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ABSTRACT 

Part I 

The compound dihydridotetrakis (diethylphenylphosphonite)­

iron(II) is known to undergo rapid rearrangement in solution. 

Considerable discussion has been presented to formulate a 

mechanism for this rearrangement. This discussion is based on a 

rearrangement between cis and trans dihydride isomers of octahedral 

stereochemistry. We present here some experimental evidence which 

shows the identification of one isomer (as the trans dihydride) '.;is 

incorrect and also that the changes that occur are more complicated 

than the ear lier workers proposed. Infrared, Raman, and very low 
1 

temperature H n. m. r. spectra of both the iron and ruthenium 

compounds are used to construct a different picture of this system. 

We identify three distinct reactions or rearrangements that are 

occurring and offer some proposals for the structures of the isomers. 

A non-classical six-coordinate structure based on a tetrahedral 

skeleton of phosphorus atoms about the central metal is considered 

the most reasonable identification of the non- cis isomer. 

Part II 

Nitric oxide undergoes many reactions to form transition 

metal nitrosyls of varying geometry. Under very special conditions, 

it then continues to react to form a species with nitrogen to nitrogen 

bonds. We have studied one of these reactions in detail: First, to 

establish the stoichiometry of the reaction exactly and second, to 
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gain some insight into the mechanism of the dimerization step. 

There is an initial rapid reaction of an ammoniacal Co(II) 

solution and NO with the stoichiometry one NO per cobalt(II). The 

NO pressure dependence of the ratio NO to cobalt is given experi­

mentally. A qualitative proposal is made to explain this dependence, 

but we are still searching for a quantitative description. 

There is a much slower reaction that consumes additional 

nitric oxide, producing N2O and nitrite ions. If the initial cobalt(II) 

concentration is high, an additional product is obtained, the 
:,; 

µ-hyponitrito bis(pentaammine cobalt(III)) ion, usually precipitated 

as the nitrate. The yield of the dimeric cation as a function of 

concentration, anion, and temperature are given. A proposal of a 

linkage isomerization of an unstable dimer of pentaamminenitrosyl 

cobalt(III) is offered to explain the experimental observations. 

Part III 

The decomposition of nitric oxide to elements in the gas 

phase is a thermodynamically favored reaction that is very slow at 

low temperatures (below 1000 °K). Some catalysts are lmown for this 

reaction carried out in a heterogeneous reactor. Work has been 

performed jointly with the chemical engineering faculty to try to 

understand the reaction over one of the lmown catalysts. The rate 

limiting factor is shown to be the strong inhibition by the product 

oxygen rather than any intrinsically slow reaction of NO. An inter­

pretation of both our results and the results of another group is offered 

in terms of a unimolecular decomposition on a surface. 
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GENERAL INTRODUCTION 

The experimental part of a study of the mechanism of a 

chemical reaction consists of establishing which structures exist 

at various points along the reaction coordinate. Once the structures 

are established the mechanism of the interchange of these structures 

is constructed, usually by whatever argument an investigator feels 

is appropriate. At this point we then claim to know the mechanism 

of the reaction under study. We would like to know enough about the 

mechanisms of reactions to not only understand why and how certain 

pathways of reactivity are followed during a reactive encounter, but 

also to control and predict these pathways. 

This work offers some information on three rather different 

areas of inorganic chemistry. A deliberate effort was made to work 

with problems both experimental and interpretive in the area of 

reaction mechanisms. 

The work on the dihydridotetrakis (substituted) phosphite 

metal complexes was initially a problem in interpreting reported 

experimental observations. Only a few critical experiments are added 

to the previously reported data by this work, but a more comprehensive 

model for this system is given. This leads to some interesting 

conclusions about the nature of the important factors in these hydride 

rearrangement reactions. 

The work on reactions of nitric oxide, both in solution and as 

a heterogeneous catalytic system, was in a more ;primitive state of 
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understanding. Here only some of the gross features of these 

reactions were known at the start of this work. The need was for 

considerably more experimental information. 
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PART I 

The Isomerization of Dihydridotetrakis­

(diethyl phenylphosphonite)Metal Complexes 



4 

Ligands containing phosphorus have been the subject of much 

research in inorganic chemistry for the last twenty years. The 

reasons for interest in these compounds range from synthetic utility 

to tests of theoretical predictions. 1 In this laboratory complexes of 

the particular ligand diethylphenylphosphonite were prepared by 

B. B. Chastain after initial studies suggested this ligand might have 

the particular mixture of a and 1T bonding properties to stabilize 

complexes of Ni(O). 2 A. Orio prepared the iron(II) dihydride 

containing this ligand in 1968. 3 The low temperature 
1
H nmr spectrum 

of this complex showed evidence for two species in solution whereas 

at room temperature an averaged spectrum or the spectrum of only 

one isomer was observed. Since lineshape analysis of the nmr 

spectrum might yield some information on the rates and, hence, the 

mechanism of the molecular rearrangement, further work was begun. 

