 493 nm, where the reduced chloranilate-

chromium complex absorbs strongly. Instrumentation used in these slow 

rate measurements was described earlier in the decay of the 

(H20)5CrOCr(H20)5 ^. Anaerobic (purged with ethanol-saturated N^) 

ethanolic solutions of Cr(C10^)3 were mixed with chloranilic acid 

(limiting reagent, 0.04 mM) in serum-capped 1 cm path length cells 

using Hamilton gas tight syringes. No attempt was made to maintain 

constant ionic strength in [Cr(III)] variation studies. 

In most runs, pseudo-first-order rate constants (k . .) were 

derived from the linear least squares slopes of ln(A^ - A.) y ^ time 

correlations. Substantial uncertainties in A for very slow runs at 

comparatively low ethanol (< 96%) or Cr(III) (< 0.0165 M) 

m concentrations made it necessary to derive k . . from the Guggenhei 

22 
analysis, based on at least four half-lives of the reaction. 

Reported rate constants and uncertainties reflect the average of three 

trials. 

Physical Measurements 

UV-visible spectra were recorded on Perkin-Elmer Lamba 5 or Cary 17 

spectrophotometers. Infrared spectra were acquired on a Beckman 

Acculab 8 instrument. 

23 
The Evans nmr method (Varian XL-100 spectrometer) was employed to 

determine the paramagnetic susceptibility of chromium in a 99% 

_2 
ethanolic solution containing 2.22 x 10 M H^CA equilibrated with 4.44 

_2 
X 10 M Cr(C10^)3. Magnetic susceptibility calculations were based on 

the ethanol CH^ proton resonance frequency (center line of triplet) in 
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the presence, and absence, of chromium. The sample temperature was 

determined by the method of Van Geet,^^ and correction was made for the 

diamagnetic susceptibility of the solvent.^^ Electron paramagnetic 

resonance spectra of powders and frozen solutions were obtained with a 

Varian E-109 spectrometer interfaced to a Hewlett-Packard 9835B 6 

microcomputer. 

Cyclic voltammograms were generated with a Bioanalytical System 

CV-IB apparatus, and output was obtained from a Hewlett-packard 7004 B 

X-Y recorder. A three electrode system was used, composed of a 

platinum wire or carbon paste working electrode and a platinum wire 

auxiliary electrode in conjuction with an aqueous saturated calomel 

reference electrode. Hydroxylethylferrocene (HEF) was used as 

an internal standard in calculating the potentials of the complexes. 

Frequent cleaning of the Pt working electrode or resurfacing of the 

carbon paste working electrode was necessary in order to obtain 

reproducible cyclic voltammograms of solutions. Both aqueous and 

ethanolic solutions, which were scanned more negatively than 0.00 

volts, were purged with N2 before the acquisition of voltammetric data. 

Isolation of a Solid from 

Ethanolic Solutions of IĴ  

Several approaches were examined towards the isolation of solids 

from dark green, concentrated ethanolic solutions of Cr(C10-)^'6H20 

equilibrated with H^CA in exactly 2:1 stoichiometric ratio. Solids 

were not obtained through the addition of cation precipitation reagents 

such as NaBPh. and N(n-C.HQ)^PFg in large excess. Slow evaporation of 
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ethanol gave a purple gum heavily contaminated with oxidation products. 

A solid with properties similar to the green parent solution was 

isolated following the rapid removal of most of the solvent at 50-60°C 

on a rotary evaporator. Residual water and ethanol were extracted from 

the resultant dark green oil by resuspension in benzene, followed by 

rotary evaporation of the solvent. Crystallization of the thick oily 

residue could not be induced by resuspension in chloroform, ethyl 

ether, or acetone, with subsequent cooling in an ice bath. 

Slow addition of ethyl ether to an acetone solution of the green 

complex saturated with NaBPh. gave a gummy green-brown precipitate. 

This solid was collected on a sintered glass filter and washed 

extensively with ether, affording the removal co-precipitated NaBPh. in 

a pale yellow supernatant. The resultant brown-green powder (III) was 

dried vn vacuo. Unfortunately, III could not be dissolved in water, 

methanol, ethanol, chloroform, or acetone, but did dissolve, with 

decomposition, in 0.1 M HCIO.. Analysis Calculated for 

Na^3Cr5(CA)2(0H)^3(H20)^7(C104)g {^r'^^^^H^^C^^^l\a^^O-^^): C, 6.02; H, 

1.98; Cl, 19.24; Cr, 10.85; Na, 12.48. Found: C, 6.05; H, 1.52; Cl, 

19.05; Cr, 10.91; Na, 12.07. IR (KBr pellet): 3400(s,br), 1610(m), 

1525(m), 1430(w), 1370(m), 1250(vw,sh), 1080(vs), 1100 and 1130(sh), 

940(w), 850 cm"-̂  (m). 

Synthesis 

Several attempts to synthesize and isolate 1:1 Cr:CA complexes with 

cis-K[Cr(en)2Cl2]Cl,^'' [Cr(NH3)5H20](C104)3,^^'^^ 

cis-K[Cr(ox)2(H20)2] and [Cr(H20)g](C104) were unsuccessful. The 
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chromium complexes were dissolved in water and a stoichiometric amount 

of chloranilic acid (to form the 1:1 complex) was added to the 

solution. The solutions were then heated between 50-60°C for three 

hours. Powder precipitates were obtained from these solutions directly 

or by reducing the volume of water. The analyses of the solids 

indicate that no simple 1:1 or 2:1 Cr-CA complexes (analyses were 

described earlier). The powders could be either polymers (with 

Cr-CA-Cr units) or chloranilate salts of the chromium complex. A 

better approach in synthesizing these Cr complexes probably would be to 

first make the CrCA"^ complex in solution, since the CrCA complex is 

very stable and does not undergo hydrolysis easily and then add the 

other ligands to the chromium atom. 



CHAPTER III 

RESULTS 

Acid and Anion Dependence of 

the Aquo Dimer Hydrolysis Rate 

The rate of hydrolysis of the aquo dimer is highly sensitive to the 

hydrogen ion concentration, as shown in Figure 1 for studies carried 

out at 25.0"C, 0.050 <, [H""] <, 1.0 M, and constant ionic strength of 

1.00 M (HClO^/LiClO^). These data demonstrate the existence of both 

acid-dependent and -independent pathways for hydrolysis: 

-d[((H20)5Cr)20^']/dt = (k^ . k^'[H^])[((H20)5Cr)20^"] (1) 

where k^ = (5 ± 2) x lO"^ s"^ and k^' = (1.61 ± 0.05) x 10"^ M"^ s"^ 

Thus, the predominant k^ pathway carries 97% of the hydrolysis 

reaction at [H"*"] = 1.0 M. 

Activation parameters associated with the k (AH = 22 ± 2 

kcal/mol,AS* = -5 ± 6 eu) and k^' (AH^ = 12.9 ± 1.5 kcal/mol, AS"^ = 

-28 ± 5 eu) were calculated from the Eyring plots shown in Figure 2. 

The rate law of equation 1 was found to pertain over the temperature 

range 15.6 - 55.3'C. The k and k,' values used in the activation 

parameter calculations were obtained from the linear least-squares 

analysis of k^^^-CH"^] profiles at 15.6, 25.0, 35.0, 44.4 and 55.3°C 

(Table 1). An attempt was made to better define k value through the 

extension of k u^-CH"^] profiles to acidities lower than 0.05 M. 

However, two complications were apparent in runs at [H ] ^ 0.01 M. 

18 
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10*k,^(s-') 

Figure 1. Acid dependence of the aquo dimer hydrolysis rate (25.0'C, I 

= 1.0 M (LiC104/HC104)). 
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Figure 2. Eyring plots corresponding to the ICQ (o) and 

^l' (O) hydrolysis pathway of the aquo dimer (I = 1.0 

M (LiC104/HC104)). 



Table 1. Rate Constants for the Hydrolysis of the 

y-Oxo-bis(pentaaquochromium(III)) lon.^' 

21 

Temperature('C) [H*](M) 

0.100 
0.550 
1.00 

0.050 
0.100 
0.250 
0.400 
0.550 

0.050 
0.100 
0.250 
0.400 
0.550 

0.050 
0.100 
0.250 
0.400 
0.550 

''' Wd(^"' 

0.174(0.007) 
0.502(0.02) 
0.88(0.02) 

0.265(0.004) 
0.64(0.07) 
1.35(0.02) 
1.9(0.1). 
2.4(0.5) 

0.70(0.02) 
1.16(0.04) 
1.98(0.03) 
2.70(0.04) 
4.0(0.7) 

2.23(0.01) 
2.63(0.05) 
3.64(0.02) 
5.0(0.2) 
6.4(0.3) 

15.6 

35.0 

44.4 

55.3 

^I = 1.0 M(LiC10^/HC104). 

'̂ Average deviations from the mean are given in parentheses. 
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First, significant differences in band positions and intensities were 

noted between spectra of (Cr(H20)5)20^"*' and the product of the complex 

I-Br2 reaction under these conditions. Thus, 443 nm asborbance changes 

would reflect, in part, the decay of some new reactant species 

(presumably derived from the aquo dimer by ionization of H^O ligands). 

Also, the induction period attributable to the complex I-Br^ reaction 

was so long at low acidities that first-order plots were nonlinear over 

more than 80% ofAA..3. Nonlinear first-order analytical plots were 

observed in runs above 55.3'C, preventing the extension of the Eyring 

plots in this direction. 

The rate of hydrolysis of the aquo dimer was found to be sensitive 

to the perchlorate concentration, as shown in Figure 3 for studies 

carried out at 25.0"C, [H"*"] = 0.550 M and 0.690 <. [ClO^"] ^ 4.59 M (see 

Table 2 for all the data in Figure 3). The data demonstrate that there 

is a first-order perchlorate term in the rate law. Therefore, the 

initial rate study at constant perchlorate concentration did not give 

the complete rate law. 

The rate enhancement shown in Figure 3 does not take into account 

the effect of varying ionic strength. If this rate enhancement was 

just an ionic strength effect, then one would expect to see saturation 

behavior in Figure 3. The saturation behavior can be understood by 

examining equation 2 (limited like extended Debye-Huckel theory): 

logk = logk^g^ + 2Z^ZgAlV(l + I ^ (2) 



23 

OM 1.0 2.0 3.0 
[cio;i (M) 

Figure 3. Perchlorate dependence of the aquo dimer 
hydrolysis rate where L1C104 O ) . NaC104 (a), 
Mg(C104)2 (O). Zn(C104)2 (A) and Al(0104)3 (O) 
(25.0*C, [HCIO4] = 0.550 M). 
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Table 2. Perchlorate Effects on the Hydrolysis of 

(H20)5CrOCr(H20)5^'' Ion.^»^ 

Salt [Salt](M) 

LiClO. 0.140 
^ 0.450 

0.960 
1.45 
1.46 
1.95 
2.45 

NaClO. 0.426 
^ 0.936 

1.44 
1.95 
2.45 
2.96 
3.46 
3.97 

Mg(C10.)5 0.330 
^ ^ 0.660 

0.990 
1.32 

Zn(C10,)« 0.250 
^ ^ 0.500 

0.750 
1.14 

Al (ClO-) . 0.200 
^ ^ 0.400 

0.600 
1.00 

^25 .0 ' ± O . r C , [HCIO4] = 0.550 M. 

'^Average deviations from the mean are given in parentheses. 

lO^'KM) 

0.690 
1.00 
1.51 
2.00 
2.01 
2.50 
3.00 
1.05 
1.56 
2.06 
2.57 
3.07 
3.58 
4.08 
4.59 
1.29 
1.95 
2.61 
3.27 
1.13 
1.65 
2.13 
2.91 
1.23 
1.83 
2.43 
3.63 

10' Wd(^"') 

0.7(0.1) 
0.9(0.1) 
1.2(0.5) 
1.59(0.04) 
1.77(0.05) 
1.99(0.04) 
2.3(0.07) 
1.30(0.03) 
1.6(0.4) 
2.04(0.09) 
2.42(0.04) 
2.81(0.05) 
3.01(0.09) 
3.6(0.1) 
3.7(0.1) 
0.908(0.003) 
1.49(0.04) 
2.13(0.07) 
2.6(0.3) 
1.34(0.05) 
1.8(0.1) 
2.14(0.05) 
2.8(0.2) 
1.35(0.09) 
1.72(0.01) 
2.7(0.1) 
3.4(0.1) 
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where k^^^ is the rate at zero ionic strength, Z^ and Zg are the 

charges of the two reacting molecules or atoms, A is a constant (A = 

0.509 for water at 25'C) and I is the ionic strength. When I^ becomes 

much greater than 1, the rate becomes independent of I. Since in 

Figure 3 we do not see saturation behavior, a specific perchlorate, not 

ionic strength, effect is indicated. Further evidence for this result 

is that plots of k^^^^^ v ^ I for all the salts listed in Table 2 do not 

fall on the same line. The rate studies were not carried out at 

constant ionic strength because every salt examined had some effect on 

the hydrolysis rate. 

Further rate studies with A1(C10.)3 at different hydrogen ion 

concentrations were used to determine the perchlorate term in the rate 

law. Linear first-order '<obsd"!^^^^4'^ profiles at 25.0°C, [H ] = 

0.100, 0.300, 0.550, and 1.00 M were obtained, giving non-zero 

intercepts (k' a perchlorate-independent rate constant [equation 3]) 

and slopes (k a first-order perchlorate-dependent rate constant). 

k' = k^ + k^CH^"] (3) 

The hydrogen ion dependence of k' is shown in Figure 4. The data 

demonstrate the existence of two pathways (see equation 3), where k^ is 

the predominant pathway. The hydrogen ion dependence of k shows 

saturation behavior, which indicates that the rate law is of the form 

in equation 4. 
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[H*] (M) 

Figure 4. Hydrogen ion dependence of the perchlorate-

independent pathway of the aquo dimer hydrolysis rate 

fZS.O'C). 
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k = ab[H"']/(l + bCH"]) (4) 

Rate terms of this form give linear 1/k vs^ l/EH""] plots (see Figure 

5). This plus Figure 4 demonstrates the existence of three pathways 

for hydrolysis: 

-d[((H20)5Cr)20^"']/dt = (k^ + k^CH*] + ab[H''][C10^]/(l + bCH*])) x 

[((H20)5Cr)20'^*] (5) 

where the third pathway carries 82% of the hydrolysis reaction at [H"*"] 

= 0.50 M and [ClO^"] = 0.50 M. This study shows that the k^' term in 

equation 1 is actually the sum of k, and ab terms in equation 5. 

Similar rate studies with NH.Cl and NH.Br at 25.0°C and various 

hydrogen ion concentrations demonstrate first-order terms in chloride 

and bromide. Linear first-order plots of l^oKcri'C^^"! "̂̂  '̂ obsd"'̂ '̂̂ "̂  

were obtained, giving slopes k. Similar linear l/k-l/[H ] plots for 

chloride and bromide are shown in Figure 5, which demonstrate that 

there are two pathways of the form given in equation 4. The intercept 

of the k . ^-rCl"] and k^. .-[Br"] profiles show that chloride and 
obsd "- oDsci *-

bromide-independent pathways exist. These rate terms are additive to 

the chloride and bromide rate terms. Since perchloric acid was used in 

these studies, the terms in equation 5 would be the additive terms. 

Therefore, the rate law for the hydrolysis now contains five terms (see 

equation 6). 
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1/[H*] (M-̂ ) 
Figure 5. Hydrogen ion dependence of the perchlorate-, chlor ide-, 

and bromide-dependent pathway of the aquo dimer hydrolysis rate 

25.0°C, CIO4" (O), c r D) and Br' (O)). 
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-d[((H20)5Cr)20^"]/dt = [k^ . k^[H'] + ab[H"][C104"]/(l . b[H"]) 

+ cd[H*][Cr]/(l + d[H^]) + ef[H*][Br"]/(l + f[H*])] 

X [((H20)5Cr)20^*] (6) 

The rate parameters were determined using a nonlinear least squares 

program (NLLSQ) which was written by CET Research Group, LTD. The 

NLLSQ program uses the Marquardt method in fitting the data. The data 

was fit to equation 7. 

^bsd = ^ * ît̂ ^̂ "̂  ^ ab[H"][C104"]/(l + b[H"]) 

+ cd[H''][Cr]/(l + d[H'"]) + ef[H''][Br"]/(l + f[H"']) (7) 

-5 -1 Since the k pathway is a minor pathway, k was fixed at 5 x 10 s . 

The value of k was obtained from the intercept in Figure 1. All of 

the other parameters in equation 7 were allowed to vary. The data was 

fit in this way, since all of the kinetic solutions contain perchloric 

acid. Thus, the first three terms in equation 7 will contribute to 

k u J. The initial value of each parameter was determined from the 
obsd 

data shown in Figures 4 and 5. The values of the rate parameters are 

given in Table 3. From these rate parameters and the concentration of 

chloride, bromide, perchlorate and hydrogen ion, '<Q^^^^ can be 

calculated. Tables 4, 5 and 6 contain both the calculated (^Q^I^^^,) and 
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Table 3. Rate Parameters for the Hydrolysis of the Aquo Dimer. a,b 

Rate Parameter Value 

pjl 

d,e 

'8 

10 

'11 
c,e 

5 ± 2) X 1 0 " ^ s ' ^ 

1 ± 1) X 1 0 " ^ M"-̂  s ' ^ 

2.0 ± 0.3) X 10""^ M"^ s"-̂  

1.6 ± 0 . 4 ) M 
- 1 

2 . 4 ± 0 . 3 ) X 10"-^ M"^ s"-^ 

1 .2 ± 0 . 3 ) M 
- 1 

3.0 ± 0.4) X 10"^ M"-̂  s'^ 

2 . 0 ± 0 . 5 ) M"^ 

- 3 - 2 - 1 
1 ± 1) X 10 "̂  M '̂  s ^ 

9 . 0 ± 0 . 2 ) X 1 0 " ^ M"^ s " ^ 

4 . 0 ± 0 . 2 ) X 1 0 " ^ M"^ s " ^ 

6 ± 1) M"-̂  s " ^ 

78 ± 1) s " ^ 

2 . 5 0 ± 0 . 0 3 ) X 1 0 ^ M"^ s " ^ 

4 ± 2) X 10^ M'^ s"-^ 

^25.0 ± o . r c . 

