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rates in the absence of a catalyst. To date, most studies of 
the catalyzed reduction of nitric oxide by carbon monoxide 
have employed heterogeneous catalysts, usually metals and 
metal oxides, at elevated reaction temperatures.1 The use of 
metal complexes in solution as catalysts for reactions of this 
type has only recently begun to be explored. In 1973 John
son and Bhaduri2 reported that the dinitrosyl [Ir-
(NO) 2 (PPh 3 ) 2 ] + reacts with carbon monoxide according to 
eq 3, and conversion of the cationic tricarbonyl complex [Ir-
(CO)3(PPh3)2] + back to the reactant dinitrosyl suggested 
the possibility of a continuous cycle for reaction 2. Catalysis 
of eq 2 by such dinitrosyl complexes has subsequently been 
reported by Haymore and Ibers.3 

I r (NO) 2L 2
+ + 4CO — Ir(CO)3L2

+ + N 2 O + CO2 (3) 
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Abstract: The catalytic reduction of nitric oxide by carbon monoxide to yield N2O and CO2 has been studied at 230C using 
[RhCl2(CO)2]- as the catalyst. When solutions of the rhodium carbonyl anion in aqueous acidic ethanol are placed under a 
mixed gas atmosphere of NO and CO (4:3 ratio), a green color develops characteristic of an unstable intermediate and prod
uct evolution is observed by GC analysis. Quantitative recovery of (RhCI2(COh]- a' the end of the catalytic runs and re
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In our laboratory studies were initiated using metal com
plexes in solution under gaseous mixtures of NO and CO, 
and indeed catalysis of reaction 2 was observed with RhCb 
in ethanol.4 In retrospect, this catalysis derives logically 
from the report by Hughes5 on the reaction of NO with 
Rh(I) systems according to eq 4 and the known CO reduc
tion of RhCb, reaction 5, as reported by James and co
workers.6 In the former the Rh(I) metal center is apparent
ly oxidized to Rh(III) with the production of N2O, whereas 
in the latter the metal center is reduced to Rh(I) and CO2 is 
evolved. Coupling of (4) and (5) thus predicts the observed 
catalysis. 

RhClL2L' + 4NO — RhCl(NO2)(NO)L2 + L' + N 2O (4) 

RhCl3 + 3CO + H2O -* [RhCl 2(CO) 2]- + 
CO2 + 2 H + -I- Cl" (5) 

In the present paper we describe a comprehensive devel
opment of our initial observations4 including identification 
of [RhCl 2 (CO) 2 ] - as the true catalyst in this system, the 
need for aqueous acid as a cocatalyst, and a discussion of 
the mechanistic possibilities of this intriguing reaction. 

Experimental Section 

General Methods and Materials. Rhodium trichloride hydrate 
(Matthey Bishop), tetraphenylarsonium chloride (Ventron), and 
triphenylphosphine (Eastman) were used as purchased. Nitric 
oxide was purified by passage through a cold trap (-780C). Car
bon monoxide was used directly. Both gases were obtained from 
Matheson. Reagent grade solvents were dried and distilled under 
nitrogen just prior to use. Concentrated HCl refers to a 37% aque
ous solution. 

A Hewlett-Packard Series 570OA gas chromatograph with a 
thermal conductivity detector was used for analysis of gas mix
tures. Gas samples (0.50 ml) were taken with a Pressure-Lok air 
tight gas syringe (Series A-2) obtained from Precision Sampling 
Corporation. Separation of diatomic gases (N2, O2, CO, and NO) 
was achieved on a Molecular Sieve 5A column (2 ft X 0.5 in.), and 
a Porapak Q column (12 ft X 0.25 in.) was employed for separa
tion of CO2 and N2O distinct from the diatomic gases. Both stain
less steel columns were purchased prepacked from Hewlett-Pack
ard. 

The apparatus employed in the catalytic studies consisted of ei
ther a 1-1. (kinetic studies) or a 3-1. 24/40 single-neck round-bot
tom flask connected via a side arm to a three-way stopcock. One 
lead was connected to vacuum and the other used for addition of 
gases or stoppered with a serum cap to allow gas sampling. A 
ground glass adapter connected the reaction vessel to a mercury 
manometer. Solutions were stirred using a magnetic stirrer. 

Isolation of products at the end of catalysis runs was achieved by 
transferring the final degassed solutions under vacuum and con
centrating either under vacuum or under a stream of nitrogen. In 
trapping experiments triphenylphosphine (3 equiv) was injected as 
a concentrated solution in ethanol. 

Infrared spectra were recorded (KBr pellets) on a Perkin-Elmer 
467 grating infrared spectrophotometer. Ultraviolet and visible 
spectra were recorded on a Cary 118 spectrophotometer. A Beck-
man pyrocell (no. 5011) quartz flow cell was connected with nar
row Tygon tubing to the reaction vessel sample port and to a 100-
ml gas reservoir bulb attached to a mercury manometer. This sam
pling assembly was then evacuated and slowly filled with the gas 
mixture over the catalyst solution to a pressure differential of ca. 
100 mm. The reaction vessel was then tilted, allowing the solution 
to flow into the sample cell. Hoffman clamps were used to seal the 
two Tygon leads. 

Preparation of Complexes. The dimer [Rh(CO)2Cl]2 was pre
pared by the method of McCleverty,7 recrystallized from hexane, 
and stored in a desiccator. The method of Cleare and Griffith8 was 
used for the synthesis of (AsPh4) [RhCl2(CO)2]. 