D. D. Titus chose to study the structure in the solid to provide a basis 

for assigning the infrared spectrum of the solid phase. 3 As this work 

was finished, Jesson, Muetterties, and others at DuPont Research 

began publishing an extended series of studies based on an interpre­

tation of the nmr spectrum. 4- 8 We continued to think about alternative 

possibilities since the initial DuPont interpretation did not explain all 

of the nmr data and was not supported by our infrared spectra. Their 

most recent publications do recognize some of the points we have 

made, but they still have not offered a comprehensive picture of the 

system ~FefC8H5 P(OC2 H5\] 4 • We obtained several small but critical 
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pieces of experimental data on this system and now wish to discuss 

these data and our interpretation of this problem. 

When a chemist studies a "mechanism" of a chemical reaction, 

he (or she~) hopes to be able to describe, in as much detail as possible, 

the motions of all the atoms in the reacting molecules as they proceed 

to products. This is done in terms of energy barriers these atoms 

move through as the molecules break apart and rearrange. 9 In 

practice it is hard to collect enough experimental evidence to support 

or prove this detailed a picture of a reaction. We try to obtain proof 

of the structure of any long-lived intermediates, the reactants, and 

products and assume the molecules move near the minimum ene,rgy 

pathways on the potential energy surfaces describing the interconver­

sion of these structures. In general, we do not obtain absolute proof 

of any mechanism but are content {or at least we publish) the "simplest 

mechanism consistent with all the observed facts". lO 

For the problem of interest an obvious important step is 

correctly identifying the structure of the reactants and products. 

D. D. Titus, in his thesis, presented the nmr spectrum at -60 °C of 

solutions of the compound of interest and infrared spectra of these 

solutions at various temperatures from 25 °C to -100 °C. 11 The infra­

red data is summarized in Figure 1. The DuPont workers had 

published more detailed examples of the nmr spectral changes in their 

early publications. The experimental data resulting from their work 

are included in Figure 2 for reference. 
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Figure 1. Infrared spectra of solutions of Fe~L4 • 
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The DuPont group originally interpreted the nmr spectra as 

showing the fast and slow mutual exchange limit of a cis to trans 

isomerization. 4' 5 They then examined the nmr spectra of other 

similar molecules which show only the fast and slow limits of self­

exchange of the cis molecule to obtain some data on the rates of the 

various exchange processes occurring. 6 Aspects of this work have 

been discussed and criticised by others. 12 In their most recent 

publication, the DuPont group discusses the temperature and solvent 

dependence of the cis/trans ratio for those cases where they see both 

isomers, but do not indicate how the mechanism they claim ceuld 

account for the variation of this ratio. 8 

Titus argued the infrared spectrum was not consistent with a 

trans isomer in solution at low temperatures and offered some 

interesting alternatives for structures that would agree with the infra­

red data. 

At this time we decided to look in two different directions for 

some additional experimental results which might give us a better 

idea of the processes occurring in this system. We felt the variation 

in relative intensity of the two isomers seen in the nmr with tempera­

ture needed additional investigation at even lower temperatures. The 

infrared spectrum continues to change from -60 to -100°C, and we 

felt that this might be a fruitful direction to look in the nmr spectrum. 

We also decided to look at ruthenium analogs of this compound. The 

infrared and nmr work on some osmium and iridium phosphine hydrides 
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showed these complexes were rigid on the appropriate time scale for 

the method used. 13 We thought the ruthenium complexes might show 

some intermediate behavior. And the DuPont group made a comment 

in one of their early notes that the diethylphenylphosphonite 

ruthenium(II) dihydride existed as both cis and trans isomers. 4 

Experimental Details 

The synthesis of the ligand diethylphenylphosphonite and of the 

complex of this ligand with iron(II) is described in great detail in the 

thesis of D. D. Titus. 3 The DuPont workers give some details of the 

synthesis of the ruthenium complex, but the method and the products 

differ in some aspects from this work. 7 The ruthenium complexes 

were synthesized starting from commercial "RuC13 • 3H20". This 

material is mostly Ru(IV) oxy-or hydroxychloride. 14 Only occasional 

lots of the starting material would give the desired complex if this 

material was simply substituted for the FeCl.z in the recipe of Titus. 