"^Standard deviat ions are given in parentheses. 

^I = 1.0 M (LiClO^/HClO^). 

^Data f i t by NLLSQ. 

^Constant [H""] = 0.550 M. 
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Table 4. Perchlorate Effects on the Hydrolysis of 

(H20)5CrOCr(H20)5'^^^»^ 

[H*](M) [C10,-](M) • 10^ ̂ bsd(^"') ''' W d c ( ^ " ' ) ' 

0.100 
0.100 
0.100 
0.100 
2.300 
0.300 
0.300 
0.300 
0.550 
0.550 
0.550 
0.550 
1.00 
1.00 
1.00 
1.00 

1.02 
0.857 
0.780 
0.643 
0.549 
0.429 
0.326 
0.214 
0.102 
0.050 

^25.0"C ± 

0.428 
0.818 
1.208 
1.598 
0.980 
1.58 
2.18 
3.38 
1.23 
1.83 
2.43 
3.63 
1.47 
1.86 
2.25 
2.64 

1.12 
1.00 
1.00 
1.00 
1.00 
1.00 
1.00 
1.00 
1.00 
1.00 

O.rc. 

0.22(0.005) 
0.33(0.009) 
0.45(0.02) 
0.63(0.03) 
0.82(0.02) 
1.2(0.02) 
1.6(0.09) 
2.5(0.04) 
1.4(0.09) 
1.7(0.01) 
2.7(0.1) 
3.4(0.1) 
2.1(0.3) 
2.4(0.01) 
3.0(0.1) 
3.3(0.1) 

1.6(0.02) 
1.5(0.08) 
1.3(0.07) 
1.1(0.05) 
0.91(0.05) 
0.74(0.03) 
0.55(0.009) 
0.45(0.01) 
0.23(0.02) 
0.099(0.005) 

0.18 
0.29 
0.40 
0.51 
0.73 
1.1 
1.5 
2.3 
1.4 
1.9 
2.4 
3.6 
2.0 
2.5 
3.0 
3.5 

1.6 
1.4 
1.3 
1.1 
1.0 
0.92 
0.78 
0.59 
0.35 
0.20 

^Average deviations are given in parentheses. 

^k u . calculated from the f i t t ed rate parameters, 
obsdc 
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Table 5. Chloride Effects on the Hydrolysis of the Aquo Dimer.^' 

[H*](M) 

0.100 
0.100 
0.100 
0.100 
0.100 
0.300 
0.300 
0.300 
0.300 
0.300 
0.300 
0.550 
0.550 
0.550 
0.550 
0.550 
0.550 
0.800 
0.800 
0.800 
0.800 
1.00 
1.00 
1.00 

^25.0 : 

[C10^"](M) 

0.174 
0.174 
0.174 
0.174 
0.174 
0.374 
0.374 
0.374 
0.374 
0.374 
0.374 

• 0.624 
0.624 
0.624 
0.624 
0.624 
0.624 
0.874 
0.874 
0.874 
0.874 
1.07 
1.07 
1.07 

t O . r c . 

[Cl'KM) 

4.00 
2.50 
2.00 
1.00 
0.500 
4.00 
3.00 
2.50 
2.00 
1.00 
0.500 
4.00 
3.00 
2.50 
2.00 
1.00 
0.500 
2.50 
2.00 
1.00 
0.500 
1.50 
1.00 
0.500 

''' Wd(^"') 

1.1(0.03) 
0.80(0.04) 
0.60(0.1) 
0.35(0.03) 
0.24(0.003) 
2.9(0.09) 
2.4(0.07) 
1.8(0.04) 
1.6(0.04) 
1.1(0.04) 
0.84(0.06) 
4.8(0.1) 
3.7(0.1) 
2.8(0.08) 
2.3(0.08) 
1.6(0.1) 
1.3(0.01) 
3.9(0.05) 
3.3(0.09) 
2.3(0.08) 
1.6(0.2) 
3.6(0.1) 
3.0(0.03) 
2.3(0.07) 

''' Wdc^^"')' 

1.2 
0.76 
0.63 
0.37 
0.24 
2.9 
2.3 
1.9 
1.6 
0.97 
0.65 
4.5 
3.6 
3.1 
2.6 
1.7 
1.2 
4.1 
3.5 
2.3 
1.7 
3.5 
2.8 
2.1 

"̂ Average deviations from the mean are given in parentheses. 

k̂ u ^ calculated from the fitted rate parameters, 
obsd 
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Table 6. Bromide Effects on the Hydrolysis of the Aquo Dimer.^' 

[H*](M) 

0.300 
0.300 
0.300 
0.300 
0.550 
0.550 
0.550 
0.550 
0.550 
0.800 
0.800 
0.800 
1.00 
1.00 
1.00 

^25.0 ± 

Average 

"̂ obsdc 

[C10^"](M) 

0.374 
0.374 
0.374 
0.374 
0.624 
0.624 
0.624 
0.624 
0.624 
0.874 
0.874 
0.874 
1.07 
1.07 
1.07 

O.rc. 

i deviations 

calculated 

[Br'KM) 

0.500 
1.00 
1.50 
2.00 
0.500 
1.00 
2.00 
2.50 
3.00 
0.500 
1.00 
1.50 
0.500 
1.00 
1.50 

from the mean 

from the fittec 

''' ^bsd(^"' 

1.0(0.09) 
1.2(0.04) 
2.3(0.08) 
2.6(0.05) 
1.0(0.08) 
1.9(0.3) 
3.7(0.3) 
4.5(0.2) 
5.6(0.1) 
1.9(0.08) 
3.1(0.06) 
3.9(0.1) 
2.4(0.2) 
4.0(0.1) 
4.3(0.1) 

are given in 

) 10^ •^obsdc^^ ^ 

0.88 
1.4 
2.0 
2.6 
1.5 
2.2 
3.8 
4.6 
5.4 
2.0 
3.0 
3.9 
2.5 
3.5 
4.5 

parentheses. 

1 rate parameters. 
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the experimental [^Q^^^] rate constants. A comparison of k̂ ^̂ ^̂  and 

"^obsdc ^^^^^ ^ ^°°^ quality fit of the data. 

Attempts to study the effects of other anions on the rate of 

hydrolysis were not as straightforward as perchlorate, chloride, and 

bromide. The effect of NH^HSO^ was studied in detail (see Table 7) but 

a good fit of the data to a rate law could not be found. Since HSO." 

can ionize, corrections were made in the hydrogen ion concentration. 

The effect of ionic strength on K^ for HSO," was assumed to be linear 
a 'i 

31 3? 

over the ionic strength range used in these studies. ' Therefore, 

K could be calculated from the ionic strength by successive 

approximations (since K^ is a function of ionic strength). Once K^ is 

a a 

known the concentration of hydrogen ion can be corrected for the 

ionization of bisulfate to sulfate. There are three possible reasons 

why the data could not be fitted. The first is that the rate law for 

bisulfate is not similar to the perchlorate, chloride and bromide 

pathways (other forms of the rate law were tried also). Secondly, when 

correcting the hydrogen ion concentration for the hydrogen ion produced 

from the ionization of bisulfate to sulfate larger errors may be 

introduced into the data. Finally, the NLLSQ program will be trying to 

fit eight parameters with five variables (see equation 8), which is 

difficult to accomplish with accuracy. 

W d = ^0 ' ^1^"'^ " ab[H"][C104"]/(l ^ b[H"]) 

+ gh[H*][S0/"]/(l + h[H*]) + ij[H*][HS04"]/(l + j[H^]) (8) 



35 

Table 7. Bisulfate Effects on the Hydrolysis Rate of the Aquo 

Dimer. a,b 

[H*](M)^ 

0.100 
0.100 
0.100 
0.100 
0.100 
0.100 
0.300 
0.300 
0.300 
0.300 
0.300 
0.550 
0.550 
0.550 
0.550 
0.800 
0.800 
0.800 
1.00 
1.00 
1.00 
1.00 

[H*]^(M)^ 

0.246 
0.410 
0.720 
0.867 
1.03 
1.34 
0.429 
0.576 
0.880 
1.03 
1.19 
0.661 
0.796 
1.09 
1.24 
0.900 
1.02 
1.16 
1.04 
1.09 
1.15 
1.21 

[C10^-](M) 

0.174 
0.174 
0.174 
0.174 
0.174 
0.174 
0.374 
0.374 
0.374 
0.374 
0.374 
0.624 
0.624 
0.624 
0.624 
0.874 
0.874 
0.874 
1.074 
1.074 
1.074 
1.074 

[HS0^"]^(M)^ 

0.500 
1.00 
2.00 
2.50 
3.00 
4.00 
0.500 
1.00 
2.00 
2.50 
3.00 
0.500 
1.00 
2.00 
2.50 
0.500 
1.00 
1.50 
0.250 
0.500 
0.750 
1.00 

''^ Wd(^"') 

2.2(0.1) 
2.7(0.2) 
3.3(0.3) 
3.8(0.1) 
6.2(0.9) 

12.2(0.5) 
1.90(0.07) 
2.32(0.03) 
3.9(0.1) 
4.19(0.02) 
5.9(0.2) 
1.80(0.09) 
2.4(0.1) 
3.3(0.3) 
4.1(0.4) 
2.5(0.2) 
3.2(0.1) 
3.90(0.03) 
2.92(0.07) 
3.2(0.3) 
3.7(0.2) 
4.4(0.1) 

^25.0 ± O.rc. 

^Average deviations for the mean are given in parentheses. 

^The [H""] from HCIO^. 

H + +^ ,,,+, - where K, has been corrected for the change 
^[H ] ^ = [H ] - [H ]ĵ so4 a 

in ionic strength (ref. 31,32). 

^The initial concentration of NH^HSO^ before it ionizes. 
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Kinetic studies with NH^I and NH^NCS were attempted at 25.0'C, [H.''] 

= 0.550 M, [NH^X] = 0.50, 1.0, and 2.0 M. These studies were 

unsuccessful because the expected AA^^3 for the hydrolysis of the aquo 

dimer was never observed. This can be explained by the formation of 

iodine and thiocyanogen, by the oxidation of iodide and thiocyanate,^^ 

instead of the formation of the aquo dimer (when bromine was added). 

Kinetic runs were also attempted by generating the aquo dimer (in 

acidic solution), then adding the ammonium salt to the solution. The 

UV cell was then placed in the instrument and the kinetic data 

collected. The absorbance of these solutions increased steadily with 

time. This result is still not clearly understood. A possible 

explanation may be in the formation of iodine and thiocyanogen by the 

excess bromine or reaction between the anion and benzoquinone. 

Chromatographic experiments were carried out at 5'C to verify the 

product or products of the aquo dimer hydrolysis reaction and also to 

detect, if possible, any long-lived reaction intermediates. Two 

different product solutions were studied by cation exchange 

chromatography. The first experiment was to take two separate product 

solutions (where the [H"*"] = 0.550 M and [LiClO^] = 0.450 M) and to 

dilute them approximately ten fold. The dilute solutions were applied 

to cation exchange columns. In the second chromatographic experiment 

the conditions of the reaction were changed so that most of the aquo 

dimer would undergo hydrolysis through the chloride assisted pathway 

(25'C, [Cl"] = 2.0 M, [HCIO4] = 0.10 M and [LiClO^] = 0.07 M). The 

purpose of this experiment was to determine whether Cr(H20)5Cl was 
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formed during the reaction. The reaction was allowed to proceed for 

one hour. At that time, the solution was diluted twenty fold. The 

dilute solution was then applied to a cation exchange column. In both 

experiments a single blue-violet band was observed upon elution of 

these columns with 0.5 M LiClO^/0.1 M HCIO^ solution. The product was 

identified as Cr(H20)g on the basis of its elution behavior and 

visible absorption maxima at 574 and 408 nm. No chromium remained on 

the column after the elution of Cr(H20)g . 

Cation Dependence of the 

Aquo Dimer Hydrolysis Rate 

The hydrolysis rate of the aquo dimer is sensitive to the presence 

of Cr(H20)g*^"', Fe(H20)g^'' and Ce(H20)g^''. The criterion for 

determining whether a cation had an effect on the hydrolysis rate was 

to plot k^^^^ vs_^ [ClO^"] (at 25'C, [H*] = 0.550 M) and if there was an 

effect, then the data would not fall on the line shown in Figure 3. If 

there were any additive cation pathways to those expressed in Figure 3 

(the three pathways in equation 5), then the slope of the k̂ ^̂ ^̂  vs^ 

[CIO.'] plot in the presence of the cation would be larger than what is 

shown in Figure 3. 

The Cr(H«0)g'^'^ dependence of the hydrolysis rate is shown in Figure 

6 for the studies carried out at 25.0°C and [H""] = 0.550 M. This data 

shows that the hydrolysis rate is second-order in Cr(H20)g "*". Since 

the data in Figure 6 gives a nonzero intercept, there are 

CrfHoO)^^'*'-independent pathways, which are the first three terms in 
^25 

equation 5. The hydrogen ion dependence of the Cr(H20)g term was 
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Figure 6. Cr(III) dependence of the aquo dimer hydrolysis 

rate (25.0'C. [H*] = 0.550 M). 
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obtained by studying the chromium dependence at [H"̂ ] = 0.100, 0.300, 

0.550, 0.840 and 1.00 M. Similar plots to the one in figure 6 were 

obtained at each hydrogen ion concentration. The intercepts of these 

plots were always in agreement with the expected rate due to the first 

3+ 2 
three terms in equation 6. The slopes of the k . . y_s^ [Cr(H20)g ] 

plots (defined as ^^^,^'/lCr{H^O)^^']^ where k^^^^' = k^^^^ - (k^ * 

k^[H''] + ab[H''][C10^']/(l + b[H"'])) were plotted vs_̂  [H""] to determine 

the hydrogen ion dependence. The acid dependence of 

^ b d'^^^^^^2^^6'^*^^ "̂̂  shown in Figure 7. Again there are 

acid-dependent and -independent pathways: 

•d[((H20)5Cr)20'^*]/dt = (k^ + kg[H"']2)[Cr(H20)g^^]^ x 

[((H20)5Cr)20'^*] (9) 

where the acid-dependent pathway is f i f th -order overall and the other 

pathway th i rd-order. 

The data was f i t to equation 10 using the NLLSQ program; k̂  was 

-5 -1 
f i xed , as before, at 5 x 10 s . 

k K . = k - k,[H"] - ab[H"][C10 • ] / ( ! - b[H"]) - k [Cr(H O)^^"]^ . 
obsd 0 i"- ^ 

k5[H^]2[Cr(H20)5^^]2 (10) 

The first three terms in equation 10 are neccessary since 
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[Cr(H20)g](C10^)3, a perchlorate salt , was used in this study. 

With this approach the data does not have to be corrected for the first 

three terms, preventing unnecessary propagation of errors to the final 

values of k^ and kg. The NLLSQ program gave similar values for k , k,, 

a and b as those reported in Table 3 (within the error limits), which 

demonstrates how the two chromium pathways are additive to the first 

three terms in equation 9. The values for kr and k^ are given in Table 

3. Table 8 contains the experimental values and the calculated values 

^ ° " ^bsd-

The effect of Fe(H„0)^ ^ on the hydrolysis rate was found to be 

quite different than the chromium effect. The data for Fe(H20)g 

demonstrates that the first three terms in equation 5 are no longer 

contribute in the presence of Fe(H20)g *. This can be understood by , 

comparing the rate for Fe(H20)g^'' (Table 9, page 44) with the A1(C10^)3 

data (Table 4). If the three pathways were still available in the 

presence of Fe(H20)3 , then k̂ ^̂ ^̂  (in the presence of Fe(H20)g ) 

could never be smaller than the value for k^^^^^ in the presence of 

A1(C104)3 (at the same [M̂ "̂"] and [H""]). This is not the case here. 

The rate law for the hydrolysis in the presence of Fe(H20)g "*" was not 

completely determined. A linear plot of k̂ ^̂ ^̂  vs_̂  [Fe(H20)g ] 

demonstrates the existence of a second-order iron-dependent pathway 

(equation 11). The intercept of the plot is within experimental error 

of zero, showing that there are no iron-independent pathways. 