Calibration Plots. Al-I. reaction vessel connected to a mercury 
manometer was evacuated and flushed with gas (NO, CO, N2O, or 
CO2) several times. The desired gas-was then added in small incre
ments. System pressure was recorded and a 0.50-ml gas sample an

alyzed by GC after each addition. The gas pressure was taken as 
the difference between the vacuum pressure reading and the sys
tem pressure reading for a given sample. Linear plots of peak 
height vs. partial pressure were obtained for all four gases, and 
slopes were determined by a computer fitted least-squares analysis. 
New calibration plots were prepared whenever it became necessary 
to change the helium tank. 

Catalysis Runs (I-XII). One millimole of RhCl3-ArH2O, 1 mmol 
of (AsPh4)[RhCl2(CO)2], or 0.50 mmol of [Rh(CO)2Cl]2 was dis
solved in 100 ml of absolute ethanol in the 3-1. reaction vessel, and 
additional reagents were added as noted in Tables I and II. The en
tire system was then thoroughly degassed and allowed to equili
brate to room temperature (0.5 hr). Carbon monoxide (ca. 260 
mm) and nitric oxide (ca. 360 mm) were then added in that order, 
and the system was sampled immediately to give fo partial pres
sures of reactant gases. 

Kinetic Runs (A-I). The complex (AsPh4)[RhCl2(CO)2] was 
weighed into a 100-ml volumetric flask and diluted to the mark 
with a stock solution prepared by adding 20 ml of concentrated hy
drochloric acid to 500 ml of absolute ethanol. The solution was 
then poured into the 1-1. reaction bulb, attached to the manometer, 
cooled to — 78°C, and degassed. Carbon monoxide was added, the 
solution thawed, cooled, and then evacuated. The entire freeze-
pump-thaw cycle was then repeated, and the final degassed solu
tion allowed to equilibrate to room temperature for at least 1 hr 
prior to charging with CO and NO successively. The system was 
sampled immediately to give to values for partial pressures of reac
tant gases. 

Results 

Homogeneous catalysis of the reduction of nitric oxide by 
carbon monoxide was monitored by periodic sampling of 
gas mixtures above the rhodium complex solutions. The 
samples were analyzed by gas chromatography; from linear 
calibration plots of peak height vs. partial pressure for the 
pure gases, the partial pressures of reactant and product 
gases during the course of each run were calculated. In a 
control experiment no reaction was observed in the absence 
of rhodium complex. 

The Catalyst Complex. Experimental results designed to 
determine the nature of the catalyst complex in the system 
first reported by Reed and Eisenberg4 are presented in 
Table I. Curves of N 2 O production as a function of time for 
key runs in the table are depicted in Figure 1. Analogous 
curves for CO2 evolution were also obtained. 

Each run commenced with an approximate 4:3 ratio of 
NO:CO unless otherwise noted. Since the stoichiometry of 
the catalyzed reaction conformed to eq 2, the NO:CO ratio 
of gases above the catalyst solution exhibited a continuous 
decrease. Run I using RhCb-^H 2O in ethanol essentially 
duplicates the results reported previously by us.4 Initially it 
was discovered that addition of a few milliliters of concen
trated hydrochloric acid (run II) to the RhCb-XH2O solu
tions caused a twofold increase in product formation. In 
comparison to curve I, curve II clearly shows that the in
duction period is shortened and the maximum rate of prod
uct evolution increased in the aqueous acidic medium. Iden
tical effects were observed in run III by stirring the RhCb-
x H 2 0 solution under carbon monoxide for several hours 
prior to degassing and charging with NO and CO. These re
sults are indicative of initial reduction of Rh(III) to Rh(I) 
by carbon monoxide to give [RhCl 2 (CO) 2 ] - , 6 and it was 
found that this anion could be isolated as its tetraphenylar
sonium salt by the addition of tetraphenylarsonium chloride 
to the final degassed solutions. Consequently, attention fo
cused on the catalytic properties of this complex. 

In runs IV and VI it was established that 
[RhCl2(CO)2]- , whether produced by the addition of aque
ous HCl to solutions of the chloro-bridged dimer9 or intro
duced upon dissolution of an authentic salt in the same me
dium,4 forms a reactive homogeneous catalyst system for 
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Table I. Homogeneous Catalysis of Nitric Oxide Reduction 
by Carbon Monoxide 

Run Catalyst solution3 
Time 
(hr) APN0t>APco /> c o , P N n 

Figure 1. Partial pressure of N2O vs. time for solutions of (As-
PrM)[Rh(COhCb] and RhCh-xHiO. Roman numerals refer to runs 
listed in Tables I and II. 

converting nitric oxide and carbon monoxide into N 2O and 
CO2. The product curves for these runs (Figure 1) show a 
dramatically shortened induction period relative to the rho
dium trichloride system. Solutions of the anion undergo a 
color change from pale yellow to olive green under an 
N O / C O atmosphere, producing within 1 hr a solution 
which is identical in appearance with those formed from 
ethanolic RhC^-JfH2O solutions after 8-10 hr exposure to 
the mixed gases. Product evolution continues at a fairly uni
form rate during the ensuing 7 hr, and approximately 50% 
of the reactant gases, corresponding to the production of 15 
mol of CO2 and N 2 O per mole of rhodium, are consumed 
within the first 8 hr. At this point the reaction rate begins to 
decrease rapidly, and the solution gradually changes color 
back to pale yellow, suggesting regeneration of the carbonyl 
anion as the CO:NO ratio of reactant gases above the solu
tion increases. 