There are several methods in the literature that are supposed 

to convert the RuC1 3 • 3~0 to Ru(III). One method is to evaporate the 

material with ethanol. 15 This had no effect on attempts to prepare the 

complex from those portions of the starting material that gave no 

complex without this treatment. It is also possible to reduce all of 

the Ru (IV) to Ru(III) by refluxing an HCl solution of the ,"RuC13 • 3~0" 

over elemental mercury. 16 6. 5 grams of Matthey-Bishop RuC1 3 • 

3~0 was dissolved in 200 ml, of 3N HCl. 5 ml. Hg was added and N2 

was flushed through the solution for 30 minutes. Then the apparatus 
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was closed off with anti-suck-back Hg bubbler and the mixture refluxed 

overnight. It was cooled under N2 and filtered . The filtrate was dark 

green. The solution turned dark red after a day. This is mentioned in 

the literature. 
16 

Then the solution was evaporated to dryness under 

Ar . The solid was black and readily soluble in ethanol to give a dark 

green solution. Exposing the dark green solution to air caused it to 

turn purple very rapidly. The dark green solution proved satisfactory 

for synthetic purposes. However, since other attempts to reduce 

ruthenium compounds with mercury have resulted in complexes 

containing both metals, alternative procedures were tried. 17 :; 

One very convenient method is to pass hydrogen gas through a 

hot (70-85 °C) solution of "RuC13 • 3~0" in dilute HCl. 18 This solution 

was then evaporated to dryness and the resulting solid dissolves 

readily in ethanol. This also proved satisfactory for synthetic pur­

poses. A typical synthesis starting with the ethanolic solution of 

Ru(III) is described: The syntheses were carried out always protected 

from oxygen using either Ar or N2 • A slight excess of phosphine 

ligand was added to the ethanolic solution of the metal and refluxed for 

at least 8 hours. A brownish, curdy, precipitation occurred and 

redissolved to a dark green solution. A small excess of sodium boro­

hydride in ethanol was added to the reaction after cooling to room 

temperature. The solution would slowly turn orange to yellow. 

Sometimes it helped to heat the solution after adding the borohydride. 

After the solution became light colored it was filtered and the filtrate 

stored at 5 °C. After several days, crystals were seen. They were 
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white to slightly orange. Crystals grew very slowly for weeks. 

The yield of crystals, based on Ru, was low (never more than 25%). 

The solution did not lose much color, so it appears much of the Ru 

complex remains in solution. Analytical Data: Theoretical 

C, 53.6;H, 6.98. FoundC,53.4;H, 7.05. 

The DuPont group reported a synthetic procedure somewhat 

similar to this procedure up to the point of obtaining the light yellow 

coloi;ed solution. At this point, they did not wait for crystals but 

evaporated the solvent to obtain an oil which they separated by column 

chromatography. They took a yellow fraction and evaporated :.the 

solvent to obtain a "semi-solidn. From this they obtained crystals 

with methanol. 7 

Infrared spectra of solid samples were obtained as mineral oil 

mulls on KBr plates. Solution spectra were obtained in methylcyclo­

hexane solutions with a 0.1 cm pathlength cell with AgBr windows. 

This cell was mounted in a low temperature dewar for measurements 

below room temperature. For solid spectra at low temperatures, 

both the KBr pellets and mulls on pure KBr pellets were placed in the 

dewar. 

Raman spectra of the solids were obtained in the usual fashion 

by pressing the solid against the lens of the spectrometer. We 

attempted to obtain solution spectra, but no peaks other than solvent 

were ever observed. 

Nmr spectra of both the iron and ruthenium complexes were 

obtained on methylcyclohexane solutions from -60 °C to +50 °C on a 
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Varian Model HR-220 spectrometer. These are identical to those 

reported by the DuPont group. An attempt was made to observe the 
1 
H nmr spectrum of the iron isomers at some temperature lower than 

-65 °c. A spectrum was observed at approximately -100°C with the 

help of Dr. Stanley Manatt at the Jet Propulsion Laboratory on a 

modified Varian Model HA100 spectrometer. 19 The spectrum was 

not recorded but observed on an oscilloscope. A sketch was made of 

the spectrum in a laboratory notebook. While the absolute areas are 

not accurately represented, careful attention was paid to relative 

peak intensities and linewidths. The sketched spectrum is reproduced 

as the -100°C spectrum in Figure 2. 