^bsd = k7f^«("2°'6'*]'^(["^]' '̂ '̂ 
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3+ Table 8. Effect of Cr(H20)g'' on the Hydrolysis Rate of the 

Aquo Dimer.^' 

[ H * ] ( M ) 

0.100 
0.100 
0.100 
0.300 
0.300 
0.300 
0.550 
0.550 
0.550 
0.550 
0.550 
0.840 
0.840 
0.840 
1.00 
1.00 
1.00 

[ C 1 0 ^ - ] ( M ) 

0.990 
1.44 
1.89 
1.19 
1.64 
2.09 
1.14 
1.44 
1.74 
2.04 
2.34 
1.73 
2.18 
2.63 
1.89 
2.34 
2.79 

[Cr^*](M) 

0.200 
0.350 
0.500 
0.200 
0.350 
0.500 
0.100 
0.200 
0.300 
0.400 
0.500 
0.200 
0.350 
0.500 
0.200 
0.350 
0.500 

' ' ' ^ b s d ( ^ ' ' ) 

0.36(0.09) 
0.89(0.02) 
1.4(0.02) 
1.1(0.04) 
2.4(0.08) 
4.1(0.02) 
0.99(0.04) 
2.3(0.1) 
4.0(0.4) 
5.7(0.2) 
9.3(0.3) 
4.6(0.1) 

10.(0.3) 
19(1) 
4.9(0.2) 

14(1) 
27(0.9) 

lo' Wdc(^"')' 

0.42 
0.73 
1.1 
1.2 
2.3 
3.8 
1.4 
2.5 
4.3 
6.5 
9.4 
4.6 

10. 
19 
6.0 

17 
29 

^25.0 ± O.rc . 

'^Average deviations from the mean are given in parentheses. 

'obsdc 
were caculated from the f i t t ed rate parameters. 
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The value for k̂ f[H'*"] is given in Table 3 where [H""] = 0.550 M. This 

is quite different from the [Cr(H20)g](C104)3 effect on the hydrolysis 

rate. 

The effect of Ce(H20)g^'*" on the hydrolysis rate of the aquo dimer 

was studied because of the observation of Holwerda and Petersen. They 

'20)6" 
observed that cerium (III) stabilizes the aquo dimer. With Ce(H«0) "̂̂  

the hydrolysis rate decreases with increasing Ce(H20)g concentration 

for rate studies at 50.0°C and [H*] = 0.550 M (see Table 10). This 

indicates an inverse order rate dependence on Ce(H20)g . The complete 

rate expression for Ce(H20)g was not determined because it could be a 

function of [H""] and [ClO^"] as well as [Ce(H20)g^''].' 

E-ffec-ts of Reducing Agents 

on the Hydrolysis Rate 

The rate of hydrolysis can be strongly increased when a small 

amount of ascorbic acid is present. Thus, a complete rate study was 

obtained of ascorbic acid's effect on the hydrolysis rate. A linear 

plot of k^^^^ vs^ [ascorbic acid] (at 25.0'C, I = 1.0 M (LiClO^/HClO^), 

[H"^] = 0.550 M and 0.001 < [ascorbic acid] < 0.10 M) demonstrates the 

first-order dependence on ascorbic acid in the rate law. The 

intercept of this plot is very small, indicating that essentially all 

of the aquo dimer undergoes ascorbic acid-assisted hydrolysis (the 

intercept is within experimental error of zero). Additional rate 

studies at 25.0'C, constant ascorbic acid concentration, I = 1.0 M 

(LiClO./HClO,) and varying hydrogen ion concentration (0.10 <. [H"^] < 

1.0 M) show an inverse hydrogen ion dependence. A linear plot of 
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Table 9. Effect of Fe(H20)g'^'' on the Hydrolysis Rate of the Aquo 

Dimer.^'^ 

[H*](M) [C104"](M) [Fe^*](M) 10^ k 
obsd (s-l) 

0.550 
0.550 
0.550 
0.550 
0.550 
0.550 

25.0 ± O . r c . 

1.14 
1.44 
1.74 
2.04 
2.34 
2.76 

0.100 
0.200 
0.300 
0.400 
0.500 
0.640 

0.09(0.01) 
0.15(0.01) 
0.29(0.02) 
0.60(0.03) 
1.10(0.03) 
1.6(0.1) 

Average dev iat ions from the mean are given in parentheses. 

3+ Table 10. Effect of Ce(H20)g on the Hydrolysis Rate of the Aquo 

Dimer.^'^ 

3+. 
[H ](M) [CIO4 ](M) [Ce^ ](M) ''' ^bsd(^"') 

0.550 
0.550 
0.550 
0.550 

50.0 ± O . r c . 

0.774 
1.07 
1.37 
1.97 

0.050 
0.150 
0.250 
0.450 

11(1) 
7.8(0.1) 
5.5(0.2) 
0.35(0.02) 

^Average dev ia t ions from the mean are given in parentheses. 
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'^obsd ^ ^ ^^ ^ shows that the rate law contains two terms, an inverse 

first-order hydrogen ion-dependent pathway and a hydrogen 

ion-independent pathway. The rate law corresponding to these pathways 

is shown in equation 12. 

•d[((H20)5Cr)20^"']/dt = (k3[ascorbate]^Q^ + kg[ascorbate]^Q^/[H'']) x 

[((H20)5Cr)20'^*] (12) 

The values of kg and kg are given in Table 3 (data is given in Table 

11). 

Activation parameters associated with kg (AH^ = 12.1 ± 0.5 

kcal/mol, A S ^ = -9 ± 1 eu) were calculated from an Eyring plot (over 

the 15.4 - 35.9'C temperature range). The kg term was assumed to be a 

minor contributor to the overall hydrolysis rate (4% of the overall 

hydrolysis rate at 25.0'C, [H""] = 0.550 M and [ascorbic acid] = 0.010 

M). The rate law in equation 12 was assumed to pertain over the entire 

temperature range used in this study. These assumptions are reasonable 

since a linear Eyring plot was obtained. If these assumptions were not 

reasonable, then the Eyring plot would not be linear. The kg values 

used in the calculation were calculated from k • ., [H ] and [ascorbic 

acid] fko = k u ^rH'^]/[ascorbic acid]; the data is in Table 11). Since 
-' ^ 9 obsd'- J 1- J 

ascorbic acid can act as a chelating ligand, additional rate studies 

with catechol and oxalic acid were performed to see if other chelating 

ligands enhance the hydrolysis rate. The kinetics were carried out at 
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Table 11. Effect of Ascorbic Acid on the Hydrolysis Rate of the Aquo 

Dimer.^'^ 

Temperature('C) [H''](M) [Ascorbic Acid](M) "^obsd^ '̂̂ ) 

25.0 

25.0 

15.4 
19.7 
31.3 
35.9 

^I = 1.0 M (LiClO^/HClO^) 

0.550 
0.550 
0.550 
0.550 
0.550 
0.550 
0.550 
0.550 
1.00 
0.800 
0.700 
0.400 
0.250 
0.100 
0.550 
0.550 
0.550 
0.550 

0.100 
0.060 
0.030 
0.010 
0.010 
0.0060 
0.0030 
0.0010 
0.010 
0.010 
0.010 
0.010 
0.010 
0.010 
0.010 
0.010 
0.010 
0.010 

14.2(0.2) 
8.64(0.08) 
4.44(0.06) 
1.49(0.02) 
1.57(0.08)^ 
0.97(0.01) 
0.50(0.002) 
0.19(0.01) 
0.84(0.002) 
1.00(0.01) 
1.19(0.01) 
1.97(0.09) 
3.29(0.07) 
7.9(0.1) 
0.75(0.03) 
1.16(0.01) 
2.38(0.01) 
3.28(0.02) 

^Average deviations from the mean are given in parentheses. 

^The solutions were not purged. 
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[H""] = 0.550 M and [LiClO^] = 0.450 M so that the reaction rates could 

be compared to earlier work. The values of k . . from this study are 

_3 
in Table 12 and may be compared with the value of k . . (0.91 x 10 

s" ; from Table 4) without a chelating ligand present. These 

experiments indicate that chelating ligands do not greatly enhance the 

hydrolysis rate of the aquo dimer. 

Studies with chromium (II) were performed since chromium (II) is a 

well known inner-sphere reducing agent. The hydrolysis rate shows 

great enhancements in the presence of chromium (II) (Table 13). Plots 

°^ k u u vs_^ [Cr(II)] are linear for studies carried out at 25.0'C, I = 

1.0 M (LiClO^/HClO^), [H""] = 0.100, 0.550 and 1.00 M and 0.30 < 

[Cr(II)] < 9.3 mM. These plots demonstrate that the hydrolysis rate is 

first-order in chromium (II) and that there are no competitive chromium 

(Il)-independent pathways since the intercepts are essentially zero 

(within the error limits of zero). The chromium (II) dependences at 

[H""] = 0.100, 0.550 and 1.00 M show a zeroth-order hydrogen ion 

dependence (Table 13), since all the plots of k^^^^ vs^ [Cr(II)] have 

the same slopes. The complete rate law is given in equation 13: 

-d[((H20)5Cr)20'^*]/dt = k^Q[Cr(II) ][ ((H20)5Cr)20^'] (13) 

where the value of k^Q is given in Table 3. 

Activation parameters for the k^^ term (AH* = 6.0 ± 0.5 kcal/mol, 

AS* = -17 ± 6 eu) were calculated from an Eyring plot where [Cr(II)] = 

0.90 mM, [H^] = 0.550 M, I = 1.0 M (LiClO^/HClO^) and 16.0 - 36.7'C 
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Table 12. Effects of Chelating Ligands on the Hydroylsis Rate of the 

Aquo Dimer.^' 

Chelate [H*](M) 10^ ^bsd^'"^) 

[Catechol](mM) 0.99 0.550 1.28(0.02) 
[Oxalic Acid](mM) 1.1 0.550 0.72(0.02) 

^25.0 ± 0.1'C; I = 1.0 M (LiClO^/HClO^). 

Average deviations from the mean are given in paratheses. 
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Table 13. Effects of Chromium ( I I ) on the Hydrolysis Rate of the 

Aquo Dimer.^' 

Temperature('C) 

25.0 

[H^](M) 

0.100 

0.550 

1.00 

0.550 

[Cr2*](M) 

0.0093 
0.0053 
0.0023 
0.0015 
0.00090 
0.00030 
0.0093 
0.0053 
0.0023 
0.0015 
0.00090 
0.00030 
0.0093 
0.0053 
0.0023 
0.0015 
0.00090 
0.00090 
0.00090 
0.00090 
0.00090 

Wd(^"') 

230(7) 
136(0.6) 
60.6(0.1) 
36.6(0.3) 
24.4(0.06) 
7.4(0.3) 

230(6) 
131(1) 
57.9(0.6) 
36.2(0.9) 
18.4(0.3) 
6.6(0.4) 

236(4) 
141(0.6) 
62.8(0.5) 
42.3(0.4) 
20.5(0.4) 
35(1) 
31.4(0.1) 
21(1) 
6.5(0.7) 

36.7 
31.0 
22.4 
16.0 

^I = 1.0 M (LiClO^/HClO^). 

'̂ Average deviations from the mean are given in parentheses. 
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temperature range. The rate law (equation 13) was assumed to pertain 

over the temperature range used in this study (see Table 13 for data). 

This is a reasonable assumption because the Eyring plot is linear over 

the temperature ranged studied. The Eyring plot would not be linear if 

our assumption was not valid. 

Since chromium (II) is a well known inner-sphere reducing agent we 

also looked at an outer-sphere reducing agent, Ru(NH.,)g . With 

Ru(NH3)g , the reducing electron comes from a -rr-symmetry, t2 orbital, 

whereas in chromium (II) the electron comes out of the e (o) orbital. 

These differences may yield information about the reduction process. 

For example, what the symmetry is of the aquo dimer's accepting orbital 

and whether the reduction is an inner- or outer-sphere process. The 

rate of hydrolysis of the aquo dimer is also enhanced by Ru(NH..)g as 

a reducing agent. The hydrolysis reaction rate was too fast to measure 

on a stopped flow instrument with •[Ru(NH3)g *] > 1.0 mM. Therefore a 

2+ 

complete rate study with Ru(NH.,)g could not be carried out on the 

stopped flow. The data in Table 14 shows the magnitude of the rate 

constant of the Ru(NH3)g pathway. If the assumption is made that 

Ru(NH..)ĝ '*" term is similar to chromium (II) term in equation 13: 

-d[((H20)5Cr)20'^^]/dt = k^^[Ru(NH3)g^^][ ((H20)3Cr)20^^] (14) 

then the value of k,, (see Table 3) can be compared with the value of 

k,„ (chromium (II) pathway). With this assumption, we obtain a rate 

constant that is approximately ten times greater than that of the 



51 

Table 14. Effects of Ru(NH3)g^'' on the Hydrolysis Rate of the Aquo 

Dimer.^'^ 

[H^](M) 2+. 
[Ru(NH3)g^ ](M) 'obsd (s-l) 

0.550 
0.550 

0.0005 
0.0010 

200(30) 
400(50) 

^25.0 ± 0.1'C; I = 1.0 M (LiClO^/HClO^). 

'Average deviations from the mean are given in parentheses. 
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chromium (II) pathway (see Table 3). 

A chromatographic experiment was carried out (at 25'C) to determine 

the products of the reductant-catalyzed pathways. A 25 mL solution of 

the aquo dimer ([aquo dimer] = 0.75 mM and [H""] = 0.10 M) was purged 

(for approximately 45 min.) with nitrogen to remove all the oxygen. A 

two- fold excess of chromium (II) was added to the aquo dimer solution 

using a gas-tight syringe. After 5 minutes the solution was diluted 

three fold and applied to a cation-exchange column. Two bands were 

observed upon elution of the column with 0.5 M LiClO./O.l M HCIO.. The 

first band, which was blue-violet, was identified as Cr(H20)g^'^ on the 

basis of its elution behavior and visible absorption maxima at 574 and 

2 
408 nm. The second and smaller band was a light green color and was 

eluted with 1.0 M LiClO^/0.10 M HCIO^ eluting solution. This band 

could not be identified because there was so little present. This band 

4+ 
could have been a small amount of complex I or (H^O).Cr(0H)2Cr(H20)^ , 

32 which can be formed from chromium (II) and oxygen in acidic solution. 

A calculation of how much of (H20)^Cr(0H)2Cr(H20)4^"' would be formed 

from the excess chromium (II) was not performed, because the exact 

concentration of chromium (II) was not known after the reduction of the 

aquo dimer and the excess Br2 (used to convert complex I to aquo 

dimer). 

Electrochemical Measurements 

on the Aquo Dimer 

Stock solutions of complex I were prepared as described by Holwerda 

and Petersen.^ The stock solution used for cyclic voltammetry was 
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freshly collected off a column. Cyclic voltammograms of 1.0 mM 

solution of complex I were recored at 25.0'C in aqueous 0.1 M LiClO. 

and 0.010 M HCIO^ (CP working electrode and SCE reference). The cyclic 

voltammogram was recorded by scanning cathodically first (see Figure 

8). During the first cathodic sweep no reduction peaks are observed. 

During the anodic sweep an oxidation peak is observed at 0.81 ± 0.01 V 

(vs. SHE). When the sample is again scanned cathodically a reduction 

peak is now observed at 0.19 ± 0.01 V ( y ^ SHE), which has been 

identified as the reduction of benzoquinone. The two peaks were 

identified by letting the solution of complex I undergo hydrolysis to 

Cr(H20)g and hydroquinone (a small concentration of benzoquinone is 

present from the oxidation of hydroquinone) as reported by Holwerda and 
2 

Petersen. The cyclic voltammogram of this solution has an E„^ = 0.82 
pa 

± 0.01 V and E = 0.19 ± 0.01 V (vs. SHE), which demonstrates that the 
pc ^ ' 

peaks observed in complex I's cyclic voltammogram are due to 

hydroquinone (H^Q) and benzoquinone (BQ). A reduction peak for the 

aquo dimer was not clearly observed in this experiment. This indicates 
that the E for the aquo dimer is similar to the E_^ of BQ and cannot pc ^ pc 

be distinguished, or that the concentration of the aquo dimer is too 

small or that the aquo dimer is not electroactive. 

Since the cyclic voltammogram of the aquo dimer could not be 

observed in the cyclic voltammogram of complex I, a different approach 

was attempted to obtain the voltammogram. The new approach was to 

oxidize the complex with Br2 or MnO^" to obtain the aquo dimer and then 

remove the interfering benzoquinone using a cation-exchange column. 
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1.00 .800 .600 ^00 .200 
E CV vt SHE) 

Figure 8. Cyclic voUammogram of 1.0 mM complex I in aqueous 0.1 M 

LiC104 supporting electrolyte, [H*] = 0.010 M, ZS.O'C, sweep rate 

of 50 mV/s. carbon paste (cp) working electrode and aqueous 

saturated calomel reference electrode. 
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The complex I stock solution was 1 day old and was stored frozen in 

liquid nitrogen. The aquo dimer was eluted with 1.0 M LiClO./O.Ol M 

HCIO^ solution and the cyclic voltammogram was obtained from this 

solution. In this cyclic voltammogram, the solution was scanned 

cathodically first and an E was observed at 0.47 ± 0.01 V (vs. SHE, 
pc —— 

Figure 9). The first anodic scan shows two broad peaks. The second 

cathodic scan has two reduction peaks. The first peak was still at 

0.47 ± 0.01 V and the second peak was at 0.18 ± 0.01 V (vs_̂  SHE). The 

second anodic scan had a well defined oxidation peak at 0.82 ± 0.01 V 

(vs. SHE). 

The peaks which appear in the second cathodic and anodic sweeps are 

at the same potential as those in the voltammogram of complex I, 

indicating that complex I is present in the solution. The UV spectrum 

of the solution, which was allowed to hydrolyze, indicates the presence 
35 3fi 

of BQ and H2Q by absorption peaks at 246 and 288 nm , respectively. 

The concentration of BQ was 7.0 x 10"^ M (X243 = 2.18 x lo"* M"-̂  cm"-^)^^ 

and H2Q was 1.5 x lO"^ M (X288 = 2.30 x 10"̂  M"^ cm""^).^^ The sum of 

the BQ and H^Q concentrations account for 50% of the total quinone 

present in I. This indicates that the voltammogram reported in Figure 

9 is mainly due to complex I (as in Figure 8) and that there was not 

enough oxidant present to completely convert complex I to aquo dimer. 