Virtually quantitative recovery of (AsPh4)[RhCl2(CO)2] 
was achieved at the end of run VI. Alternatively, the final 
yellow solutions could be degassed and recharged repeated
ly (run V), reproducing the results of the initial charge 
without any apparent loss of catalytic activity. This quanti
tative interconversion of [RhCl 2 (CO) 2 ] - and the green cat
alytic intermediate was verified spectrophotometrically as 
outlined below. 

Except possibly for ligand exchange, [RhCl 2 (CO) 2 ] -
does not react with carbon monoxide under the conditions 
of these experiments, leading to the conclusion that initial 
reaction involves either NO substitution or adduct forma
tion. Consequently, the reaction of the carbonyl anion with 
nitric oxide alone was investigated, employing solutions 
identical with those used in run VI. Under an initial partial 
pressure of 360 mm NO solutions of [RhCl 2 (CO) 2 ] - rapid
ly turned dark reddish orange. Gas chromatographic analy
sis established that stoichiometric evolution of 2 equiv of 
CO2 and N 2 O within 2 hr was followed by continued slow 
formation of nitrous oxide. The stoichiometry of nitric oxide 
consumption and product evolution suggested initial occur
rence of reaction 6. 

[RhCl 2 (CO) 2 ] - + 6NO -* [RhCl 2 (NO) 2 ] - + 
2N2O + 2CO2 (6) 

Evacuation of the system and concentration of the solu
tion afforded a dark red solid, which was only slightly solu
ble in most organic solvents. The infrared spectrum of this 
material had bands arising from the tetraphenylarsonium 
ion, a metal chlorine stretch at 330 cm - 1 , and a broad unre
solved absorption centered at 1620 c m - 1 which was as
signed to j-No- Attempts to obtain crystals suitable for fur-

20.5 
23 

23 

23 

I RhCl3XH2O 
II RhCl3-.xH20, 4 ml 

of HCl 
III RhCl3-XH2O, 4 ml 

of HCl (treacted 
first with CO) 

IV [Rh(CO)2(M-CD)2, 
4 ml of HCl 

V Recharge of run IV 23 
VI Ph4As[Rh(CO)2Cl2], 23 

4 ml of HCl 
VII Ph4As[Rh(CO)2Cl2], 23 

4 ml of HCl 
(treated first 
with NO) 

VIII [Rh(CO)2(M-CD]2, 23 
4 ml of HCl 
(N0:C0=2:1) 

110 
270 

66 
158 

52 
111 

39 
83 

296 175 126 102 

316 149 138 120 

304 
314 

342 

143 
149 

145 
138 

125 
128 

204 142 124 

428 206 200 180 

a AU solutions contained 1 mmol of Rh in 100 ml of ethanol; 
other components are specified. Unless otherwise stated initial ratio 
of N0:C0 was 4:3. HCl refers to a 37% aqueous solution. * Partial 
pressures are in millimeters of Hg. AP is initial partial pressure 
minus that at time shown. P is partial pressure of product at the end 
of the time period. Estimated errors are ±2%. 

ther study were unsuccessful. The nature of the species for
mulated as [RhCl 2 (NO) 2 ] - thus remains unestablished and 
its degree of solvation will be intimately related to the Rh 
oxidation state and nitrosyl bonding modes. The apparent 
continued disproportionation of nitric oxide catalyzed by 
these solutions is probably related to the observations of 
Stanko and co-workers,10 although no attempt was made to 
isolate ethyl nitrite from the reaction mixture. 

Evacuation of the system followed by reaction of the red 
solution with carbon monoxide resulted in evolution of CO 2 

and N 2 O and in the re-formation of [RhCl2(CO)2]"", which 
was isolated in good yield from the final yellow solutions. 
Alternatively, if the solutions formed under NO were de
gassed and recharged with CO and NO in a 3:4 ratio, run 
VII (Figure 1) was obtained. The characteristic green color 
of the catalytic intermediate developed very rapidly, and 
onset of significant product formation occurred immediate
ly. These results strongly suggest that interconversion be
tween the red nitrosyl species, the green catalytic intermedi
ate, and the carbonyl chloride anion is facile. The equilibri
um between the latter two species is observed directly, as 
shown in Figure 2, by charging dilute solutions of the red 
nitrosyl complex under a CO atmosphere and sampling in a 
flow cell. The initial spectrum observed is that of the green 
catalytic intermediate, and during the following 2 hr, a 
gradual increase in the absorbance at 332.5 nm characteris
tic of [RhCl2(CO)2]- occurs along with a decrease in the 
higher wavelength absorbance of the intermediate and an 
isosbestic point at 360 nm. Dilute solutions of the carbonyl 
anion under a nitric oxide atmosphere exhibit very intense 
absorptions below 320 nm and well-defined shoulders at 
390, 370, 356, 342, and 332 nm characteristic of the red ni
trosyl species. All transitions had extinction coefficients 
greater than that of the carbonyl anion maximum and the 
large molar absorptivity of this complex in the region 320-
400 nm (where the green intermediate absorbs weakly) pre
cluded spectrophotometric observation of the conversion of 
the red nitrosyl species to the catalytic intermediate. 