Results and Discussion 

First we wish to point out the time scale sensitivity of the 

various experimental measurements used in this study. Since some 

of the conclusions rest on the observation of a particular species by 

one method and not by another one, we need to have a clear picture of 

the basis for these assignments. We first restrict our attention to 

consideration of molecules which rearrange identical nuclei. (If non­

identical nuclei rearrange, the identification problem is usually 

much easier--see later.) Now for the purpose of explanation by 

example, we choose infrared spectroscopy. Consider the effect on 

the infrared spectrum, if a molecule maintains a fixed geometry of 

nuclei (with respect to a given structure) and simply vibrates in the 

usual assortment of normal modes and, in addition to these motions, 

once each second permutes all of its identical nuclei. Except for the 
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Figure 2. NMR spectra of solutions of FeH.zL4 at various 

temperatures. 
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time needed for the permutation, the molecule produces the identical 

spectrum on both sides of the permutation. If the permutation is very 

fast (say 10 times smaller) compared to the time needed for a 

quantum or one wavelength of infrared radiation to pass across and 

interact with the molecule, then the permutation will have essentially 

no detectable effect on the infrared spectrum of the collection of 

molecules in the sample. This reasoning then allows a simple calcu­

lation to be made giving the approximate rigid-time needed for various 

experimental measurements. Such a table can be found in many 

places in the literature. 20 Since we would expect the fastest time 

possible for a permutation of nuclei to occur would be about the time 

needed for a vibration of a molecule, it seems unlikely we could 

observe effects of rearrangements on infrared linewidths. For nuclear 

magnetic resonance experiments, electron resonance and quadrapole 

resonance experiments, the opposite is true. 20 Here, because the 
6 

usual frequencies of interaction are 10 (or more) times longer than 

for UV-visible-infrared spectroscopy, many examples are known of 

permutational effects on lineshapes. 21 Our approach for the present 

problem was to use infrared spectroscopy to examine a rearrange­

ment that is slow on the nmr time scale to answer some of the 

uncertainty in interpretation of the nmr spectrum. 

Examination of the infrared spectrum of ~ FeL4 (where L = 

diethylphenylphosphonite) and comparison of the infrared and nmr 

spectra over the temperature range shown in figures 1 and 2 lead to 

the following conclusions: 
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Above about 0 °C there is only one isomer present in any 

significant concentration with approximately the cis dihydride 

configuration of octahedral stereochemistry similar to that found in 

the solid. 22 The nmr spectrum above about 30 °c shows all the P 

atoms appear equivalent to each of the H nuclei and therefore the 

rearrangement consists of permutations of nuclei about the cis 

dihydride structure. The very weak infrared band at 1929 cm -l at 

room temperature which splits into two weak bands around -100°C at 

1920 and 1965 cm -l is assigned to vas Fe-H. 22 (The splitting of the 

band at the very low temperature is thought to be the result o:f the 

disappearance of the cis isomer, in the reaction discussed later, 

with the ligand spectrum then giving rise to the two observed bands.) 

As the temperature is lowered, two species are seen in both 

the infrared and nmr experiments. This must be due to an isomeriza­

tion equilibrium in which the equilibrium constant changes over the 

temperature region studied to the extent that the relative amounts of 

the two isomers becomes about equal at -50 °C. It was to prove this 

point the -100°C nmr spectrum was obtained. It was expected that 

the relative intensities would continue to change as the temperature 

was decreased. Since the relative intensities should be in the same 

proportion as the concentrations of the two isomers , we measured the 

areas under the peaks for the isomers in the range -8. 5 °C to -50 °C and 

took the ratios of the areas to be the equilibrium constants. Figure 3 
3 

shows a plot of ln Kvs 10 /T. The points lie reasonably close to a straight 
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Figure 3. Temperature dependence of the isomerization equilibrium 

constant. 
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line. The thermodynamic variables derived from the plot for the 

reaction: 

low temperature stable isomer ~ cis isomer 

are found to be: 

AH = +3, 120 ± 150 calories/mo!. 