The reduction peak, E = 0.47 V, was probably caused by some 
pc 

electochemical impurity obtained from the oxidation of the Sephadex 

resin. If the resin was in fact oxidized, this could explain why only 

half of complex I was converted to the aquo dimer. The cyclic 
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1.220 1.020 0.820 0.620 0.420 
E (V vt SHE) 

0.220 0.020 

Figure 9. Cyclic voltammogram of 0.4 mM aquo dimer and 0.07 M 

benzoquinone in aqueous 0.1 M LiClO^ supporting e lectro lyte, 25.0'C, 

sweep rate of 50 mV/s, [H*] « 0.001 M, carbon paste working electrode 

and aqueous saturated calomel reference electrode. 
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voltammogram of the aquo dimer was not found in this experiment because 

of the electroactive impurities present. Therefore, a different 

approach is required to find the reduction peak of the aquo dimer. 

Since Cr and Ce * convert complex I to the aquo dimer without 

oxidizing the H2Q (observation made by Holwerda and Petersen)^, a 

cathodic scan of the aquo dimer produced by this method would not 

contain any E due to the reduction of BQ. Any peak observed should 

be that of the aquo dimer or the aquo dimer interacting with the Cr̂ "*" 

or Ce present. Cyclic voltammograms of 0.2 mM aquo dimer were 

recorded at 25.0'C in aqueous Cr(C10^)3 or Ce(C10^)3 and aqueous HCIO^ 

(Figure 10). The voltammograms were obtained by scanning cathodically 

first and not scanning anodically to potentials greater than 0.640 V 

(vs. SHE). This approach prevented oxidation of H2Q which would have 

produced unwanted BQ. 

The results of the aquo dimer cyclic voltammograms generated with 

chromium (III) and cerium (III) at different metal ion and hydrogen ion 

concentrations are presented in Table 15. The data demonstrate that 

the cathodic peak potential is not dependent on whether chromium or 

cerium is used to generate the aquo dimer. There also is no hydrogen 

ion dependence of E , which proves that the reduction peak observed is 

not the reduction of BQ. There was no anodic peak observed in this 

cyclic voltammogram, which indicates that the reduced form of the 

aquo dimer is unstable. An analysis, based on equation 15, for a 

reversible wave,^^ involves only the cathodic current-potential curve; 

El and i^ represent the half-wave potential and diffusion current 
2 0 
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2//A 
f 

.630 .430 .230 
E (V vs SHE) 

.030 

Figure 10. Cyclic voltammogram of 0.2 mM aquo dimer in 

aqueous 0.010 M 06(0104)3 supporting electrolyte, [H*] * 

0.10 M, 25.0*0, sweep rate of 50 mV/s, carbon paste 

working electrode and aqueous saturated calomel reference 

electrode. 
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Table 15. Electrochemical Results for the Reduction of the Aquo 

r, • a.b.c Dimer. ' ' 

Metal 

Ce^* 

Cr^* 

[M](M) 

0.010 

0.010 
0.10 
0.10 
0.10 

[H^](M) 

0.10 

0.10 
0.10 
1.0 
0.025 

^ c ( ^ ) 

0.40 ± 0.02 

0.42 ± 0.02 
0.39 ± 0.02 
0.40 ± 0.132 
0.42 ± 0.02 

^25.0 ± 0.1'C. 

SCE reference electrode and carbon paste working electrode. 

^E«^ is given relative to SHE. 
pc ^ 
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respectively (R-gas constant, T-temperature, n-number of electrons 

involved in the process and F-Faraday's constant). 

E = E, + (RT/nF)ln[(i^ - i)/i] (15) 

Excellent l inear E vs^ " ' " [ ( i ^ - i ) / i ] plots were obtained with a slope 

average of 59 ± 6 mV which is in good agreement with that expected for 

a one-electron reduction (59mV) and intercept (EJ of 0.52 ± 0.01 V 
2 

(vs. SHE). If this reduction peak was due to the reduction of 3Q, the 

slope of the E v ^ "̂[(''(j " ''̂ '̂'̂  P^°^ mul^ have been 30 mV (RT/nF 

equals 30 mV when n = 2 and T = 298'K). Therefore this peak is the 

reduction of the aquo dimer. 

UV-visible Spectrophotometric 

Titration of th^ Gr-CA Complexes 

A UV-visible spectrophotometric titration was carried out by mixing 

various Cr(III) concentrations (0.025 - 1.00 mM) with 0.10 mM H2CA in 

99% ethanol. A rapid (complete within 30 min.) color change from 

orange to purple (complex IV) was noted in all cases. In solutions 

containing larger than a 1:1 mole ratio of Cr to chloranilate, 

subsequent slow formation of a yellow-green product (V) was observed at 

room temperature. Although color development was nearly complete 

within one day, spectra were recorded two weeks after mixing to insure 

that equilibrium had been reached. 

In the region: [Cr]/[CA]^Q^ = 0.25 - 1.00, decreases in 300 nm 

absorbance of H2CA were accompanied by increases in 330 and 501 nm 
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absorbance of the purple complex. As this ratio was varied from 1.00 

to 6.00, the 330 and 501 nm bands were replaced by a series of intense 

transitions at 300, 355, 428, 494, 600 654 nm (Figure llA). Finally, 

as the ratio was increased from 6.0 to 10.0, further very small 

absorbance increases could be attributed to excess, unreacted Cr(III). 

No electronic absorption bands were observed between 800 and 2000 nm. 

Plots of A;̂  vs_^ [Cr] at 300, 330, 458, 494 and 654 nm were 

constructed in order to derive the stoichiometries of the purple and 

yellow-green complexes from the spectrophotometric data. The 330, 494 

and 654 nm results are indicated by the discontinuity points in these 

diagrams, as measured by the intersection of linear least squares 

lines which fit the A^ - [Cr] profiles at low, intermediate, and high 

chromium concentrations. Table 16 presents UV-visible spectral data 

for IV and V along with Cr/CA ratios (R) based on these discontinuity 

points. At 300 nm the absorbance decreases sharply to a minimum at R = 

2 and then increases very slowly at higher [Cr]. We conclude, 

therefore, that 2 Cr atoms per H2CA molecule are required to achieve 

full reduction of chloranilic acid. 

The clear maximum in 330 nm absorbance and 458, 494 nm 

discontinuity points at R = 1 demonstrates that IV is a 1:1 complex of 

Cr(III) with chloranilic acid (Figure 12). Well-defined second break 

points at R = 2.5 are seen in the titrations at 458 and 494 nm, the 

wavelengths where absorbance is most sensitive to complex V 

concentration. To within experimented error, the 654 nm data support 

the R = 2.5 assignment; a somewhat lower value is apparent from the 
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Table 16. UV-visible Spectral Data.^ 

Complex 
max("^) 

330 

501 

300 

355 

428 

458 

494 

600 

654 

(m"^ cm"^^ 

1.64 X 10^ 

1.3 X 10-̂  

7.5 X 10^ 

6.5 X 10-̂  

2.3 X 10^ 

6.0 X 10^ 

1.71 X 10^ 

6.1 X 10^ 

1.2 X 10"̂  

R̂  

0.97(0.07),2.3(0.2) 

1.96(0.14) 

1.12(0.04),2.54(0.04) 

1.03(0.11),2.55(0.04) 

2.42(0.13) 

IV 

a 99% ethanol, ambient temperature. Complex V extinction coefficients 

derived from a 0.10 mM CA, 0.60 mM Cr(III) solution (Figure 11), 

correcting for the background absorbance of excess Cr(III). 

Expressed per mole of CA 

^Cr/CA stoiciometric ratios derived from spectrophotometric 

titration (see text). Standard deviations are shown in parentheses. 
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0.2 0.4 0.6 
[Cr] (mM) 

Figure 12. Spectrophotometric titration 

of chloranilic acid with Cr(C104)3 in 99% 

ethanol. [CA]|.Q^ = 0.10 mM, room 

temperature, 1 cm path length. 
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second break point at 330 nm, where absorbance is more sensitive to 

[IV]. We conclude that the thermodynamically-favored redox product 

contains 5 Cr atoms per 2 molecules of reduced chloranilic acid when 

large excesses of Cr(III) over H2CA are present. In this, we differ 

from the R = 2(2.13) spectrophotometric titration result of Linck and 

Taube.^^ 

Cation Exchange Chromatography 

of the CrCA Complexes 

Cation exchange experiments were carried out to determine the 

products of the Cr^'^(aq)-H2CA reaction, the oxidation products of V, 

and to explore the existence of a 2:1 Cr(III)-reduced chloranilate 

12 
(CA ) complex, as previously reported. Anaerobic aqueous 

chromatography of an ethanolic solution initially containing Cr(III) 

and HpCA in exactly a 2:1 mole ratio clearly confirmed the existence of 

such a Cr^CA * species (see Experimental Section). 

A yellow-green product with visible absorption peak positions and 

relative intensities quite similar to those of II and V was obtained 

from the anaerobic, stoichiometric reduction of H2CA by Cr ^(aq) in 

12 
0.1 M HCIO., confirming the work reported earlier. All visible peaks 

(425, 454, 489, 529 and 644 nm) are slightly blue-shifted relative to 

those of CA complexes generated in ethanol. The remarkable similarity 

between these spectra and that of the chloranilate semiquinone 

trianion radical in 6 M NaOH (Figure IIB; X^^^ 422, 447, 476 nm) should 

also be noted. Unlike II and V in ethanol, the chromous-generated 

Cr^CA^"^ product in 0.1 M HCIO. is highly susceptible to aerobic 
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disappeared within several hours after exposing a sample to air, and 

were replaced by the 330 and 501 nm bands characteristic of IV. 

Isosbestic points at 358, 514 and 588 nm pertained throughout this 

aerobic decay. The identity of the chromium products was established 

through chromatography of a partially oxidized sample. In order of 

elution by 0.5 M LiClO^/0.1 M HCIO^, well-separated purple (IV), 

yellow-green (reactant), and blue-violet (Cr(H20)g^"*") bands were 

isolated and identified from their UV-visible spectra. A minor 

gold-brown fraction (((H20)5Cr)20^'')^ was eluted after Cr(H20)g"^'', 

2+ accounting for a pronounced 440 shoulder in the Cr (aq)-H2CA product 

spectrum which has no equivalent in those of II, V and chloranilate 

semiquinone. As anticipated from our rate studies of the acid 

4+ hydrolysis of ((H20)rCr)2 (work described earlier), the decay of this 

440 nm feature was substantially slower than that of the other major 

400 - 500 nm bands. 

Ethanolic V treated with sufficient Br2 to fully oxidize the 

chloranilate moiety was subjected to chromatography in order to 

determine whether binuclear complexes of the benzoquinone (CA ) could 
U A 

be isolated. The l i gh t olive-green product mixture, containing 0.57 

mmole Cr and 0.20 mmole CA, was di luted with water and applied to a 20 

X 2.5 cm column. Upon elut ion with 0.5 M LiClO^/0.01 M HCIO^, a l l of 

the chlorani late emerged as IV; there was no evidence for the presence 

Of a CroCA "̂̂  species, which should elute well behind the Cr(H^O). 
2 ox '̂  ^ 0 

fraction. 
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Magnetic and Electrochemical Measurements 

The gram paramagnetic susceptibility of chromium in a 99% ethanolic 

-4 
solution of binuclear complex II was found to be (1.17 ± 0.03) x 10 

c.g.s. units (298.2'K), corresponding to an effective magnetic moment 

of 3.81 ± 0.05 B.M.. The epr spectrum of the solution used in the 

magnetic susceptibility measurement at 100 K showed a single, 75 6-wide 

resonance at g = 1.97. Both room temperature and 100 K epr spectra of 

compound III (powder) showed very broad (450 6 line width) signals at g 

= 1.98. The insolubility of III prevented its characterization in 

solution. We note, however, that the transient absorption spectrum of 

III in 0.1 M HCIO^ is similar to those of the other Cr-CA^ complexes, 

with sharp peaks at 497 and 460 nm. Acid catalysis rather than aerobic 

oxidation is responsible for the rapid decay of III in HCIO^ media, as 

decomposition was found to be complete within 1 minute in anaerobic 1 M 

HC10-. The decay products, characterized by ultraviolet features at 

265(sh), 276, 285, 327 and 340(sh) nm, have not yet been identified. 

Cyclic voltammograms of 2.2 mM complex II were recorded at 25.0'C 

in 99% ethanol (0.1 M (n-C^Hg)4NC104 supporting electrolyte), aqueous 

0.1 M NH.CIO, (10% ethanol), and aqueous 0.1 M HCIO^ (10% ethanol). 

Samples examined were from the same stock solution used in the 

spectrophotometric, magnetic,and chromatgraphic studies. 

Quasi-reversible cyclic voltammograms were observed for II in 99% 

ethanol, within the range 50 - 400 mV/s (Figure 13). Large 

peak-to-peak separations were found, ranging from 197(50 mV/s) to 315 

(200 mV/s). No anodic peak was resolved at sweep rates faster than 200 



6.9 

1.0 0.8 0.6 0.0 0.2 0.4 0.2 
E(V V8. SCE) 

Figure 13. Cyclic voltammogram of 2.2 mM complex II in 

99% ethanol, 0.1 H (n-04H9)4N0104 supporting 

electrolyte, 25.0*0, Pt wire working and aqueous 

saturated camlomel reference electrodes. Sweep rates 

(mV/s); A 50, B 100, 0 150, D 200, E 250, F 300, G 350, 

H 400. 
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mV/s. An apparent reduction potential of +0.49 V vs_̂  SCE, independent 

of sweep rate could be calculated as (E + E )/2 from the 50. 100, 
pa pc' 

150 and 200 mV/s data. The i /i ratio at 50 mV/s, calculated by the 

method of Nicholson,^° is 0.9 ± 0.1. Direct measurement of the anodic 

current baseline was not possible, as another anodic process, 

presumably oxidation of Cr(III) to Cr(VI), ensues at applied potentials 

more positive than +0.8 V v-s. SCE. A plot of i^^ vs. i/̂  is linear, as 
— — p a •• • ' 

expected for a reversible wave but the intercept is not at zero 

current. 

The calculat ion of E' as (E + E )/2 is highly questionable 

because view of the large sweep rate-dependent peak-to-peak separations 

and apparent tendency of the I I oxidation product to decompose into IV 

and Cr(H20)g . The values of Ei were determined by the relat ionship 

expressed in equation 15. With a freshly-cleaned Pt working electrode, 

anodic l inear sweep voltammograms yield excellent l inear E V;S_̂  ^"^C^cl ~ 

i ) / i ] plots with slope of 32 ± 1 mV, in good agreement with that 

expected for a two-electron oxidation (30 mV), and intercept (EJ of 

0.46 ± 0.01 V vs_̂  SCE. 

Neither anodic nor cathodic peaks were observed in cyclic 

voltammograms of I I in 0.1 M HCIO^ (-0.2 to 0.8 V v ^ SCE), indicative 

of highly i r revers ib le behavior. Substantial anodic currents appeared 

in the same potential region as i in 99% ethanol, but much smaller 

cathodic currents were found upon switching the scan d i rect ion. Broad 

anodic and cathodic maxima coupled with very large peak-to-peak 

separations (614 mV at 50 mV/s) characterized voltammograms of I I in 
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0.1 M NH^CIO^ (carbon paste or Pt working electrode). The ratio of 

''pâ ''pc ^̂ ^ larger than the 99% ethanol value and slightly dependent 

upon sweep rate, varying from 1.20 (200 mV/s) to 1.36 (50 mV/s). The 

average of Ep^ and Ep̂ , obtained in 0.1 M NH^CIO^ (0.47 V vs^ SCE; 50 

mV/s) is in reasonable agreement with the 99% ethanol value. 

Cyclic voltammograms were obtained of chloranilic acid at different 

hydrogen ion concentrations in order to better understand voltamograms 

of complex IV. Solutions of H2CA (1.0 mM) were used at 25.0'C with 

[LiClO^] = 0.10 M, [H"] = 0.0010, 0.010, 0.10 and 1.00 M (lower [H""] 

were not studied because of large peak-to-peak separations) to obtain 

the hydrogen ion dependence of E. A carbon paste electrode was used 

for the working electrode. The data for this study is given in Table 

17. The value of E was calculated from E and E (E = fE + E 1/2). 
pc pa ^ ^ pc pa' ^ 

This method of calculat ing E assumes that the cyclic voltammograms are 

reversible. This assumption appears to be very good at the larger 

hydrogen ion concentrations because the peak-to-peak separations are 

reasonable for quasi-reversible voltammograms. Equation 16 was derived 

from the Nernst equation for these chlorani l ic acid containing 

compounds: 

E = E' + (h(0.059)/n)(log[H'']) (16) 

where 0.059 = RT/F (T = 298 K, R-gas constant and F-Faraday constant), 

n = number of electrons involved in the overall reaction and h = number 

of protons required in the overall reaction. The overall reaction for 
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the reduction of chloranilic acid is presented in equation 17 (we are 

assuming that chloranilic acid remains fully protonated). 

H2CA + 2H'' + 2e" ^ H^CA^ (17) 

Plots of E vs^ -log[H'^] should be linear with slopes = -h(0.059)/n and 

intercepts = E'. The data for H2CA gives good linear plots of E vs. 

-log[H'*"] with a slope of -64 ± 6 mV and an intercept of 0.43 ± 0.01 V. 