Effect of Aqueous Acid. While the shortened induction 
period resulting from addition of a few milliliters of hydro
chloric acid to the rhodium trichloride system was antici-
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Figure 2. Ultraviolet absorption spectrum of the (As-
Ph4)[Rh(CO)2Cl2] + NO product upon reaction with CO. An 0.628 
ml/ solution of [Rh(CO)2Cl2]- in EtOH-HCl was stirred under NO 
for 3 hr, degassed, charged with CO, and immediately sealed in a flow 
cell. The spectrum was scanned at r = 5, 65, 80, 1 10. and 120 min. The 
[Rh(CO)2Cl2]- peak at 332.5 mM (e = 3.06 X 1031./(A/ cm)) is unob
served at t = 5 min and grows throughout the time period. 

Table II. Requirement for Acid and Water in the [Rh(CO)2Cl2] ~ 
Homogeneous Catalyst System 

Time 
Run Catalyst solution*2 (hr) A/>NO& AP c o -PcO ^N2O 

VI Ph4As[Rh(CO)2Cl2], 23 
4 ml of HCl 

IX [Rh(CO)2(M-CD]2, 23 
1 ml of HCl 

X Ph4As[Rh(CO)2Cl2], 23 
anhydrous 

XI Ph4As[Rh(CO)2Cl2], 21.5 
~40 mmol of 
HCl gas 

XII Ph4As[Rh(CO)2Cl2], 23 
3 ml of H2O 

XIII Ph4As[Rh(CO)2Cl2], 23 
1.8 ml of H2O, 
1.4 g of LiCl 

XIV Ph4As[Rh(CO)2Cl2], 24 
6.3 ml of 
70% HClO4 

314 

280 

47 

46 

243 

167 

149 

136 

33 

16 

100 

79 

138 128 

142 122 

9 

9 

98 

80 

14 

5 

91 

71 

262 129 139 117 

a All solutions contained 1 mmol of Rh in 100 ml of ethanol; 
amounts of other components are specified. The initial ratio of 
NO:CO was 4:3. HCl in run IX was 37% aqueous. b Partial pressures 
are in millimeters of Hg. AP is the change in partial pressure of 
reactant gases from time zero to the time shown. P is the partial 
pressure of product gases at the end of the time period. Estimated 
errors are ±2% of reported values. 

pated, the enhanced rate of product formation in run II was 
not. This observation, along with the presence of aqueous 
HCl in the runs involving [RhCl 2 (CO) 2 ] - , prompted an in
vestigation of the role of acid and water in the catalytic pro
cess. The results of these experiments are summarized in 
Table II. While decreasing both the concentration of water 
and acid by a factor of four (run IX) had no effect on the 
catalytic activity, only a very slow stoichiometric reaction 
was observed in strictly anhydrous medium, whether neu
tral (run X) or acidic (run XI). Conversely, addition of 
water alone (run XII) is sufficient to render the ethanolic 
solutions catalytically active, although the characteristic 
green color does not develop. As seen in curve XII (Figure 
1), the maximum rate of product evolution is also signifi
cantly slower. In run XIII it was found that the effect of 
added chloride ion was negligible, and under conditions of 
approximately equal acidity (runs VI and XIV) the catalyt
ic activity was not affected by substitution of the noncoordi-

Figure 3. Dependence of the rate of N2O production on initial (As-
Ph4)[Rh(CO)2Cl2] concentration. Letters refer to runs listed in Table 
111. 

Table III. Rate of Product Formation as a Function of 
Initial Metal Ion Concentration 

Run 
[Rh(CO)2Cl2]-

X 104Af (mm of Hg/hr) 
AP c o / h r 

(mm of Hg/hr) 

A 
B 
C 
D 
E 

5.871 
4.403 
3.995 
2.935 
1.631 

1.31 ± 0.01 
0.98 ± 0.01 
0.74 ± 0.01 
0.68 + 0.01 
0.33 ± 0.01 

1.66 ± 0.02 
1.23 ± 0.01 
0.90 ± 0.02 
0.86 z 0.01 
0.42 ±0.01 

nating perchlorate counterion. Thus it became apparent 
that aqueous acid was required for maximum catalytic ac
tivity. 

Kinetic Studies. Kinetic studies were undertaken in order 
to establish the rate dependence on both catalyst concentra
tion and partial pressures of reactant gases. These experi
ments were conducted using more dilute solutions of 
[RhCl 2 (CO) 2 ] - which prolonged the linear period of prod
uct evolution and facilitated accurate rate determinations. 
Linearity in the rate of product evolution over a 20-hr time 
interval was achieved by employing solutions with initial 
anion concentrations in the range 5.9 X 1O -4 to 1.6 X 1O -4 

M, and slopes of these lines were determined by a computer 
least-squares analysis. The rates for N2O and CO2 produc
tion are presented in Table III and Figure 3 . " Plots of log 
( A P N 2 O / A / ) or log (A/>co2/Ar) vs. log ( [RhCl 2 (CO) 2 ] ; -

were linear with slopes of 1.02 ± 0.13 and 1.03 ± 0.12, re
spectively, establishing first-order dependence on metal ion 
concentration ([RhCl2(CO)2Ji = initial anion concentra
tion). Quantitative conversion of [RhCl 2 (CO) 2 ] - to the cat
alytic intermediate within the first 5 hr of reaction was veri
fied spectroscopically in a separate experiment. It should be 
noted that extrapolation of these results to runs IV and VI 
shows that the rates in the more concentrated solutions are 
slower than would be expected, indicating that the method 
of stirring may be insufficient to eliminate rate retardation 
arising from gas-liquid mass transfer effects. However, no 
systematic study has been made to date of the rate of prod
uct evolution as a function either of stirring or of gas-solu
tion interface. 