6.S = +15. 6 ± 1. 0 entropy units 

The isomer which appears in significant concentration only 

at low temperatures does not contain the trans dihydride metal 

structure. Trans dihydride species have been studied both in solids 

and in solutions by infrared spectroscopy. 23 These compounds have 

sharp, quite intense absorption bands in the region 1600 to 1 750 cm -i, 

about 200 to 400 cm-
1 

lower energy than the cis dihydrides. Since 

we would expect to observe even a small amount of trans isomer in 

the solution and, at -50 °C where the concentration of the second 

isomer is large, we do not see a band characteristic of the trans 

isomer, consideration of alternative structures is appropriate. 

The fact that no trans dihydride isomer is present is 

reaffirmed upon examination of the infrared and Raman spectra of 

solid ~RuL4 • These are shown in Figure 4. Also in Figure 4 is 

the infrared spectrum of a dilute methylcyclohexane solution of the 

complex. The solid exhibits the spectrum expected for a trans 

dihydride. v as Ru-H is a sharp and very intense band centered at 

1643 cm-
1

• The Raman spectrum shows vsym Ru-Hat 1886 cm-1 

also sharp and intense. 24 A structure determination of this 

complex has shown it to be the trans isomer. 25 The DuPont group 
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Figure 4. Infrared and Raman spectra of Ru~ L4 • 
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~eports only weak infrared bands at 1895 cm -l and a shoulder at 

1950 cm -
1

• 
7 Their crystallization method appears to have extracted 

only the cis isomer. 

The solution spectrum at room temperature does not show 

the characteristic trans dihydride band, however. Other ruthenium 

dihydrides have been found to retain the trans infrared band in 

solution, so we concluded that in solutions of this complex some other 

structure is move favorable. 23 The DuPont group show these solutions 

contain only about 5 to 7% trans (by nmr assignment). 8 The ipfrared 

spectrum does not change on cooling, in contrast to the iron complex 

spectra. We could not obtain solutions of the complex concentrated 

enough to observe the trans isomer in the nmr spectrum. We did 

observe the cis dihydride pattern as reported by others. l 3a 

This is obviously a complex system. We can observe two 

distinctly different isomers of a six coordinate complex and see 

evidence for intramolecular exchange in one, and possibly both, of 

these isomers. One route to understanding the processes occurring 

is to establish the structure of each isomer observed and then look 

for pathways to rearrange each isomer to itself (virtual exchange) and 

to interchange the structures (isomerization). 

There is little question about the identity of one isomer. The 

species in solution at room temperature and giving the six line nmr 

spectrum at -50°C is the cis dihydride of octahedral stereochemistry. 
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The infrared of the solid and solution is nearly identical, and the 

solid structure is known. The six line spectrum has been shown 

to be consistent with a cis dihydride structure. 7 

The structure of the other isomer is not so easily established. 

There are two experimental results to consider, the nmr spectrum 
1 

and the infrared results. The H nmr spectrum, a quintet with a 

1 :4:6:4:1 intensity distribution, is consistent with a trans dihydride 

structure as suggested in the earlier work. 4 However, this spectrum 

is also expected for an isomer undergoing rapid virtual exchange 
31 

(an example is the cis isomer at high temperature). The P l}mr 

spectrum of the low temperature stable isomer is an unresolved 

broad peak even when the cis isomer is in the slow exchange limit, 

supporting the possibility of considerable motion in this isomer even 
5 

at -50 °C. - The infrared spectrum eliminates the trans isomer as a 

possibility. Specifically, the infrared spectrum indicates the 

H-M-H subunit must be quite similar to the cis configuration. 

There are many possible structures of octahedral stereo­

chemistry if we consider all the distortions (trigonal, tetragonal, 

tetrahedral subunits, etc.). Since all we can actually say is that it 

must be somewhat different from the cis dihydride known in the solid 

and appears able to undergo (intramolecular) exchange rapidly even 

at -100°C, we can only suggest the most likely structure. We think 

the most likely structure is one which has the four P atoms in tetra­

hedral coordination about the metal ion, with the hydride ions located 

on two faces of the tetrahedral MP4 unit. 7 While this structure is not 
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one of the usually recognized forms of octahedral stereochemistry, 

there are three reasons to consider it: 

1. The MP 4 unit in the solid is distorted considerably toward 

a tetrahedral structure. The phosphorus motion needed to convert 

the cis isomer to the "tetrahedral" form is quite small. To convert 

the cis isomer to a trans isomer would require a much greater 

phosphorus motion. 