This demonstrates that two hydrogen ions are required in the reaction 

because h = 2.17 ± 0.2 (when one solves -0.64 =-h(0.059)/n; n = 2). 

The intercept (E*) is in reasonable agreement with the value of E' 

(.449 V) reported by Conant and Fieser. 

The result of the experiment with H2CA shows that the number of 

hydrogens required in the reduction process can be determined with good 
2-

accuracy. In complex IV we want to know how the CA ligand is 

bonded to chromium (see the structures below). 

The two possibilities are chelation or bonding as a monodentate ligand. 

The chelate complex will require two protons in forming the reduced 

complex. On the other hand the monodentate complex will require three 
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protons, assuming that the ligand cannot chelate on the time scale of 

the cyclic voltammetry measurement. This assumption is not 

unreasonable since Cr(III) complexes are generally considered to be 

substitutionally inert. 

A stock solution (10 mM) of complex IV was generated in ethanol 

because the pure 1:1 chromium-chloranilate complex is formed directly 

with no uncomplexed CA when equimolar Cr and CA are mixed together. 

Therefore, the solution would not have to be purified by column 

chromatography. Also the formation of the complex is complete in 

approximately 30 minutes. This stock solution was diluted to 1.0 mM 

(in water, therefore the final solution contains 10% ethanol) for the 

cyclic voltammogram measurements. The overall reaction is shown in 

equation 18. 

CrCA"" + hH"" + 2e" ̂  * CrCA^H^*^"-^ (18) 

The cyclic voltammograms were obtained at 25.0'C, [LiClO^] = 0.10 M and 

[H"̂ ] = 0.0030, 0.010, 0.10 and 1.00 M. The value of E was calculated 

in the same way as it was for H2CA results. However, the peak-to-peak 

separations are larger with CrCA"^ than they were with H2CA, which means 

that the value of E probably is less accurate (Table 17). A good 

linear E vs. -log[H'^] plot was obtained, which indicates that this 

method of obtaining E is still valid. The slope (-84 ± 8 mV) of this 

plot demonstrates that 3 protons are required in the reaction because 

h = 2.8 ± 0.3. The value of E' (determined from the intercept) was 
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Table 17. Cyclic Voltammetry Data for Chloranil ic Acid and Complexes 

of Chlorani l ic Acid.^ 

Compound 

H2CA 

CrCA"® 

CrCA" + Al^"® 

CrCA" + Fe^"® 

CrCA" + Zn^"® 

CrCA" + Fe^"® 

CrCA" + Ce^"® 

CrCA" + Cu^"® 

[H"](M) 

0.00100 
0.0100 
0.100 
1.00 

0.00100 
0.0100 
0.100 
1.00 

0.100 

0.100 

0.100 

0.100 

0.100 

0.100 

^c(V) 

0.02^ 
0.14 
0.29 
0.39 

-0.25^ 
-0.18^ 
0.05 
0.21 

0.13 

0.16 

0.15 

0.14 

0.14 

0.17 

^pa(V) 

0.47 
0.45 
0.41 
0.48 

0.38 
0.38 
0.35 
0.33 

0.33 

0.29 

0.31 

0.30 

0.30 

0.31 

E(V)^ 

0.24 
0.30 
0.35 
0.44 

0.06 
0.10 
0.20 
0.27 

0.23 

0.23 

0.23 

0.23 

0.22 

0.24 

Ep-p(^' 

0.45 
0.31 
0.12 
0.07 

0.64 
0.56 
0.30 
0.12 

0.20 

0.13 

0.16 

0.17 

0.16 

0.16 

^25.0°C; carbon paste working electrode; SCE reference electrode; 

[LiClO.] = 0.10 M; [CA] = 1.0 mM; 50 mV/s sweep ra te ; errors are 

± 0 . 0 1 V. 

Purged with scrubbed nitrogen. 

^E = (E^, + E^,)/2. ^ pc pa' 

^Peak-to-peak separation in volts (E = Ep^ - Ep^). 

®CrCA" was prepared in ethanol with 1:1 molar ratio of Cr(C10^)3/H2CA 

Therefore the solutions used in the voltammograms contain 10% 

ethanol. 
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found to be 0.27 ± 0.01 V. These results show that the chloranilate 

ligand is a monodentate ligand, since three protons are needed in the 

reduction step. 

Additional cyclic voltammograms were obtained of CrCA" in the 

presence of other metals to determine if they can bind to chloranilate 

top form a binuclear metal complex. We expected a shift in E to occur 

if CrCAM " was present instead of CrCA". The cyclic voltammograms were 

obtained of 1.0 mM solutions of CrCA", [M] = 1.2 mM (M = Al"^", Fe^", 

Fe^", Zn^", Ce^" and Cu^"), [H"] = 0.10 M and [LiClO^] = 0.10 M (Table 

18; the solutions were allowed to come to equilibrium for 24 hrs.). 

The data shows very little change in the value of E (0.23 ± 0.01 V for 

CrCAM V;S^ 0.27 ± 0.01 V for CrCA) which indicates that there is very 

little of the CrCAM complex formed. This was quite unexpected since 

Al"^", Fe^" and Ce^" have high affinities for oxygen. We would expect 

some of the dimer to be present if not all of CrCA" to be in the dimer 

form. 

Hydrogen Ion Depend-ence of 

the Visible Spectrum of IV 

Since there is a free unprotonated phenolic oxygen present in the 

CrCA" complex as determined from the cyclic voltammetry experiments, 

we should be able to determine the K^ for this complex by a 

photometeric titration. The solutions for the photometeric titration 

were made from the same CrCA" stock solution used in the cyclic 

voltammetry experiments. The hydrogen ion concentrations studied were 

0.0030, 0.010, 0.10 and 1.0 M (where I = 1.0 M LiClO^/HClO^) and the 
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Table 18. Ethanol Oxidation Rate Constants.^ 

[EtOH] 

(M) 

16.94 
16.77 
16.59 
16.42 
16.26 
16.06 
15.80 

16.94 
16.94 
16.94 
16.94 
16.94 
15.94 
16.94 
16.94 
16.94 

16.94 
16.94 
16.94 
16.94 
16.94 

[H2O] 

(M) 

0.41 
0.91 
1.42 
1.91 
2.41 
3.33 
4.17 

0.41 
0.41 
0.41 
0.41 
0.41 
0.41 
0.41 
0.41 
0.41 

0.41 
0.41 
0.41 
0.41 
0.41 

[Cr(III)] 

(mM) 

16.0 
16.0 
16.0 
16.0 
16.0 
16.0 
16.0 

0.100 
0.401 
0.802 
2.00 
2.52 
3.01 
4.01 
8.02 

32.0 

16.0 
16.0 
16.0 
16.0 
16.0 

%EtOH 

(w/v) 

99 
98 
97 
96 
95 
94 
92.5 

99 
99 
99 
99 
99 
99 
99 
99 
99 

99 
99 
99 
99 
99 

Temperature 

CC) 

60.0 
60.0 
60.0 
60.0 
60.0 
60.0 
60.0 

60.0 
60.0 
60.0 
60.0 
60.0 
60.0 
60.0 
60.0 
60.0 

19.1 
30.0 
40.9 
49.5 
70.4 

10' k.bsd 

(s-^)^ 

1.48(0.02) 
1.26(0.04) 
1.05(0.07) 
0.70(0.15) 
0.49(0.05) 
0.34(0.04) 
0.19(0.02) 

0.37(0.02) 
0.50(0.03) 
0.49(0.01) 
0.53(0.05) 
1.05(0.02) 
1.46(0.13) 
1.40(0.23) 
1.50(0.04) 
1.50(0.04) 

O.OIO(.OOI) 
0.039(.003) 
0.41(0.02) 
1.11(0.11) 
2.34(0.17) 

^ [ H 2 C A ] Q = 0.04 mM, N2 atmosphere. 

^Average deviation from the mean shown in parentheses, 
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CrCA concentration was 1.0 mM. There were no changes in the spectrum 

of these four solutions. In fact the spectra were exactly the same 

with only 0.002 absorbance difference in the peak intensity at 534 nm. 

This indicates that the pK^ for CrCA" is less than 0 since at [H"] = 

1.0 M there are no major changes in the spectrum. The pK^ probably is 
a 

on the order of -1. The pK^^ for H2CA is 0.76 (25'C, I = 0.5 M ) , ^ ^ 

which is a significant difference from CrCA". 

Ethanol Qx--HJation Rate S-tud-ies 

As was described briefly in the pioneering study, the rate of 

chloranilic acid reduction by ethanol, catalyzed by chromium (III) ion, 

is strongly dependent upon [Cr(III)], [ethanol] and temperature. The 

effects of all three of these variables on k^. ̂  ., with HoCA as the 
obsd* 2 

limiting reagent, are described in Table 18. A rigorous quantitative 

fitting of these data to a rate law is not possible, as the effective 

dielectric constant of the medium necessarily varies with reductant 

concentration. Furthermore, constant ionic strength was not maintained 

in [Cr(III)] variation studies in order to avoid the competition 

between Cr(III) and another cation for chloranilate binding sites. 

The [Cr(III)] variation results in 99% ethanol at 60'C show that 
k . . increases rapidly within the interval 0.1 - 1.0 mM to a plateau 
obsd 

at 5 X 10'^ s""̂ . With further increases in chromium (III) 

concentration, k . . again increases abruptly to a second plateau at 

1.50 X lO"'̂  s"'̂ . The data may be understood in terms of the parallel 

oxidation of ethanol by 1:1 and 2:1 Cr(III)-CAQ^ complexes, preceeded 

by rapid complexation equilibria (equation 19). The rate law 



73 

2- — 
^1 

Cr(III) . CA^^- . Cr(CA^J^ 

^2 
Cr(III) . Cr(CA^^)^ ^ Cr^CCA^^)^^ 

Cr(CAQ^) + C2H5OH ^ Cr(CA^)" + CH3CHO + 2H" (19) 

Slow 

Cr(III) + Cr(CA^)" ^ ^r^iC^^)^* 

h Fast 

^'^2(^^x^'^* " ^2^5°" ^ Cr2(CA^)2" + CH3CHO + 2H" 

implied by this mechanism, assuming that [CA ] = ([Cr(CA )"] + 
UA LU L OX 

[Cr(CA^^)^"]), is: 

^bsd = (ki - k2K2[Cr(III)])[C2H30H] ^20) 

1 + K2[Cr(III)] 

On this basis, the rate constants corresponding to the first and second 

plateaus would be k,[C2HrOH] and k2[C2HcOH], respectively, and an upper 

limit of 1 X 10 M" may be placed on K2. 

In another set of 60'C runs, the ethanol concentration dependence 

was evaluated in the range 90 - 100%; very small, slow 493 nm 

absorbance changes were seen at lower concentrations. The Cr(III) 

concentration was fixed at 1.60 x 10 M, within the second plateau 

region, such that k . . should be a function of k2 and [EtOH] only at 
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temperature. The rate of ethanol oxidation rises sharply above the 90% 

(15.4 M) level, and varies with [EtOH] as described by equation 20 in 

the 95 - 99% range (a = -0.0236 s"^ b = 1.48 x lO""̂  M"^ s"^). 

Accordingly, the intercept must be substracted from k^^^^ in order to 

calculate k2 from equation 21. 

W d = ^ " b[EtOH] (21) 

The k2 value calculated by this method, (1.5 ± 0.1) x 10"^ M"-̂  s"-̂ , is 

in excellent agreement with the slope of the k , . - [EtOH] 

correlation. 

12 Finally, our results confirm the reported large temperature 

coefficient of the chromium (III) ion-catalyzed EtOH-H^CA reaction. 

The linearity of an Arrhenius plot based on the results in Table 18 is 

only fair, giving an apparent E of 22 ± 3 kcal/mol in 99% EtOH. 



CHAPTER IV 

DISCUSSION 

Acid and Anion Dependence of the 

Aquo Dimer Hydrolysis Rate 

Our kinetic results imply a mechanism consisting of two pathways 

for the hydrolysis of the aquo dimer. The acid-independent pathway is 

shown in equation 22. 

H^Q + (H20)5CrOCr(H20)5^" •Cr(H20)g^" + Cr(H20)50" (22) 

Slow 

2H" + Cr(H20)50" *-Cr{\\^Q)^-^'' 

Fast 

The acid-dependent pathways all have similar rate terms (see equation 

6), which indicates that the mechanisms are also similar. The kinetic 

results for these pathways may be explained by three kinetically 

indistinguishable mechanisms (equations 23, 24 and 25). 

X + (H20)5CrOCr(H20)5^" ^ VII (23a) 

kc / ' 
H" + VII • (H20)5Cr(0H)*Cr(H20)5^" + X (23b) 

H" + H2O + (H20)5Cr(0H)*Cr(H20)5^" • 2Cr(H20)g^" 

Fast 
1/K, 

H" + (H20)5CrOCr(H20)5'^* 4 (H20)5Cr(0H)Cr(H20)5^" (24a) 

Fast 

80 
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^d 

X * (H20)5Cr(0H)Cr(H20)5^" ^ (H20)5Cr(0H)*Cr(H20)5^" + X (24b) 

Slow 

5+ ^oP /,, n. 3 + 

1/K. 

H + H2O + (H20)5Cr(0H) Cr(H20)5^" .-2Cr(H20)g 

Fast 

a 

H" + (H20)5CrOCr(H20)5^" ^ (H20)5Cr(0H)Cr(H20)5^" (25a) 

Fast 
^e 

X + (H20)5Cr(0H)*Cr(H20)5^" ^ VIII (25b) 

Slow 

2H" + H2O + VIII ^ 2Cr(H20)g^" + X 

Fast 

In these mechanisms VII and VIII are intermediates involved in the 

hydrolysis and X is either water or an anion. The intermediate 

* 5 + 
(H20)cCr(0H) Cr(H20)r is a complex with a bent hydroxo-bridge. 

The rate laws derived from equations 24 and 25 would be equivalent 

and have the form: 

Rate = k(l/K^)[H"][((H20)5Cr)20^"][X] (26) 

1 + (1/K^)[H"] 

where k would be either k. or k depending on which mechanism is under 

consideration. The rate law derived from equation 23 would be: 

Rate = (kj^k^/k_^j)[H"][((H20)5Cr)20^"][X] (27) 

1 ^ (kc/k.b)[H ] 
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Equations 26 and 27 demonstrate that the three mechanisms presented are 

kinetically indistinguishable. 

Two of the three mechanisms presented can be eliminated as possible 

explanations of the kinetic results by examining equations 26 and 27 

and the kinetic data. If X is water in equation 27, then (k^/k . )[H"] 

must always be negligible as compared to 1; otherwise the plot of k' 

vs. [H"] in Figure 4 would not be linear. In equation 26, (1/K^)[H"] 

would have to be negligible to obtain the linear plot in Figure 4. If 

this is true, however, then the plots of k vs. [H"] (where k was 

defined in the results section) would be linear (when X is an anion), 

because (1/K )[H ] would still be negligible as compared to 1. However, 

the plots of 1/k v ^ 1/[H"] were found to be linear (see Figure 5). 

For this reason, we cannot explain the experimental results by equation 

26, because when X is water we have to ignore the (1/K )[H ] term to 

explain the data and when X is an anion we cannot ignore that term. 

Further evidence for rejecting the mechanisms which give equation 

26 can be found in examining the value of K^. The value of K^ would be 
a a 

0.66 M since 1̂  = 1/b, where the value of b is given in Table 3 (b is 

defined in equation 6). With K = 0.66 M we would expect to have 

approximately 60% of the aquo dimer protonated in kinetic runs at [H ] 

= 1.0 M. Since there is no difference between the UV-visible spectra 

of the aquo dimer at [H"] = 0.10 M and 1.0 M, we must assume that very 

little of the aquo dimer is protonated or there is no difference in the 

UV-visible spectra of protonated and unprotonated forms. The second 

assumption is weak since protonating the bridging oxygen would affect 
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the TT-bonding in the complex and probably cause a structural change (a 

structure similar to the rhodo complex).^ Thus, a change in the 

spectrum would be expected. The spectrum would be similar to 

Cr(H20)g if the aquo dimer undergoes the same changes as in the rhodo 
o 

complex. The first assumption is supported by the fact that none of 

the protonated aquo dimer was observed in column chromatography 

experiments under conditions where some protonated complex should be 

found, given a K^ of 0.66 M. For these reasons the mechanisms leading 

to equation 26 were rejected as possible explanations of the kinetic 

results. 