Semiquantitative kinetic studies designed to ascertain the 
importance of gas concentrations were also conducted with 
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Table IV. Rate of Product Formation as a Function of Initial Partial Pressures of Reactant Gases'2 

Run 
[Rh(CO)2Cl2] 

X 10" M (mm of Hg) (mm of Hg) 
Ratio1 

NO/CO 
APNO/hr 

(mm of Hg/hi) 
APco2/hr 

(mm of Hg/hr) 

F 
G 
H 
I 
D 

2.981 
2.981 
2.935 
2.935 
2.935 

261 
207 
406 
213 
374 

208 
167 
211 
394 
278 

1.25 
1.24 
1.92 
0.54 
1.35 

0.63 
0.57 
0.55 
1.19 
0.68 

0.72 
0.64 
0.66 
1.28 
0.86 

a The symbol "i" refers to initial concentration, partial pressure, or ratio. 

dilute solutions, and once again linear plots of product evo
lution vs. time were obtained. The slopes of these lines, de
termined by least-squares analysis, along with initial partial 
pressures of reactant gases are reported in Table IV. In run 
H (compare to run F) it was found that doubling the initial 
partial pressure of nitric oxide while keeping that of carbon 
monoxide constant had little effect on the rate of product 
formation. In marked contrast, comparison of run G and 
run I revealed a twofold rate enhancement observed upon 
doubling the initial partial pressure of carbon monoxide 
while holding that of nitric oxide constant. The similarity in 
rates for runs F, G, H, and D and the result for run I lead to 
the conclusion that the rate of product formation is strongly 
dependent only on the concentration of carbon monoxide. 

The results of these experiments (and in particular run 
H) were quite surprising in light of seemingly opposite ef
fects observed when 10 - 2 M solutions of [RhCl2(CO)2]" 
were charged initially with 420 mm of NO and 210 mm of 
CO (run VIII). It was anticipated that under conditions of 
a 2:1 (NO:CO) charge the rate of product evolution would 
have remained constant for a longer time period than it had 
under an initial 4:3 (NO:CO) charge (Tables I and II), 
since the ratio of reactant gases would remain constant 
throughout the course of the run. Surprisingly, the green so
lutions gradually turned orange under these conditions, and 
the color change was associated with enhanced rates of re
action. Product evolution in these cases continued without 
significant rate retardation until virtually all the reactant 
gases had been consumed, requiring less than 24 hr. Re
charging the final orange solutions with NO and CO in a 
4:3 ratio produced results identical with those of run VII. 
Unfortunately, the color change from green to orange oc
curred at different times (ranging from 4-6 hr) in seeming
ly identical rtins, and the factors which account for this 
anomalous behavior remain unclear. 

In evaluating the results of Table IV it should be noted 
that the dilute solutions employed led to very slow reaction 
rates in which changes in the partial pressures of reactant 
gases were less than 50 mm. Thus gas concentrations in so
lution, which should follow Henry's law, remain virtually 
constant during the course of the kinetic runs. The data of 
Table IV are internally consistent and may be interpreted 
as a valid indication of the dependence of the rate of prod
uct formation on the reactant gas concentrations. 

Reasons for the anomalous reactivity pattern observed in 
2:1 NO:CO charges for the 10 - 2 M solutions are unclear at 
present, but they may relate to mass transfer effects be
tween the solution and gas phases. The change in color from 
green to orange in these cases with concomitant change in 
the rate of reaction implicates a different intermediate and 
reaction mechanism. 

Attempts to Isolate Catalytic Intermediates. Numerous 
attempts were made to isolate the green catalytic intermedi
ate without success, and it appears that this species is stable 
only under a N O - C O atmosphere. Upon evacuation, the 
green solutions rapidly become dark reddish orange, and 
the infrared spectrum of the isolated product shows it to be 

a mixture of (AsPh4)[RhCb(CO)I] and the product 
formed by reaction with NO alone. Addition of triphenyl-
phosphine to the catalytically active solutions results in im
mediate precipitation of RhCl(CO)L2 , RhCl2(NO)L2 ,1 2 

and an unidentified carbonyl containing species (i>co 1940 
cm"1) . The complex RhCl2(NO)L2 is also formed upon ad
dition of triphenylphosphine to the solutions formed by re
action of [RhCl 2 (CO) 2 ] - with nitric oxide. It should be 
noted in this context that reaction of [RhCl 2 (CO) 2 ] - with 
triphenylphosphine gives RhCl(CO)L2 quantitatively,69 

and that RhCl2(NO)L2 has been obtained by the addition 
of triphenylphosphine to solutions of [RhCl(NO)2Jx ,13a 

[RhCl2(NO)]*,1 3 b and RhCl3-XH2O under NO.1 4 

Neither cooling the green solutions to - 7 8 0 C nor twofold 
dilution with hexane induced precipitation. Attempts to ob
tain an ESR spectrum of the green solution proved unsuc
cessful. When solutions of [RhCl 2 (CO) 2 ] - in acidic ethanol 
were evacuated, cooled to O0C, and placed under nitric 
oxide, the resulting green color was maintained for extend
ed periods (12 hr or more). However, it eventually gave way 
to the reddish color characteristic of the nitrosyl species and 
no intermediate was obtained. More concentrated solutions 
of [RhCl 2 (CO) 2 ] - also resulted in the dark red color and 
solutions from which only the carbonyl anion and the prod
uces) formed under NO could be isolated. 