2. The exchange of the hydride ligand from one tetrahedral 

face to another would require only very small phosphorus motion, 

and therefore the hydride exchange could continue to very low :i 

temperatures. 

3. The H-M-H angle in the "tetrahedral" isomer would be 

~ 109 ° and might be expected to exhibit a weak infrared stretching 

absorbtion near the cis (90 °) stretch, but displaced towards the 

trans (180°) absorption, as observed. 

It is interesting to consider the analysis of the nmr spectrum 

of Fe1½ [ P(OC2H5) 3 ]. 
7 This was interpreted as showing the fast and 

slow exchange limiting spectrum of a cis dihydride of distorted 

octahedral stereochemistry. Using a "jump" model calculation, the 

authors showed only certain kinds of permutations of the phosphorus 

and hydride ligands would give good agreement to the observed 

spectrum. The exchange process was shown to be consistent with 

the motion of the hydride ions about the qentral ion being principally 

responsible for exchange of the H-P coupling, with some motion of 

the phosphorus to preserve the distorted octahedral structure. One 
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consequence of this process is the outer two lines of the spectrum 

remain sharp through the transition from the fast to slow exchange 

limits . In discussing possible intermediates in the exchange, a 

tetrahedral MP4 subunit with hydride ions on two faces of the tetra­

hedron was considered most reasonable. 

A description of the behavior of the complex Fef½ (C6H5 P­

(OC2H5\ )4 can be given using the model developed above. At +50 °C, 

a cis dihydride undergoes virtual exchange through an intermediate 

containing an MP4 tetrahedral subunit. As the temperature is lowered, 

this intermediate becomes a stable isomer, and an isomerization 

occurs. When the temperature falls to -50 °C, several changes have 

occurred: 

The exchange reaction of the cis isomer has slowed so 

that each isomer exists long enough to exhibit the slow exchange 

limiting nmr spectrum. 

The isomerization reaction occurs less often and the nmr 

experiment shows the two isomers in solution. 

The other virtual exchange reaction, rearrangement of the 

hydrides about the MP4 tetrahedral unit, is still occurring rapidlr 

enough to show only fast exchange limiting spectrum. 

If we use this model to explain the behavior of Fe2 [C6H5 P­

(OC2H5\] 4 , we can discuss the behavior of a series of substituted 

phosphine dihydrides as reported by P. , Meakin, et al. 6 In general, 

there is an intramolecular isomerization reaction occurring through 

an intermediate with a much higher energy than the products or 
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reactants, and therefore the intermediate is not detected. When the 

ligand is C6H5 P(OC2 H5 ) 2 or C6H5 P(OCH3)z, the intermediate is stable 

at low temperature, and is detected. When the intermediate is stable, 

the jump model must now contain a third structure. Since this 

structure contains P-H coupling constants different from the end 

members of the scheme, broadening of all the lines are expected as 

the intermediate lifetime becomes longer. This is observed. 

Finally, we can consider the factors that determine whether 

an intermediate is observable. Considering the AS term we see that 

it favors the cis isomer. From model building using space fi!ling 

(C PK) models and approximately octahedral central ion distances vs. 

a tetrahedron with slightly shorter central ion distances, it appears 

the ligands are more constrained to only one conformation (if they fit 

at all, see later) in the tetrahedral isomer. In the octahedral model 

there are more possibilities for rotation of the alkyl groups, for 

example, of the phosphite ligands. For the general case we assume 

the AS term will always favor the cis isomer, that is, the AS term 

will be about constant for all the complexes considered by the DuPont 
6 group. 

There are several factors to be considered in the ~H term. 

First, there might be some fairly important electronic factors 

favoring the tetrahedral dispositions of the phosphorus atoms about 

the central metal. These could be related to the varying a and rr 

bonding capabilities of the various ligands. The relative size of this 

term could be a factor in determining if the total ~H term will be 

favorable enough to overcome unfavorable steric contributions to the 
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AH term and the unfavorable AS term. In addition, a conclusion 

from our model building is there are some ligands for which steric 

crowding would be so great as to make the AH term unfavorable and 

hence the tetrahedral form might never become a stable isomer. 