Intermediate VII in equation 23a has one of two forms. It could be 

either an ion-pair or a metal-anion complex. Normally, with 

chromium(III) complexes, the possibility of anation occurring at the 

rates found in this study is small. The basic rhodo complex was found 
0 

to undergo substitution on the time scale of our reaction. Since 

substitution in the aquo dimer could be fast, we cannot rule out the 

formation of metal-anion complex intermediate. However, if the anion 

complex is formed, then we would expect that there should be some 

CrCl^" present in the cT-assisted hydrolysis products, since CrCl 
o 

slowly undergoes hydrolysis (see equation 28). 
kb 

Cl" + (H20)5CrOCr(H20)5^^ :^=I=::i {W^O)^CrQCr{H^O)^C^•'^ + H2O (28a) 

k 

H" + (H20)5CrOCr(H20)4Cl^" ^-^ (H20)5Cr(0H) Cr(H20)4Cl^" (28b) 

Slow 



84 

H" + H2O + (H20)5Cr(0H)*Cr(H20)^Cl'^" ^ Cr(H20)g^" + Cr(H20)5Cl2" 

Fast 

In the basic rhodo complex the bridging oxygen is thought to labilize 

the trans ligand toward rapid substitution.^ Once substitution has 

occurred, then the bridging oxygen is protonated^ (since there is a 

shift in pK^ with substitution) to form the substitutionally-inert 

erythro complex. The product of equation 28b would have the same 

structure as the erythro complex and would be expected to retain the 

Cr-Cl bond like mononuclear CrCl (hydrolysis rate = 1.6 x 10"^ 

[CrCl '^]/[H"]). Therefore, if the product of equation 28b exists as 

an intermediate, we would expect some CrCl " to be found in the product 

solution. This can be understood if we examine the reaction conditions 

([NH^Cl] = 2.0 M, [HCIO4] = 0.10 M and [LiClO^] = 0.07 M) and the 

appropriate hydrolysis rate constants. Under these reaction 

conditions, 83% of the aquo dimer will undergo hydrolysis through the 

chloride-assisted pathway, which means that 41% of the chromium(III) 

product should be CrCl . Only 5% of the CrCl product would be 

expected to undergo hydrolysis during the time required to complete the 

chromatography experiment (calculated from the rate parameters of 

Bjerrum).^"^ No CrCl was found in the column chromatography 

experiment. Therefore, we must assume that chloride is either never 

formally bonded to Cr or that the chloride-complex undergoes a 

typically rapid hydrolysis. The kinetic studies of Hunt and Hoppenjans 

demonstrate that in the chloroerythro ion, cleavage of the 
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hydroxo-bridge occurs 10^ times faster than substitution of chloride. 

Therefore, we must assume that chloride is never formally bonded to 

chromium in any of the intermediate complexes. 

The formation of an ion-pair seems most likely on the grounds of 

the chromatographic experiment. An ion-pair where the anion is found 

between the chromium atoms, analogous to bridging, could explain our 

results (see structure below). 

1/ 1/ 
— C r . — 0 — - . C r — 

/I --cr-/! 
This type of interaction would perturb the ir-bonding between the 

chromium atoms and oxygen whereas other ion-pairs probably would not. 

The presence of the chloride ion would help in the bending of the 

linear Cr-O-Cr linkage which results in a decrease in the ir-bonding 

strength. A decrease in the ir-bonding in the complex would increase 

the electron density on the oxygen atom which in turn would make it 

more basic and easier to protonate. 

The electrostatic attraction between the anion-cation can be 

estimated from a simple Coulomb law calculation. By assuming that the 

Cr-0 bond length is 180 pm (the Cr-0 bond length in the oxo-bridge 

reported by Di Vaira and Mani) , that the 0-anion distance is equal to 

the sum of the ionic radii, and that chromium has a formal charge of 

+2 (assume that oxygen gives one electron to each chromium), we can 

calculate the electrostatic attraction energy between the anion and 

chromium. If we allow the Cr-O-Cr bond angle to vary from 180' to 
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150', the chromium-chromium repulsion increases by 0.11 kcal/mole. The 

attraction force was calculated to be 6.17 kcal/mole at 180' and 7.15 

kcal/mole at 150' (for chloride). The calculation demonstrates that 

anions could cause bending in the linear Cr-O-Cr linkage. The 

ir-bonding strength in oxo bridged complexes has not been determined. It 

would be safe to say that the ir-bond strength would be larger than the 

electrostatic attraction energy. It is difficult to predict how much 

bending will occur in intermediate VII (equation 23a). 

There must be enough bending to increase the electron density on 

oxygen and that there cannot be complete loss of the ir-bonding. When 

the ir-bonding is lost, the intense bands in the near UV would be lost 

(which is being monitored in the kinetic run) as in the basic rhodo 
o 

complex. If we assume that the ir-bonding is lost in equation 23a, 

then the rate law would be: 

-d[((H20)5Cr)20'^"]/dt = kjj[Cr][ ((H20)5Cr)2o'^"] (29) 

which is not consistent with the kinetic results. Therefore, there can 

only be a partial loss in the ir-bonding in intermediate VII. 

The rate-limiting process is a structural change (equation 23b), 

yielding a highly reactive protonated intermediate 

((H20)5Cr(0H)*Cr(H20)5^"*") analogous to the acid rhodo ion 

(NH3)5Cr(0H)Cr(NH3)5^" (Cr-(OH)-Cr bond angle of 154', visible 
o 

absorption spectrum dominated by weak d-d bands). Our assignment of 

the bent (H20)5Cr(0H)Cr(H20)5^"' ion as a highly reactive transient 
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rests entirely on the fact that no 5+ cation was detected in the 

chromatographic separation of product mixtures from the hydrolysis of 

((H20)5Cr)20^" or the oxidation of (H20)^Cr(0H)(0CgH^0H)Cr(H20)^^". 

Conflicting reports exist concerning the stability of singly 

hydroxo-bridged binuclear intermediates formed in the hydrolysis of 

various bis(ii-hydroxo)chromium(III) dimers.^^"^^ Two recent reports of 

the acid hydrolysis of (H20)^Cr(0H)2Cr(H20)^^" in 6 N HCIO^ give 

conflicting results. In both papers the "inert probe" nmr technique 

was used to detect structural changes in the dihydroxo dimer at high 

HCIO^ concentrations. Thompson and Connick claim that the 

hydroxo-bridged binuclear complex is formed and is stable at high 

[HCIO.]. Ostrich and Leffler claim that the single hydroxo-bridged 

complex is not formed and that an anation reaction occurs, forming a 

dihydroxo-bridged perchlorate complex. The latter work is consistent 

with our results and observations. 

Water exchange in Cr(H20)g"^" (k(25'C) = 4.3 x 10"^ s"-^;AH* = 26 

i 50 
kcal/mole, A S " = 0 eu) is two orders of magnitude slower than 

hydrolysis of the aquo dimer through the unassisted (k ) pathway. The 
3 

activation volume of -9.3 cm /mole is strong evidence for associative 

50 
character in the former reaction, and similar evidence supports the 

51 
I mechanism in other Cr(III) solvent-exchange reactions. Thus, it is 
a 

reasonable to assume that the aquo dimer would use an associative 

interchange mechanism. The AS* values are identical to within 

experimental error, leaving a 4 kcal/mole advantage in AH as the 

factor responsible for the larger rate of the aquo dimer hydrolysis 
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reaction. This modest difference in AH* values may be understood on 

coulombic grounds, considering the different charges of the leaving 

groups (H2O vs^ 0Cr(H20)5"). 

A Coulombic repulsion energy of 3.5 kcal/mole was calculated using 

the Cr-0 bond lengths given before. The above-mentioned similarity in 

AS values suggests that nucleophilic attack by water on Cr(III) 

stabilizes the activated complex in the k pathway. Associative 

character is expected to be even more important in this reaction than 

in Cr(H20)g " water exchange, as Cr(III)-0H2 bond making would 

partially offset the substantial enthaplic barrier posed by ir-bonding 

within the Cr-O-Cr linkage. 

When X is water we must assume that (k /k_.)[H"] « 1'for the rate 

law to be consistent with the results (for the reasons given earlier). 

The value of k^/k . in the case of water is smaller than the values for 
c -b 

the anion assisted pathways. This can be explained by the 

electrostatic effect of H2O, as compared with the anions, on the 

Cr-O-Cr unit. Water will cause less bending in the Cr-O-Cr unit, which 

does not affect ir-bonding as much as the anions. Therefore, k would 

be smaller (than in the anion assisted terms), because there would be 

less bending in the Cr-O-Cr unit and less electron density on the 

bridging oxygen. The experimental rate parameter k^ would be equal to 
(kbk^/k.jj)[H20]. 

The relationship between experimental rate parameters for the 

anion-assisted pathways and those in the proposed mechanism are a, c 

and e = k^ and b, d and f = k^/k.^. Since there is very little 
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difference in values a, c and e (Table 3), we must assume that the 

charge to radius ratio of the anion is unimportant. The charge to 

radius ratio increases in the order Cl" > Br' > CIO." and the radius 

52 
changes from 167 to 236 pm. The most remarkable aspect of these 

results is that perchlorate is as effective a hydrolysis catalyst as 

chloride. This would be further evidence that perchlorate is not 

bonded to chromium at any point during this reaction, since 

coordination complexes of perchlorate are difficult to make and are 

very unstable towards substitution. At some point with larger anions, 

which cannot get as close to the Cr-O-Cr unit as the anions studied, we 

would expect the hydrolysis rate to decrease and approach the water 

assisted pathway's rate (since electrostatic attraction is a function 

of r). 

The ratio of k^/k_j^ for Cl", ClO^" and Br" varies from 1.2 to 2.0 

M"-̂  (see Table 3). The actual values of k^ and k_^ could not be 

determined using the NLLSQ program, because there are too many 

parameters and not enough variables for an accurate fit of the data. 

The values for k /k_. do not correlate with increasing ionic radius of 

the anion involved. Since the values of (k^/k_^)[H"] for all the 

different anions is not negligible as compared to 1, the mechanism is 

consistent with the kinetic results. 

The anion catalized hydrolysis occurs through an eletrostatic 

mechanism. The cation assisted hydrolysis mechanism probably is quite 

different, since each metal affects the hydrolysis rate differently. 

A different type of interaction is required to explain the results of 
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cation assisted hydrolysis reactions. 

Cation Dependence of the Aquo 

Dimer Hydrolysis Rate 

The kinetic results for Cr(H20)g^" assisted hydrolysis rate suggest 

the mechanism present in equation 30, 

2 Cr^" + (H20)^CrOCr(H20)3^"^ *- IX (30a) 

Fast 

H2O + IX *. 3 Cr(H20)g'^" + Cr(H20)50" (30b) 

Slow 

2 H" + Cr(H20)50" ^ Cr(H20)g 

fast 

3+ 

H + IX ^ X (30c) 

Fast 
k 
g 

H + X ^ XI (30d) 

H2O + XI 

Slow 

3+ 
4 Cr(H20)g' 

Fast 

where IX, X and XI designate intermediates of the mechanism. The 

preequilibrium (equation 30a) could be written in two individual steps, 

but was not since the 1:1 (Cr /aquo dimer) complex is not reactive 

towards hydrolysis. The rate law derived from the proposed mechanism 

is presented in equation 31: 
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+ -d[((H20)5Cr)20'^']/dt = k^K^[( (H20)5Cr)20^"]^^^[Cr^"]^ 

1 * K^[Cr^^]^ * K^Kd[H*][Cr^*]^ 

VcKd^(("2Q)5^^)2Q''^tot^^^l^^^^^^^' (31) 
1 + K^[Cr^"]2 * K^K^[H"][Cr^"]2 

where 1 > K^[Cr^"]^ and K^K^[H*][Cr'^"]^, if the rate law derived from 

the proposed mechanism is to be consistent with the experimental 

results. We propose a Lewis acid-base interaction between Cr " and the 

aquo dimer (in the formation of intermediates IX, X and XI). The t2 

orbitals of Cr and the e (non-bonding) electrons of the aquo dimer 

will be involved in the intermediate formation (see Figure 14). In 

intermediate IX, the two incoming chromium atoms will be 90' from one 

another, since the d and d are orthogonal. Intermediates X and XI 

would be Lewis acid-base interactions between the protons and the e^ 

(ir-bonding) electrons of the aquo dimer. The e^ orbitals of the aquo 

dimer are primarily centered on the bridging oxygen. In intermediate 

XI, the protons are in place (bound to the bridging oxygen), allowing 

the complex to go on to products without any rearrangements of the 

protons. 
•5 3+ 

The Fe pathway's mechanism would be similar to the Cr . The 

only difference in the two interactions with the aquo dimer is that in 

the presence of chromium the three terms given in equation 5 are 

additive to the chromium assisted terms and in the presence of iron 

they are not available. This can be understood by the ability of 
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i r o n ( I I I ) and chromium ( I I I ) to accept electron density. Chromium's 

reduction potential is -0.41 V and i ron 's reduction potential is 0.77 
C 0 

V, which indicates that Fe^^" will have the stronger interaction with 

the eg electrons, since it is easier to reduce. With the stronger 

interaction between iron and the aquo dimer, very little of the free 

aquo dimer is available to undergo the anion assisted hydrolysis. 

Therefore, those terms were not observed in the kinetics studies with 

iron present. 

An even stronger interaction was observed with cerium(III), since 

the aquo dimer is significantly stabilized (k= 3.5 x 10"^ s""̂  at 50'C, 

[Ce "] = 0.450 M and [H"] = 0.550 M). Cerium has the 4f orbitals 

available to interact with the e electrons of the aquo dimer, which 

may contribute to the stronger interaction. Cerium is stabilizing the 

aquo dimer by not allowing bending in the Cr-O-Cr linkage. The 

intermediate with cerium and the other metals must not affect the 

ir-bonding, otherwise the UV-visible spectrum characteristic of the 

Cr-O-Cr unit would be affected. Since we are monitoring the UV-visible 

spectrum, we would expect to see some sort of change in the spectrum as 

the Ce-aquo dimer intermediate is formed. 

The driving force for the decay of intermediates IX and XI is 

thought to be electrostatic in nature. When electrostatic repulsion in 

intermediates IX and XI becomes greater than the ir-bonding in the aquo 

dimer and the interactions between the 3+ metals and the aquo dimer. 

Cyclic Voltammetry of tjie Aquo Dimer 

The cyclic voltammetry data demonstrate that the aquo dimer 
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undergoes a one electron reduction with Ei equal to 0.52 V (vs. SHE, 

see results section). The reduction potential for the aquo dimer is 

considerably more positive than that of Cr(H20)g'^" (E^ = -0.41 V ) . ^ ^ 

This shift in reduction potential can be understood by examining 

Schmidtke's molecular orbital scheme for the basic rhodo complex. 

The MO scheme for the basic rhodo complex, which should be similar to 

that of the aquo dimer, is given in Figure 14. In Schmidkte's MO 
* 

scheme the b^„ and b, orbitals are the HOMO and e is the LUMO. When 2g lu u 

the aquo dimer is reduced, we would expect the electron to enter the 
* 

bp , b, or e orbital. These are non-bonding and ir-antibonding 

orbitals, respectively, originating from the d , d and d orbitals 
A y y ̂  A ^ 

of chromium (t2 orbitals in 0^ point group). When Cr(H20)g is 

reduced, the incoming electron enters an e orbital (not a t2 

-1 54 
orbital), which is destabilized by 10 Dq (17,600 cm ) . The shift in 

reduction potential between Cr(H20)g and the aquo dimer can be 

accounted for by the 10 Dq energy difference in the electron accepting 

orbital. If we assume that 10 Dq in the aquo dimer is equivalent to 

10 Dq of CrfHoOl^'^", then we can relate AEi (AEi equals the change in 
^ ^ d 0 2 2 

reduction potential between Cr(H20)g " and aquo dimer) to the energy 

obtained from the use of the lower energy orbital. AEi was calculated 
2 

to be 0.93 V (21.4 kcal/mole) and 10 Dq (where 10 Dq = 17,600 cm" ) ^ ^ 

is 50.3 kcal/mole. This illustrates that an orbital stabilized by 10 

Dq can easily account for the shift in E^ for the aquo dimer. 
* 

In order to determine which orbital (b2g, b^^ or e^ ) the incoming 

electron enters, we must determine the energy required to pair 
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electrons in the b2 or b̂ ^̂  orbital. If the energy difference between 
* 

the b2 , b̂ ij and e^ orbitals is greater than the pairing energy, then 

we would expect the incoming electron to enter the b^ or b, orbital. 
2g lu 

The energy required to pair the electrons in Cr^"(g) (t2 ^e ^ 

^ 2 Q ^q ^ ^̂  ^̂ '"̂  kcal/mole (calculated for free, gaseous ions). The 

value pertaining to aqueous Cr"" would be approximately 30% smaller 

than the gaseous ion as a result of the nephelauxetic effect.^^ Since 

2+ Cr (aq) has such a large pairing energy, we would expect the aquo 

dimer to have a fairly large pairing energy. Therefore, the incoming 

electron should enter the e orbital and not the bo or b, orbital. 
u /:g lu 

This argument is supported by the redox kinetic results which indicate 

that the reduced form of the aquo dimer is unstable (see redox kinetic 

results). Since there was no oxidation peak observed in the cyclic 

voltammogram, we can assume that the reduced form of the aquo dimer 

undergoes rapid hydrolysis (complete within 7 seconds). Similar 
56 results were observed by Cotton, et al_. who were studying the 

electrochemistry of oxo-bridged osmium and ruthenium complexes. In 

their complexes, the b2 and b̂ ĵ orbitals are completely the filled 
* 

with electrons, so that the incoming electron enters the e^ orbital. 

They also observed a decrease in the stability of their reduced (by one 

electron) complexes. ' Further studies with the aquo dimer with 

reducing agent will yield more information about the reduction of the 

aquo dimer. 



96 

Reducing Agent Dependence £f 

the Aquo D-i-mer Hydrolysis Rate 

Our kinetic results imply that all of the redox-hydrolysis pathways 

have a similar mechanism. The basic redox-hydrolysis mechanism is 

presented in equation 32: 

R+ (H20)5CrOCr(H20)5^" "-[R'(H20)5CrOCr(H20)3^"] (32a) 

Fast 

[R-(H20)5CrOCr(H20)5^"] (H20)5CrOCr(H20)5'̂ " + R" (32b) 

Slow 

2H" + H2O + (H20)5CrOCr(H20)5^" ^ Cr(H20)g'^" + Cr(H20)g^" 

Fast 

where R represents the active form of the reducing agent. The electron 

transfer occurs in the slow step (equation 32b) and upon reduction we 

would expect the UV-visible spectrum of the aquo dimer to change (just 

as the Cr spectrum changes upon reduction). The proposed mechanism 

implies that the reduced complex is a very reactive intermediate which 

undergoes rapid hydrolysis to the final products. The instability of 

the reduced complex is explained by placing the incoming electron in 
* 

the ir-antibonding orbital of Schmidtke's MO scheme (e^ , see discussion 

of cyclic voltammetry results). 