In an effort to inhibit product formation and thus in
crease the probability of isolating an intermediate complex 
by stabilization, aqueous acid was omitted from the catalyst 
system, and [RhCl 2 (CO) 2 ] - in anhydrous ethanol was 
placed under nitric oxide. A dark yellow solution and an or
ange-brown precipitate were thus obtained. Initial rapid 
NO substitution was indicated by the appearance of a car
bon monoxide peak in the gas chromatogram and formation 
of 1 equiv of N 2O within the first 7 hr. If the system was 
degassed and recharged with nitric oxide at this point, slow 
production of carbon dioxide continued, implying that one 
CO remained coordinated to the metal. Further reaction 
with nitric oxide occurred extremely slowly and was appar
ently stoichiometric. After 5 days a total of 1 equiv of CO2 

and 2 equiv of N 2O (per mole of rhodium) had been pro
duced. The precipitate which formed during this reaction 
had an infrared spectrum identical with that of the precipi
tate formed during run X: 1650 (vNo), 1500, 1350, 1200, 
1100, 930, and 850 cm - 1 . All of these intense bands were 
uniformly broad, suggesting a polymeric nitrosyl species 
containing coordinated nitro or nitrito groups.15 

Discussion 

The results presented above clearly show that 
[RhCl 2 (CO) 2 ] - in ethanolic HCl forms a true catalyst for 
the carbon monoxide reduction of nitric oxide, and that the 
prolonged induction period previously reported4 for RhCl3-
JcH2O in ethanol is due to initial reduction of Rh(III) to the 
catalytically active [RhCl 2 (CO) 2 ] - system. The reductive 
carbonylation of RhCl3OcH2O,6 which proceeds slowly in 
anhydrous ethanol, is accelerated by the addition of a few 
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milliliters of concentrated HCl under a mixed NO-CO at
mosphere. Alternatively, the induction period can be short
ened by treatment of the RhCb solution with CO for sever
al hours prior to exposure to the NO-CO gas mixture. 

The need for reduction of Rh(III) to Rh(I) as a prerequi
site for the onset of catalytic activity has been reported be
fore, as exemplified by Cramer's16 study of the rhodium 
catalyzed dimerization of ethylene. In addition, we have 
found promotion of reaction 2 without an induction period 
by a series of Rh(I) complexes including RhClL3, RhBrL3, 
RhCl(CO)L2, RhL3

+BF4
-, [Rh(NBD)Cl]2, and 

[Rh(COD)Cl]2 (L = PPh3; NBD = norbornadiene; COD 
= 1,5-cyclooctadiene).'7 Under an NO-CO atmosphere, 
acidic ethanol solutions of [RhCl2(CO)2]- develop a green 
color characteristic of catalytic activity within 1 hr, whereas 
RhCl3 solutions were originally reported4 to take 8-10 hr to 
reach a similar appearance. 

The difference in maximum rates of product formation 
for equimolar solutions of rhodium trichloride and 
[RhCl2(CO)2]- in acidic ethanol (see Figure 1) is undoubt
edly due to incomplete reduction of rhodium trichloride 
under the conditions of these experiments. The distinctly or
ange color of the final solutions in the RhCl3 runs, and the 
less than 50% recovery of rhodium as (As-
PIu) [RhCl2(CO)2] for runs I—III clearly support this view. 
In addition the observation of infrared bands above 2060 
cm -1 in crude recovered material establishes the presence 
of Rh(III) species, such as the halocarbonyl anion 
[RhCb(CO)]2-.6J8 Continued recharging of catalyst solu
tions produced from RhCl3, however, ultimately results in 
catalytic activity equivalent to an equimolar amount of the 
[RhCl2(CO)2]-anion. 

In contrast to the RhCl3 system, the truly catalytic na
ture of [RhCl2(CO)2]- in aqueous acidic ethanol is demon
strated by quantitative recovery of the anion as its AsPl^+ 

salt at the end of runs IV-VI, the recharging experiments 
which reveal no loss of catalytic activity, and the facile, re
versible interconversion of the yellow [RhCl2(CO)2]- anion 
with the green catalytic intermediate. Under a 4:3 ratio of 
NO:CO, catalysis of reaction 2 proceeds smoothly yielding 
curve IV which is sigmoidal in shape. The positive curva
ture in the early stages of the run is associated with a 
growth in population of the green catalytic intermediate. 
The negative curvature, indicative of significant retardation 
of the catalyzed reaction, derives from the fact that con
sumption of NO and CO in a 2:1 ratio causes a gradual in
crease in the relative concentration of CO resulting in ulti
mate regeneration of the starting anion. 

When [RhCl2(CO)2]- is reacted under higher ratios of 
NO:CO or under NO alone, dark red solutions obtain 
which rapidly turn green under a 4:3 NO:CO ratio, and 
eventually yield solutions of the starting anion. While the 
reaction of [RhCl2(CO)2]- with nitric oxide in aqueous 
acidic ethanol is thus reversible under carbon monoxide, the 
catalytic cycle clearly does not involve just the coupling of 
two reactions, as has been suggested by Johnson and Bha-
duri2 for the proposed cycle employing [Ir(CO)3L2]"

1" and 
[Ir(NO)2L2]+ as catalysts for the CO reduction of NO. 
Rather, catalytic activity in the mixed gas reaction is attrib
uted to the presence of a green nitrosyl carbonyl intermedi
ate which can react directly with NO and CO to produce 
N2O and CO2 without itself undergoing stoichiometric 
transformation. This catalytically active species is formu
lated as a nitrosyl carbonyl complex on the basis that it is 
only observed (at room temperature) under a mixed gas at
mosphere, and that the results of spectroscopic studies es
tablish it as an intermediate common to the two limiting re
actions (6 and 7). (The stoichiometry of these reactions, 
though indicated by GC analysis, has not been rigorously 

established, since the dinitrosyl complex has not been fully 
characterized.) 