For the ligand C6H5 P(OC2 H5) 2 we find the cis dihydride isomer 

actually more crowded sterically than the tetrahedral isomer. For 

the ligand C6H5 P(OCH3\ the complex is more crowded in the tetra­

hedral form than the isomer with the ethoxy groups, but still less 

crowded for the cis than the tetrahedral. Thus for these ligands we 

might conclude the enthalpic preference for the tetrahedral form is 

a consequence of only steric factors, if the electronic factors 

contributing to the AH term are constant for all the ligands. 

We think that more interesting details of this system and 

similar systems are ready for investigation. Certainly some of the 

data extracted from the previous work on linewidths and energies of 

some of these processes is still valid. Now with a more consistent 

picture of the overall reaction occurring we can hope to design 

experiments designed to provide data on other details of this system.26 
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24. The appearance of the symmetric mode at higher energy than the 

asymmetric mode is consistent with the strong trans influence 

of the hydride ligand. The asymmetric stretch involves lengthening 

one Ru-H bond while shortening the other one, which should be 

energetically favorable relative to symmetrical stretching for a 

strong trans directing group. 

25. L. J. Guggenberger has communicated to us that he has deter­

mined the structure of crystalline HiRuLz by X-ray techniques and 

found the stereochemistry to be trans-octahedral. 

26. A paper based on the work discussed here has been accepted by 

the American Chemical Society Journal for publication in July 

of 1973. 
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PART II 

The Reaction of Nitric Oxide with 

Cobalt Ammine Solutions 
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Nitric oxide is a thermodynamically unstable chemical 

compound . The free energy change, under standard conditions, for 

decomposition to elements is -20. 719 kcal mole- 1
• 
1 The entropy 

change is quite small, only 2. 95 cal deg- 1
, so the difference in free 

energy between NO and elemental N2 and 0 2 is mostly due to the bond 

strength differences. Yet this reaction is unknown in the gas phase 

at room temperature, leading to an estimate that the activation energy 

. -1 2 0 2 is greater than 50 kcal mole at 5 C. 

The nitric oxide molecule has an unpaired electron and is a 
'.J 

moderately reactive species in many reactions. It is oxidized to 

NO+ and reduced to NO- quite readily. 3, 4 It forms a very large 

number of addition compounds with transition metal ions. 5, 6 It does 

form a dimer in the gas phase, although the equilibrium constant is 

quite small . 7 The structure of the dimer is thought to be ONNO with 

a bent cis stereochemistry. 8, 9 The dimer does not seem to decompose 

to elements . 

We might speculate why the decomposition to elements does not 

occur. There has been a great interest in discussing reasons for 

chemical reactivity of small molecules using simple molecular orbital 
10 theory. For this reaction, 

2NO (1) 

we can start on a much simpler level and then look at more elaborate 

explanations . 



33 

If the reaction is to take place with the standard free energy 

change, we must consider the molecules in their electronic ground 

states for the conversion of reactants to products. The ground state 
2 1 3 11 

terms are: NO, II; N2 , I;; 0 2 , I;. 

We see that spin angular momentum is conserved in reaction 

(1) since there are two unpaired electrons on each side of the 

reaction. However, orbital angular momentum i.s not conserved. The 

excited states of N2 or 0 2 with enough angular momentum to allow the 

reaction by this selection rule are so high in energy the reaction is 

thermodynamically unfavorable. 12 

These considerations show why a concerted reaction does not 

occur. More elaborate considerations of this point can be constructed 

using the symmetry of the molecular orbitals involved, such as that 

of Pearson's HOMO (Highest Occupied Molecular Orbital) and LUMO 

(Lowest Unoccupied Molecular Orbital) method, or by state correlation 

d
. 13,14 ia.grams. 

If non-concerted reactions are considered, the problem is more 

complex. We first consider the formation of the dimer ONNO. The 

nonexistence of this species has been the topic of considerable discus­

sion because it is often used to point out the applicability of various 

bonding models.15 The molecule NO has the one unpaired electron in 

a II antibonding orbital. The next four electrons are in a doubly 

degenerate II bonding orbital. The lower lying electrons form two a 

bond.ing and one a antibonding orbital. 16 The bond order for NO is 

then two and one-half. For the dimer, there would be five bonds 
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total (two nitrogen to oxygen; one nitrogen to nitrogen) so there would 

be no change in total number of bonds upon dimerization. The 

reaction: 

(NO) 2 .= 2NO 

is estimated to have an equilibrium constant of approximately 1300 atm. 

at 298 °K. 7 Under pressures of 200 to 400 atm. and in the range 30 ° 

to 50°C, NO decomposes according to:17 

(2) 

although this is thermodynamically less favored than other reactions 2: 