The product of the preequilibrium step (equation 32a) is assumed to 

be an outer-sphere complex. This assumption is based on the anation 

rates of the basic rhodo complex. The basic rhodo complex anation rate 

constant was reported to be in the range 0.26 ̂  k ̂  0.54 M"-̂  s""^.^ If 
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the aquo dimer's substitution reaction is on the same time scale, then 

we must assume that the complex in equation 32a (R-(H20)cCrOCr(H20)/") 

is outer- and not inner-sphere, because complex formation would be the 

rate determining step. Therefore, the electron transfer occurs through 

an outer-sphere mechanism and K in equation 32a would be K 
e ^ OS 

(outer-sphere equilibrium constant). 

The k i ne t i c studies of ascorbic acid (H2A) ca ta lys is demonstrate 

tha t two forms of ascorbic acid are act ing as reducing agents (HpA and 

HA ). In the hydrogen ion-independent pathway, the f u l l y protonated 

form (H2A) of ascorbic acid is the reducing agent. Ascorbic acid may 

act as a two- or one-electron reductant. In e i ther case we can account 

for a f i r s t - o r d e r ascorbate dependence in the rate law, since the 

rad ica l formed ( i f HpA is act ing as a one-electron reductant) undergoes 

d ispropor t ionat ion (equation 33): 

k l l 
H2A-" + H2A-" * H2A + A + 2 H " (33) 

where k,, = 4.5 x 10^ M"'̂  s"-^.^^ In the studies with Cr " and 

Ru(NH.,)^^" we know that only one electron is transferred in the rate 

determining step, since the rate law is first-order in Cr " and 

RufNH.l.^". With ascorbic acid we cannot be sure (without further 

investigation) whether two electrons are transferred or just one. The 

rate law shows us that an ascorbic acid molecule reacts with one aquo 

dimer unit in the slow step, since both were found to be first-order in 

the rate law. This rules out the possibility that one ascorbic acid 
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molecule reduces two aquo dimer complexes (1:2 ratio). 

The complete mechanism for the two ascorbic acid pathways under the 

conditions studied are given in equations 34. 

K. 
'a 

-^ ...- ..+ H2A ^ : HA" + H (34a) 

Fast 
•̂ os 

H2A + (H20)5CrOCr(H20)5^" ^ IX (34b) 

Fast 

•^'os 

"^ IX 

1 ^ HA" + (H20)5Cr0Cr(H20)5^" „ X (34c) 

Fast 
ki 

IX ^ H2A-" + (H20)5CrOCr(H20)5^" (34d) 

Slow 

X ^ HA- + (H20)5CrOCr(H20)5'^" (34e) 

Slow 

2 H " + H2O + (H20)5CrOCr(H20)5"^" ^ Cr(H20)g^" + Cr(H20)g^" 

Fast 

2+ 
The Cr formed the mechanism given in equations 34 would reduce the 

oxidized form of ascorbic acid, which will make the reaction catalytic 

The simplified rate law obtained from this mechanism is: 

•d[((H20)5Cr)20^"]/dt = k . K Q ^ [ H 2 A ] [ ((H20)5Cr)2o'^"] + 

kj.K^K'Q3[H2A][((H20)5Cr)20^"]/[H"] (35) 
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where the experimental rate parameter ko would be k-K and k^ equal to 
8 1 OS 9 ^ 

k.K^K'^g. The value of k-K'^^ (1.2 x 10^ M"^ s"-̂ ) was calculated 

using the value of K^ (6.3 x 10"^ M).-^^ The value of K'^^ can be 
CO 

estimated from the Fuoss equation, where the distance of closest 
-8 

approach is assumed to be 5 x 10 cm for the aquo dimer and ascorbate 

couple. A value of 9.7 M' was obtained at 25'C, which gives a value 

of 1.2 X 10^ s'^ for k.. 

The Cr "-catalyzed hydrolysis rate law will have the form (derived 

from equations 32): 

-d[((H20)5Cr)20'^"]/dt = ^Q^o^[.^r^^'\l{{^2^)^^r)^0^^] (36) 

1 ^ K^sLCr^"] 

where K fCr 1 < 1 (under the conditions studied). This is reasonable 
OS*- -" ^ 

because K should be less than 1 in bringing together two positively 

charged ions. The relationship between the experimental rate parameter 

and those of the mechanism is k^g = k^K^^. 

2+ 9 
The reduction of the aquo dimer by Cr is 10 times faster than 

Cr^"/Cr*^" self-exchange electron transfer (k^Q = 2.5 x 10^ M""̂  s"-̂ . 

Table 3; Cr^"/Cr^" exchange rate constant = 2 x 10"^ M"^ s"-^,AH* = 21 

kcal/mole and AS* = -8 eu). The difference in the reaction rates may 

be attributed mostly to the difference in AH . Another comparison of 

the rate data can be made with the Cr^"/Ru(NH3)5(pyridine) " reaction. 

The overall driving force of this reaction is similar to the Cr /aquo 

dimer reaction (AE' = 0.93 V for Cr^"/aquo dimer and AE' = 0.83 V for 

Cr^"/Ru(NH3)5(Py)^'").^^ The mechanism for the Cr '•/Ru(NH3)5(Py)^" 
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reaction involves an outer-sphere electron transfer.^^ The electron 

transfer is from an e^ orbital to a t2 orbital (using the symmetry 

labels of point group 0^). The Cr^"/Ru(NH3)5(Py)^" rate constant was 

reported to be 3.37 x 10^ M"^ s"^^^ which is approximately a factor of 

10 smaller than the Cr "/aquo dimer rate constant. The activation 

parameters of the Cr^"/Ru(NH3)5(Py)^" reaction were reported as AH* = 

3.0 ± 0.5 kcal/mole and AS* = -32 eu.^^ 

The entropy of the Cr "/aquo dimer reaction is reasonable for a 

second-order reaction, because a AS* of -15 eu is required to bring two 
CO p . 

neutral molecules together.^° The Cr^ /aquo dimer reaction's entropy is 

approximately -10 eu larger than the Cr^"/Cr^" reaction's entropy. The 

-10 eu difference can be explained by the difference in the charge of 

the activated complex (Cr /aquo dimer = 6+ and Cr /Cr^" = 5+). Both 

entropies are lower than what would be expected for activated complexes 

of 5+ and 6+ charges. The lower value of AS indicates that there may 

be a change in the inner-sphere of the metals. The change may be 

attributed to a loss of an inner-sphere water molecule. 
2+ 

The Ru(NH..)g reduction of the aquo dimer was found to occur 

faster than the Cr " reduction (see Table 3). If the mechanism 

2+ 2+ 
involving Ru(NH-)^ is the same as in the Cr /aquo dimer reaction, 

then the rate law would be: 

-d[((H20)5Cr)20^"]/dt = k^K"Q3[Ru(NH3)g^"][ ((H20)^Cr)20^"] (37) 

1 - K"^^[Ru(NH3)/"] 
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2+ where K'' [Ru(NH3)g ] < 1 (for the same reasons given before). The 

ruthenium pathway's faster rate can be attributed to the transfer of an 
2+ electron from a ir symmetry orbital (Ru(NH..)g t^ orbitals) to a ir 

* 

symmetry orbital (e orbital of the aquo dimer). This type of 

electron transfer can occur without a major rearrangement (only a small 
2+ inner-sphere rearrangement is required). The transfer with Cr , 

however, would be an electron transfer from a o symmetry orbital to a ir 

symmetry orbital. A larger rearrangement is necessary for the transfer 

to occur (electron transfer between ir—ir symmetry orbitals). 

The (H20)5Cr0Cr(H20)5^"/(H20)5Cr0Cr(H20)5^" self-exchange reaction 

rate can be calculated using Marcus theory. Equation 38 contains the 

Marcus relationships: 

k^2 = (knk22^12n2)' ^^^^ 

logf^2 = {^oqK^^)^/^^og{k^^k^^/l^) (38b) 

where k,, and k22 a^e the self-exchange reaction rate constants of the 

reactants. K^2 ̂ "̂  k^2 "̂̂^ ^̂ ^ equilibrium and rate constant, 

respectively, for the overall reaction. Z is the diffusion-controlled 

rate constant of collision between uncharged particles in solution, 

which is assumed to be 10^^ M"^ s"^ The aquo dimer exchange rate was 

calculated by successive approximations. The rate was calculated to be 

1 3 M"-̂  s~^. A test of this rate constant is to use it to calculate 

the expected rate constant for the Ru(NH3)/"/aquo dimer reaction. The 
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rate constant was calculated to be 5.8 x 10^ M"-̂  s"-̂ , which is smaller 

by a factor of 8 (experimental value is 4 x 10^ M"-̂  s""̂ . Table 3) from 

the experimental result. The differences in the calculated and 

experimental rate constants can be attributed to the uncertainty in the 

experimental rate constant and in the approximate nature of the Marcus 

equation. 

UV-v-isi-b̂ l-e Spectr^^m of the Aquo Dimer 

The Uv-visible spectral data is still poorly understood for the 

basic rhodo complex. Spectral assignments for these bands have been 

presented. ' ' The three sharp and intense bands in the 

near-ultraviolet spectrum have been assigned as simultaneous pair 

excitations by Gudel and Dubicki. Apparently no one has successfully 

assigned the bands by applying selection rules to all possible 

electronic transitions of the complex. 

The lower energy bands (i.e., 632 and 587 nm bands) can be 

4 4 
understood by considering the splitting of the T^ '* A d-d band of 

an octahedral Cr(III) complex (CrXg) when lowering the symmetry from 0^ 

to C- (CrXcY). The symmetry is lowered with no change in the energy 

(=Dq) of the ^B^** ^B^ component and a shift to lower frequency in 

the ^E-• ^B, transition if the perturbing ligand falls lower in the 

spectrochemical series than X.^^ This analysis provides a reasonable 

assignment for the comparatively weak visisble transitions of the aquo 

dimer at 687(^82) and 632(^E) nm, as the broad J^^-* A2g transition 

of CriWryO)^^'' has X at 574 nm. If the configuration interaction 
2 D max 

among the ^E excited states is neglected, the tetragonal splitting 
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parameter Dt may be related to transition energies and octahedral 

crystal field parameters through equation 39. 

Dt = 4/35(E(^B2)-E(^E)) = 2/7(Dqx - Dqy) (39) 

On this basis, crystal field parameters for the aquo dimer are Dt = 

+139 cm'-̂  and Dq(0Cr(H20)5") = 1200 cm""^, with Dq(H20) = 1740 cm""^. 

The considerable attenuation in Dq((H20)rCrO") compared with Dq(H20) 

reflect strong ir-donation from the bridging oxygen atom (Py,p„)into the 

x y 
d and d orb i ta ls of chromium. These low energy bands can be 

A ^ y ^ 

related to t rans i t ion within the MO scheme of Schimidkte (Figure 14). 

Table 19 gives two possible metal-centered transit ions which could 

account for these t rans i t ions. 

The other major features in the UV-visible spectra can be 

explained by examining a l l the possible t ransi t ion that are possible 

(using Schimidtke's MO scheme). There are six spin and symmetry 

allowed t rans i t ions: b2g e^ , e^ b2g, ê^ a^^ , e^ a2^ . 
* * * 

e e^ and a, ê ^ . The b2 ê ^ and e^ b2g transitions 

would not be intense bands because of the magnitude of the transition 

dipole moment.^^ San Filippo et^ aV^ assign the 479 nm band in the 

ClgRuORuClg^" complex as the e^ e^ transition. The e^ ê ^ 

transition in the aquo dimer is assigned to the 443 nm band (Table 19). 

The other bands were assigned as presented in Table 19. The e^ 

* * * 

a p a and a, e transitions are considered to be 
Ig * g 2u Ig u 

charge transfer bands since the electron density in the ground state 
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Table 19. Band Assignments of the UV-visible Spectrum of the Aquo 

Dimer. 

Band-Maxima 

(cm"l) 

Extinction 
Coeffecient 

(M"^ cm"^) 

Transition 

15,800 

17,000 

18,380 

22,570 

24,210 

28,820 

33,330 

200 

230 

190 

3000 

2300 

5000 

2900 

(b lu" hu^ 

(̂ 2g — ^ I g ^ 

'u 

'2u 

'ig 

^ I g -^u 

'These are just two of many possible transitions for the d-d bands 
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mainly is found on oxygen, but on the metal in the excited state. The 

energy of these transitions will be decreased by the energy gained by 

unpairing electrons and would be changed so that they would appear in 

the UV-visible spectrum. Further evidence for this approach in 

predicting the spectrum is that 4 intense bands would be expected from 

the selection rules and 4 bands are found in the spectrum of the aquo 

dimer. Therefore, this simple approach seems to give a reasonable 

interpretation of the spectrum. 

Studies of Chromium-chlorani1 ate Complexes 

The room temperature spectrophotometric titration results clearly 

show that a 2:1 Cr:CA mole ratio is required for the catalyzed 

oxidation of ethanol, as no reduction of chloranilate was observed 

within the 1:1 complex IV. However, the 60'C kinetic results suggest 

that the catalytic reactivities of 1:1 and 2:1 Cr-CA complexes become 
U A 

comparable at elevated temperature. While 2:1 Cr-CA species were 

2+ 
identified by chromatography (II) and in the Cr (aq)-H2CA reaction, a 

5:2 (Cr:CA ) ratio evidently pertains for the thermodynamic catalyst 

reduction production product in the presence of excess Cr(III). The 

favorability of this stoichiometry is further supported by the 

elemental analysis of III. 

The rich UV-visible spectra of II, IV and V merit a careful 

analysis, as all are dominated by intense, sharp peaks which clearly 
3 

cannot be d-d transitions arising from the d electronic configuration 

of Cr(III). Although the point group of the chloranilate dianion is 

only C soectra of substituted 1,4-benzoquinone may be conveniently 
•' 2 h ' '̂  
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interpreted by comparison with the parent molecule (D^.).^^"^^ The ir 

electronic configuration of 1,4-benzoquinone, in order of increasing 

LCAO MO energy, is (bi,)^(b2g)^(biu)^(b3g)^(b2g)°(a,)°(bi^)°(b2g)°.^^ 

On this basis, both symmetry-allowed b, — b o (LUMO) ( B^ -«^— A ) 

lu 2g^ ' ^ 3u g' 

and forbidden b3 b2Q ( B, -<— A ) i r - i r t ransi t ions are 

69 * 62 * 
expected, along with an n—ir band at lower energy. The ir —ir and 

* 

n—ir transitions are red- and blue-shifted, respectively, by 

electron-donating substituents. ' With reference to the spectrum of 

1,4-benzoquinone, " we assign the 330 and 501 nm bands of IV as 83-̂  

1 1 1 * 
A and B^ -•— A (overlapping n —ir ), respectively. The 
symmetry-forbiddeness of the latter transition is relaxed somewhat by 

fin fi ? 
unsymmetrical substitution of the quinonoid. ' -Thus, the 520 nm 

2 - 1 - 1 
extinction coefficient of HCA in water (9.14 x 10 M cm ) is 

2 -1 -1 
substantially larger than those of both H2CA (1.41 xlO M cm ) and 

CA^" (1.74 X 10^ M"^ cm'^ 25'C and I = 0.5 M).^^ The intensity of the 

CrCA " 501 nm band therefore is consistent with a structure involving 
ox 

the interaction of Cr(III) with only one of the available phenolic 

oxygen atoms of the quinone. 

The pH dependence of the visible spectrum of IV shows that the 

complex cannot be protonated in solution in the range: [H ] = 0.0030 to 
2-

1.00 M. A simple explanation would be to propose that CA is bonded 

in the chelated, form but the cyclic voltammetry results rule this out. 

The cyclic voltammetry results demonstrate that 3 protons are taken up 

by the reduced form of IV. The change in the basicity (from pK^ = 0.72 

to a lower limit estimate pK^ = -1. see results section) of the 
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uncomplexed phenolic oxygen can be explained by hydrogen bonding of the 

adjacent ketone oxygen (1) or in a resonance form of CA^" (1,2-BQ (2)). 

H .0 

Resonance form 2 (1,2-BQ form) will change the position of the phenolic 

oxygen. This type of interaction also will explain the instability of 

4+ 
Cr«(CA ) , since one chromium atom would be bonded to ketone-like 

Z^ ox' 

oxygens. Pierpont et aA^ reports that the Cr(l,2-80)3 " complex 

undergoes rapid hydrolysis to form Cr(H20)g ". The proposed 

interaction would also increase the stability of complex IV to acid 

hydrolysis. 

The 1,2-benzoquinone resonance form will take advantage of the 

hydrogen-bonding. With the change from the 1,4-BQ to the 1,2-BQ, we 

might be able to account for the shift in the 300 nm band of 1,4-BQ. 

Both 1,2-BQ and 1,4-BQ are expected to have three electronic 

transitions (2(ir-ir*) and n-ir*).^^ In 1,2-BQ the n—ir band is 
* 

red-shifted when comparing it to the n — ir transition of 1,4-BQ. The 
* 

x_ is found between 500-580 nm for the 1,2-BQ n—ir transition and 
Mnax 

420-460 nm for 1,4-BQ.^^ In complex IV, we would expect to have the 
* 

chromium(III) d-d and the forbidden ir-ir of BQ in that same region as 

the n-ir* (BQ) transition. Therefore, it would difficult to argue 
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whether the n—ir benzoquinone band in complex IV is red-shifted 

because of the 1,2-BQ resonance form of chloranilate. The shift in the 

300 nm (ir—ir ) band of free chloranilate to 330 nm in complex IV may 

be attributed to the 1,2-BQ form of the chloranilate ligand in complex 

IV. Similar shifts are observed in 1,2-BQ as compared to 1,4-BQ (254 

67 

nm as compared to 246 nm). 