[RhCl2(NO)2]- + 3CO — [RhCl2(CO)2]- + 
CO2 + N2O (7) 

Since there is virtually no induction period observed upon 
recharging solutions generated by reaction 6 with NO and 
CO, whereas 1-2 hr are required to reach maximum rates 
starting with solutions of the carbonyl anion, it is reason
able to propose this intermediate species as the dinitrosyl 
carbonyl complex I which must necessarily have at least one 
bent nitrosyl. Intermediate I is thus isoelectronic with the 

C l - R h - C l 

I 

reactive 20 electron dinitrosyls such as IrX(NO)2L2 and Ir-
(CO)(NO)2L2

+ studied by Haymore and Ibers.3 The for
mation of I from the proposed dinitrosyl complex 
[RhCl2(NO)2]-, which is isoelectronic with 
Rh(NO)2L2

+,19 corresponds to simple carbonyl adduct for
mation, and one can envisage this reaction as a facile equi
librium. 

While the reversible formation of I from [RhCl2(CO)2]-

has been observed spectrophotometrically, this reaction 
does not appear to be a simple equilibrium based on GC 
analysis. When the carbonyl anion is placed under a nitric 
oxide atmosphere, mainly CO2 and N2O are obtained, and 
little CO is liberated. The latter observation contradicts the 
notion of simple NO substitution, and instead the formation 
of I from [RhCl2(CO)2]- is viewed as eq 8. 

[RhCl2(CO)2]- + 4NO — [RhCl2(NO)2(CO)]- + CO2 

I + N2O (8) 

Several mechanistic possibilities can be envisioned for the 
reaction of I leading to the catalytic conversion of nitric 
oxide and carbon monoxide into N2O and CO2, and they 
have been put forth previously.20 The established require
ment for water and acid suggest intimate involvement in the 
catalytic process. In view of the fact that water is required 
for the formation of CO2 in the carbon monoxide reduction 
of rhodium trichloride,6 and that water is produced in both 
the acid catalyzed decomposition of hyponitrous acid27 and 
in the rhodium trichloride catalyzed disproportionation of 
NO,18 it seems likely that water is both consumed in the ox
idation of CO and produced in the reduction of NO in the 
catalytic cycle. The previously proposed pathways thus in
corporate water into the product forming steps. Of these 
possibilities, the one most consistent with all of our observa
tions is outlined in Scheme I. 

In accord with the results of kinetic studies, the rate de
termining step in this scheme is attack by CO on the coordi-
natively saturated monomeric intermediate I. This is fol
lowed, or accompanied, by rapid acid catalyzed ligand mi
gration to form II. The hyponitrite oxygen should be ideally 
positioned to facilitate attack of hydrogen bonded water 
molecules on the coordinated carbonyl, both by bringing the 
reactants into proximity and by enhancing the nucleophil-
city of water in acting as a proton acceptor. By analogy 
with the catalyzed decomposition of hyponitrous acid,21 for
mation of N2O and water from III would be expected to be 
facile, and reductive decarboxylation is a well-established 
reactivity pattern. 
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Scheme I Scheme II 

[RhCl2(NO)2]-

[Rh(CO)Cl, 
IV 

O Rk 

v . / V 

The loss of N2O and CO2 from III would be followed by 
reaction of the coordinatively unsaturated, reactive inter
mediate IV with either CO or NO to regenerate 
[RhCb(CO) 2 ] - or I, respectively. The partitioning of IV 
between [RhCb(CO) 2 ] - and I could account for the ob
served rate retarding effect associated with regeneration of 
the carbonyl anion. The time dependence of product evolu
tion as shown by curve IV in Figure 1 suggests a change in 
rate determining step during the course of a 4:3 NO:CO 
run, and it may be that entry into the catalytic cycle from 
[RhCb(CO)2] - replaces the conversion of I to II as the rate 
determining step after ca. 10-12 hours. This entry most 
probably involves initial NO adduct formation to give the 
reactive odd electron complex V which is subsequently at-

.0 

if 
I 

Cl"7 VCO 
Cl CO 

V 

tacked by another NO molecule at the metal center to pro
duce intermediate Ha. The conversion of [RhCb(CO) 2 ] - to 
I thus requires one completion of the catalytic cycle and in
volves product formation with the stoichiometry of reaction 
8. The observation of an isosbestic point in this system re
quires that the concentration of intermediates other than I 
be exceedingly small and necessitates the conclusion that 
they react as rapidly as they are formed. 

While the transformation of I to [RhCl 2 (NO) 2 ] - can 
easily be envisioned as a simple equilibrium, the formation 
of a second mole of CO2 under NO alone, reaction 6, 
implies the ability of I to undergo further reaction with ni
tric oxide which is also catalyzed by water and acid. Such a 
mechanism is illustrated in Scheme II, and provides an al
ternative pathway for the continuous catalytic reduction of 
nitric oxide by carbon monoxide. In this sequence reaction 
of I with nitric oxide yields a nitro nitrosyl derivative and 
N2O. The metal promoted disproportionation of NO and 

2NO 

N2O 

H,0 

the formation of nitro nitrosyl complexes by reaction with 
NO have been reported previously for group 8 complexes 
including RhClL3,5 RhCl(CO)L2 ,5 IrCl(N2)L2 ,3 and Ir-
Br(NO)2L2 (L = PPh3).3 Ibers and Haymore3 have shown 
that these reactions involve dinitrosyl species of the type 
IrX(NO)2L2 as common reactive intermediates, and it is 
noteworthy that I is isoelectronic with these species. The 
subsequent oxidation of CO to CO2 follows in a manner 
identical with that described in Scheme I, and the conver
sion of coordinated nitrite to nitrosyl in acidic medium has 
ample precedent, as for example in eq 9.22 

RuCl(N02)(bpy)2 + 2 H 4 — RuCl(NO)(bpy)2
2 + + H2O (9) 

The reaction sequence outlined in Scheme II can account 
for the observation that under higher NO:CO ratios (e.g., 
2:1 in run VIII), a different, more reactive catalytic species . 
is serendipitously produced. The color change from green to 
orange which accompanies accelerated product formation 
may be associated with an increase in the concentration of 
[RnCl 2 (NO) 2 ] - or a related five-coordinate solvate. Fur
ther experimentation is obviously required to elucidate the 
nature of the faster catalytic cycle, and to determine the 
factors which govern the relative concentrations and reac
tivities of proposed intermediates in this system. 

It is evident that the metal promoted synthesis of N 2O 
from nitric oxide involves the question of N - N bond forma
tion. Ibers and Haymore, in discussing this problem and the 
nature of reactive dinitrosyl complexes in the metal pro
moted disproportionation of NO and the CO reduction of 
NO originally reported by Johnson and Bhaduri,2 have pro
posed3 viewing these intermediates as dinitrogen dioxide 
complexes. The intermediates are thus formulated as VI, al
though their existence as M(NO + ,NO~) species cannot be 
ruled out. A possible equilibrium between M(N2O2) and 

,* 

-M; 
h N.. 

VI 
M ( N O + , N O - ) can also be envisioned. Recently, Johnson 
and co-workers23 have carried out isotopic labeling experi
ments on the CO reduction of NO using Rh( 1 5 NO) 2 L 2

+ 

and have interpreted their results as supportive of the dini
trogen dioxide intermediate. However, analysis of their re
ported observations reveals only that facile exchange of NO 
with Rh(NO) 2L 2

+ requires the presence of CO, and that 
this exchange proceeds rapidly relative to the product form-
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ing step. Based on the published data no distinction can be 
drawn between the two proposed formulations of the reac
tive dinitrosyls, and it is impossible to say whether dinitro-
gen dioxide is a ligand in a stable intermediate, a transition 
state in the conversion of two-coordinated nitrosyls into a 
hyponitrite type structure, or simply nonexistent. 

Moser24 has recently studied the thermal decomposition 
of a number of dinitrosyls to yield N2, N2O, and NO. Prod
uct selectivity (N2 vs. N2O) is found to be great in several 
of these cases, as for instance with RuCl(NO+)-
( N O - ) L 2

+ 25 which shows a quantitative yield of molecular 
nitrogen.24 The importance of the cis dinitrosyl structure is 
underscored by these results, and Moser's studies start to 
define the steric and electronic factors which should be use
ful in future catalyst design. 

Finally, the slow catalytic disproportionation of NO by 
[RhCl 2 (NO) 2 ] - which we find following reaction 6 appears 
to be closely related to the observations of Stanko and co
workers.10 Indeed, GC analysis of the gas mixture reveals 
that reaction of ethanolic HCl solutions of [RhCl 2 (CO) 2 ] -

with nitric oxide results in consumption of 22 mol of NO 
per mole of rhodium, with production of 2 mol of CO2 and 
6 mol of N 2 O. Thus, if initial stoichiometric conversion ac
cording to eq 6 occurs, the mole ratio of NO to N 2O is con
sistent with slow catalysis of reaction 10. The dinitrosyl 
complex [RhCl 2 (NO) 2 ] - differs from the reactive species 
proposed by Stanko in the oxidation state, but the same 
mechanism could be operative. 

4NO + 2CH 3CH 2OH — 
N 2 O + 2CH 3 CH 2 ONO + H2O (10) 
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Abstract: Oxalic acid acts as a very effective catalyst for the chromic acid oxidation of iodide. At low concentrations, the re
action is first order in oxalic acid, iodide, chromic acid, and hydrogen ions, but becomes zero order in iodide at high iodide 
concentrations. The proposed mechanism consists of the formation of a termolecular complex (CO2J2CrIOz- formed from 
oxalic acid, chromic acid, and an iodide ion followed by its decomposition into an iodine atom and a chromium(V)-oxalic 
acid complex, (C02)2Cr02~. It is assumed that the catalytic activity of oxalic acid is due to its ability to stabilize chrom-
ium(V). At high iodide concentrations, the formation of the oxalatochromate(Vl), HO2CCO2CrO3", from oxalic acid and 
HCr04 - becomes the rate limiting step of the reaction. The rate of this reaction is about 104 higher than previously reported. 
Indirect kinetic evidence for the formation of the iodochromate ion, ICrO3

-, has also been obtained. 

Our observation that oxalic acid2'3 and hydroxy acids4"6 

have a dramatic accelerating effect on the chromic acid oxi
dation of alcohols suggested that important new insight into 
the nature of oxidation processes could be obtained by in
vestigating the effect of oxalic and of substituted carboxylic 

acid on other oxidation reactions. In this paper we wish to 
report the results of our study of the effect of oxalic acid on 
what is certainly the most common of all chromic acid oxi
dations, the oxidation of iodide ion. Although analytical 
chemists have been aware for some time7,8 that the presence 
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