A striking similarity exists among the visible spectra of II, III, 

V and the chloranilate semiquinone trianion radical (CASA ). Indeed, 

analogous patterns, composed of two intense, sharp peaks accompanied 

(in some cases) by a higher-energy shoulder, have been reported for 
68-71 

many fully-ionized 1,4-benzosemiquinone in the 400-500 nm region. 
We will refer to these features as bands A, B and C in order of 

increasing energy. Although transition energies vary modestly 

throughout the series, AE^g and AEg^. are nearly invariant in the 

comparison of CASQ^" (AE^g = 1.4kK, AEg^, = 1.3 kK) with V (AE^g = AEg^, 

= 1.6 kK) and the product of the Cr^"(aq)-H2CA reaction (AE^g = ̂ £3^ = 

1.5 kK). These relationships confirm the analogy among the three 
3-

spectra, and imply that Cr perturbs the electronic structure of CASQ 

through an interaction with a donor or acceptor molecular orbital in 

all three essentially 1igand-centered electronic transitions. 

Surprisingly, no detailed assignment of 1,4-semiquinone spectra is 

available in the literature, even though these visible bands have been 
CO 

utilized to obtain ionization constants and disproportionation rates. 

An extensive literature in the area of stable transition 

metal-l,2-semiquinone complexes has developed in the last ten years. 
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including several structural and spectroscopic studies of chromium(III) 

compounds with such ligands as 3,5-di-tert-butyl-l,2-benzosemiquinone 

(3,5-DTBSQ) and tetrachloro-l,2-benzosemiquinone (TCSQ).^^»^^"^^ 

Visible spectra of these Cr(III)-semiquinone adducts invariably exhibit 

intense bands near 500 nm analous to those reported here, although with 

72 73 poorer resolution of proximal features. ' Strong antiferromagnetic 

coupling between transition metal d orbital and semiquinone unpaired 

electrons has been proposed to account for the magnetic 

susceptibilities and epr spectra of Cr(III) complexes with various 

fifi 
combinations of quinone, semiquinone and catechol ate ligands. Thus, 

the coupling of a Cr(III) S = 3/2 center with three S = 1/2 semiquinone 

ligands would account for the diamagnetism of Cr(3,5-DTBSQ)3 and weak 

7fi 
paramagnetism of Cr(TCSQ)3 at room temperature. 

4+ 
The two-electron reduct ion product of Cr2CAQ^ would contain three 

unpaired electrons per chromium atom i f C r ( I I I ) - b r i d g i n g ch lo ran i la te 

hydroquinone-Cr( I I I ) were were the predominant resonance form (with 

weak ant i ferromagnet ic coupling between Cr centers) , as suggested by 

Linck and Taube.'^^ In con t ras t , four unpaired electrons per chromium 

atom would per ta in i f C r ( I I ) (high-spin)-CASQ-Cr(II I) defines the 

e lec t ron ic s t ruc tu re . The 298.2 K Ug^^/Cr of 3.81 B. M. charac te r i s t i c 

of I I i s s l i g h t l y less than the S = 3/2 spin-only value (3.87 B. M.), 

as is t yp i ca l (equation 40, is the many-electron sp in -o rb i ta l 

coupling constant) of octahedral C r ( I I I ) complexes. 

u ^^ = 2(1 - 4X/10 Dq)[S(S + 1) ]^ (40) 
^e f f ^ 
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The g value of 1.97 implied by p^^^ is in exact agreement with the 100 

K epr resu l ts . Factors which may contribute to the unusually large epr 

78 l ine width included spin-spin interact ion among the paramagnetic 

centers and intramolecular electron exchange with I I . The magnetic 

suscept ib i l i ty and v is ib le spectral results could be reconciled by 

invoking strong antiferromagnetic exchange between S = 2 Cr( I I ) and S = 
* 

1/2 bridging semiquinone centers, supported by dir(t2 )-ir (b2 (HOMO)) 

orb i ta l overlap. While a low-spin Cr( I I ) center would not resul t from 

a six-oxygen (H2O, EtOH, phenolate) ligand f i e l d , molecular orb i ta l 

79 theory provides an at t ract ive alternative to magnetic exchange in the 

understanding of both magnetic and spectroscopic properties of I I . 

Only a qual i ta t ive molecular orb i ta l analysis of binuclear 

Cr(III)-CASQ complexes may be offered in view of the l imited 

structural information available. Nevertheless, an essential ly planar 

Cr2CA ^" structure involving 1,2 and 4,5 chelating pairs of oxygen 

atoms^^ appears reasonable in l i gh t of x-ray crystallographic findings 
1 fi 

on chloranilate-bridged N i ( I I ) and Cu(II) binuclear compounds. 
1 fi 

Following the molecular orb i ta l analysis of Pierpont et aTv» ^'^^^^ 

planar (xy) units are assumed to have D2̂  symmetry, with the Cr-Cr 

vector defining the x-axis. Considering only ir-bonding, the Cr t2g(0^) 

orb i ta ls generate b^^j(xz(l) + xz(2)) , b2g(xz( l )-xz(2)) , b3g(yz(l) + 

y z ( 2 ) ) , a ^ ( y z ( l ) - y z ( 2 ) ) , b^^{xy{l) + x y ( 2 ) ) and b ^ g ( x y ( l ) - x y ( 2 ) ) 

symmetry o r b i t a l . Of these, b̂  and b^^j^ are rigorously non-bonding 

with respect to the semiquinone ir system. The calculations of Gordon 

Fenske show that the Cr ( I I I ) 3d valence orbi ta ls f a l l only about 1 eV 
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lower in energy than the 3b^(C2^) semiquinone HOMO in the complexes 

[Cr(BQ)3_^(SQ)^]^^""^" (n = 1, 2, 3) where BQ and SQ represent 

1,2-benzo- and semiquinones, respectively. On this basis, 

substantial bonding energies were predicted for molecular orbitals 

derived from Cr(3d)-3b^(SQ) overlap.^^ Similarly, we anticipate that a 

bonding, primarily metal-localized 2b2 molecular orbital will result 

from the interaction between the CASQ HOMO and Cr b2 symmetry 

orbitals. The corresponding 1igand-centered antibonding level (3b2 ) 
3_ 

would then be destabilized relative to the HOMO of free CASQ . The Cr 

b, , b3 and a orbitals are expected to be approximately non-bonding, 
3_ 

as symmetry-allowed overlaps would be with CASQ levels at much higher 
CO 

or lower energy than the HOMO. 

Including the four strongly-bonding ligand levels, sixteen 

2+ 
electrons must be accomodated in the Cr2CA^ ir-system. A reasonable 

electronic configuration of II consistent with both magnetic and 

spectroscopic findings is: (Ib^u^^lb2g)^(2b^,j)^(lb3g)2(2b2g)^(laj^ 

(Ibig)^(lb2,)^(3bi,)^(2b3g)l(3b2g)^(2aj^4bi^)^4b2g)^ provided that 

the energy difference between the 1igand-centered HOMO and non-bonding 

la , lb, , lb2^J, 3b^^, Zb^^ orbitals localized on Cr is, in fact, 

small. This molecular orbital approach accounts for three unpaired 

electrons per chromium atom through the pairing of two electrons in the 

bonding 2b2 MO, delocalized over both Cr atoms. 

A qualitative MO analysis also provides a reasonable basis for 

understanding some aspects of the electronic spectra of II, III and V. 

We assign the intense CASQ^" bands at 476 and 447 nm to excitations 
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from the b2g HOMO to the LUMO a u ( \ ^ ^ ^ ^ 2 g ) "̂̂  ^lu(^^lu'^^^2 ^ 

antibonding levels. Red shifts in the analogous transitions of 
2+ 

Cr2CA^ complexes are expected from the destablization of the 3b2 

HOMO associated with Cr-CASQ^" ir-bonding. Destabilization of the 3b2 

MO would move the 2b^u^3b2g and lb3 - 3 b 2 transitions to higher 

energy, as compared with the analogous bands in both CASQ^" and CA^". 

The 300 nm absorption of V therefore should contain the former ir—ir* 

transition along with a phenolate oxygen-to-chromium(III) charge 

transfer component. Considering the apparent energetic proximity of 

3b2 and Cr-centered non-bonding orbitals, the comparatively broad, 

asymmetric complex V band with x at 355 nm may contain several 
lllu A 

transitions of the metal (3d)-to-ligand (ir ) charge transfer type, 

i.e., Ib^ -2a2^. Such bands have been observed (360 - 400 nm) in 

80 nickel(0) complexes of duroquinone. Finally, we note that the 600 nm 

(€/Cr 2.4 X 10^ M"-^cm"-^) and 654 nm (6/Cr 4.8 x 10^ M'-̂ cm""̂ ) complex V 

bands, which have no analogs in the CASQ ' spectrum, arise from the 

splitting of the ^T2 -<—^A2 (0^) Cr(III) d-d transition by a 

low-symmetry (presumably C2 ) crystal field component. A crystal field 

4+ analysis of similar splitting in the spectrum of [(H20)gCr]20 has 

been reported earlier. 

Several lines of evidence point to low thermodynamic and kinetic 

stability of the immediate Cr2CA^ oxidation product, Cr2CAQ^ ". 

chloranilate-containing 4+ cation was found in the chromatographic 

separation of product mixtures from the oxidations of V by Br2 in 

ethanol and of Cr2CA^^"' by O2 in water. Isobestic points observed 

No 
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throught out the la t te r reaction confirm the absence of s igni f icant 

concentrations of products other than Cr(H«0)^ and CrCA " . The 
^ 2 ̂ 6 ox 

grossly irreversible cyclic voltammograms of Cr2CA^" in 0.1 M NH.CIO, 

and 0.1 M HCIO^, with ipa/ipc > 1, suggest that the anodic oxidation 

rate and aqueous stability of Cr2CA both fall off rapidly with 

increasing [H ] . 
4+ 

The Cr2CA species evidently is somewhat less susceptible to 

decay in 99% ethanol, as indicated by quasi-reversible voltammograms 

with ipa/ipc near 1. Nevertheless, peak-to-peak separations 

consistently were much larger than the 30 mV characteristic of a 

reversible, two-electron process. The 60'C kinetic results demonstrate 

that a 100-fold excess of Cr(III) over H2CA is needed to fully convert 

chloranilate into Cr«CA /", even in 99% ethanol. The oxidizing 
^ U A 

strength of the quinonoid moiety in Cr2CAQ^ " is strongly enhanced 

relative to that of free H2CA in ethanol. Thus, the apparent 

Cr.CA ^"/Cr.CA^^" E^ = 0.46 vs^ SCE (EtOH) reported for H2CA in 95% 
2 ox t r 2 ^ 

EtOH/1 M HCl.^^ On this basis, we estimate a E^ {^r2^C^^^ " vs_̂  H2CA) 

of + 0.28 V, corresponding to a substantial increase in thermodynamic 

driving force (13 kcal/mole in G'). 

The capability of Cr2CAQ^^", but not H2CA, as an ethanol oxidation 

catalyst is a likely consequence of this increase in thermodynamic 

driving force. Oxidation of primary alcohols typically proceeds 
82 

through hydride ion transfer to the two-electron acceptor. The first 

order CoH.OH dependence observed above 16 M is consistent with a 
2 5 

rate-limiting direct hydride ion transfer from C2H5OH to the bridging 
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CA 2 -
ox l i g a n d . A change o f o r d e r from f i r s t t o z e r o t h or s imp le z e r o 

order ethanol dependence would be expected for rate-determining 

two-electron transfer from coordinated C«H(.OH to CA ^", mediated by 
<: D o x •' 

the Cr atom. As was noted in the pioneering study,^^ the zeroth order 

limiting [Cr(III)] dependence in 99% ethanol implies that substitution 

in the first coordination sphere of Cr(III), to form Cr^CA ^" from the 
' 2 ox 

separated reactants, is fast on the time scale of the redox process. 

The much slower rate of Cr(III) ligand substitution documented for 
oo 

predominantly aqueous solutions accounts for the failure of chromic 

ion catalyze the C2H^0H-H2CA redox reaction in <90% ethanol. 

The kinetic results suggest that complex IV will also oxidize 

ethanol and go on to form complex II. There is a shift in potential in 

CrCA " and CrCA " complexes. The potential of Cr2CA in 0.1 M 

NH^CIO^ was calculated to be 0.47 V vs^ SCE and the CrCA^^" potential 

was 0.41 V vSj_ SHE. The data demonstrates that complex IV will have 

less driving force in the oxidation of EtOH reaction. 

No shift in the potential of complex IV was observed in the 

presence of other metal ions. Since there is a difference in the value 

of E for complexes II and IV, it is reasonable to assume that other 

binuclear complexes (CrCA M) would also have different potential (as 

compared to IV). The shift in the potential in binuclear complexes may 

be attributed to the second metal's electron withdrawing effect on the 

BQ ring. This effect would shift the potential to a more positive 

value (as is seen in complexes II and IV). Since there are no shifts 

in the potential of complex IV, we must assume that very little of IV 
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is in the binuclear form (CrCA M). The CrCA^^M unit might be formed 
W A U A 

at higher metal ion concentrations. The kinetic data suggest that 

4+ 
^'^2^^ox complex is formed when there is a 100 fold excess of 

chromium(III). Therefore, it is not unreasonable to assume at higher M 

(where M = Fe ", Al ", etc.) concentrations there would be binuclear 

chloranilate complexes formed. This study demonstrates that the two 

free ketone oxygens are very weak bases, since Fe , Al and Ce , 

which have large affinities for the formation of oxygen-metal bonds, 

formed very little, if any, CrCA M complex. 

The isolation of a solid containing the Cr^CA " unit was only 

partially successful, as III could not be redissolved in ethanol to 

give II or V. Nevertheless, the transient visible spectrum in 0.1 M 

HCIO. and powder epr signal are quite similar to those of other Cr-CASQ 

complexes. Compound III evidently is a complex salt containing sodium 

and chromium cations to balance perchlorate, hydroxo and chloranilate 

semiquinone ligand anions. Charge balance to give a formula in good 

agreement with elemental analyses if chromium and chloranilate are 
3_ 

present exclusively as Cr(III) and CASQ , respectively, giving a 

neutal Cr5(CASQ)2(C104)g core. The 13 Na" cations present per 

Crc.(CASQ)2^^ unit presumably offset the charges of hydroxo ligands. 

Since III could not be recrystallized, we cannot be certain that the 

compound is entirely homogeneous, particularly with respect to Na , OH" 

and H2O content. Nevertheless, the Cr, C and Cl analyses strongly 

support the proposed 5Cr(III):2CASQ^" stoichoimetry. The infrared 

spectrum of III is not particularly informative, but does show a 
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decrease in the C==0 stretching frequency (1525 cm" ) and band 

intensity compared with those of Na2CA*2H20 (1560 cm" ), as would be 

expected for a semiquinone complex. Although the structure of III 

remains in doubt, a particularly intriguing possibility involves the 

interaction of two parallel, planar Cr2(CASQ) " units, as ligands, with 

a central Cr(III) ion to form a ir "sandwich" complex similar to 
OQ 

bis(duroquinone)nickel(0). Another poss ib i l i ty is that the f i f t h 

chromium atom is bridging between the two Cr2(CASQ) " unit by bonding 

to the chlorine on the CASQ r ing . Further studies are required to be 

able to say more about the structure of complex I I I . 



CHAPTER V 

CONCLUSIONS 

This work demonstrates that the chemical and physical properties of 

0X0- and quinone-bridge complexes can be understood by examining their 

electronic structure. The MO scheme of Schmidtke (for the oxo-bridge 

complex) and the MO scheme presented in this work for the 

chloranilate-bridge complex are useful even though they are only 

qualitative schemes. Both complexes studied have unique UV-visible 

absorption spectra. Although both complexes have sharp, intense bands 

in the near UV, they are not related to one another. The 

quinone-bridge spectra originates from electonic transitions on the 

bridging ligand. On the other hand, the bands in the aquo dimer are 

transitions which occur in the Cr-O-Cr unit. Another similarity 

between the two compounds is that both complexes have shifts in their 

reduction potentials. The aquo dimer's potential shifts +0.93 V as 

compared with the mononuclear analog and the chloranilate-bridge 

complex has a shift in the reduction potential of +0.28 V as compared 

with the uncomplexed chloranilic acid. Both of these shifts in 

potential have been explained by changes in the electronic structure 

upon formation of the bridge complex. 

More work needs to be done in this area to test the proposed 

mechanism and explanations of the physical properties. For example, if 

the reasoning presented in this work for the shift in the reduction 

potential is correct, then we would expect to see a shift in the 

reduction potential of the basic rhodo ion (this potential has not 

117 
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been reported in the literature). The work with the 

chloranilate-bridge compound shows promise in the development of an 

ethanol oxidation catalyst. There are some necessary improvements 

needed: (1) the oxidized form of the complex needs to be stable and not 

undergo rapid hydrolysis, (2) the reaction rates need to be faster and 

(3) the catalyst would be more useful if it would oxidize ethanol in 

solution where [ethanol] < 95%. Further work should be done to 

determine other ways in which the quinone-bridge complexes may be 

useful. 
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