Reaction AG
O 

298 kcal 

4NO - N2 + 2NO2 

2NO - N2 + 0 2 

4NO - 0 2 + 2N2O 

3NO N2O + NO2 

-57.8 

-41.3 

-32.7 

-24.6 

Melia showed that the experimental rate of reaction (2) was consistent 

with third order kinetics 1 7: 

-d[NO] = k[NO] 3 • 

dt 

The variation of the rate with temperature and pressure was also 

consistent with the mechanism in which the dimer was formed and 

then reacted with an additional NO molecule. At 400 atm . NO pressure 

and, using the equilibrium constant given by Billingsley and Callear, 

we calculate that the dimer should be the predominant species in that 

system. 7 The reaction is still quite slow (as might be expected by 
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reasoning used earlier about spin and angular momentum being 

conserved) and the reaction is run in an autoclave where we cannot 

be sure it is entirely a gas phase reaction. 

The empirical observation is, therefore, that even under 

conditions where the dimer could exist in high concentration no 

reaction attributable to a dissociative mechanism of the type: 

2NO .= ONNO 

ONNO - ONN + 0 

or 

ONNO -

is observed. Of course, the above reactions are rather obviously 

unfavorable considering the relative stabilities of O and o- in the gas 

phase. Other mechanisms, such as those forming NOON or ONON in 

the first step are considered less likely since no evidence for the 

existence of these dimers has been reported. 

If we now look beyond homogeneous gas phase reactions, we 

find some very interesting possibilities. We can find reactions of 

nitric oxide which do not go all the way to N2 and 0 2 but do proceed to 

compounds which link together the nitrogens to make multiple N-N 

bonds. This must certainly be an important part of any system of 

reactions to carry out reaction (1) in a multiple step path. 

The oldest of these reactions is probably the reaction observed 

when NO is passed through a solution of alkaline sulfite to give the 

following ion: 
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N-nitrosohydroxylamine-N-sulfonate. 18 This compound can be 

easily isolated as a crystalline salt. 19 

With some organic ammines a similar complexed hyponitrite 

derivative can be formed20 : 

And there is a preparative method for hyponitrites using sodium in 

l . ·ct . 21 1qu1 ammonia 

2Na + 2NO LNH 3 

Getting a little more complicated with reactions giving several 

products, we find the reduction of NO by the aqueom electron giving22: 

H+ 
e;q + 3NO 

There is also the copper (I) catalyzed reduction of nitric oxide by tin (II) 

chloride 
2 3; 

2NO + Sn(II) + 2H+ - N2 0 + Sn(IV) + ~O 

As another example we come to the reaction observed by Sand and 

Genssler and later studied by Werner and Karrer between nitric 

oxide and the popular ammoniacal Co(II) solution. 
24

, 25 
In this 

reaction a variety of products is produced. It is mentioned in the 

literature that both a red and black isomer of the empirical formula 
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[Co(NH3) 5NO] x (2x)+ is formed. The structure of these isomers has 

been settled to a great degree by recent X-ray diffraction studies~6, 27 

The black isomer is the monomeric ion containing the NO- group, 

isolated as the chloride, [Co(NH3) 5NO] Cl2 • The red isomer has a 

most unusual structure; 

0 
I 4+ 

[(NH3) 5-Co-N N-O-Co(NH3) 5] 

and is usually obtained as the nitrate. There are several reports of 

chemical properties, syntheses, and reactions of these isomers in 

the literature, and a proposed mechanism for this particular '-' 

. . t· 28 1someriza 10n. 

Since there was actually very little experimental work on this 

reaction to support the proposed mechanism and there were several 

contradictory results in the paper of Gans on this subject, we decided 

to extend this work studying the isomerization reaction. 

This reaction was also of interest because of the parallel 

interest in the gas-solid reaction of NO over Co 304, as reported else­

where in this thesis. It is stated that under some conditions the red 

isomer can be decomposed thermally to give N2 , at least. 29 ' 30 We 

therefore harbored the desperate hope that by studying the reaction in 

solution perhaps we might then transfer some niggling idea to help 

run the gas-solid reaction more to our liking. We would then have a 

satisfactory catalyst for a reaction that is thermodynamically favored 

but kinetically slow. This is one of the most sought after demonstra­

tions of an inorganic chemist's ability to master the art of chemistry. 
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In addition to this noble goal, there is much practical interest in this 

general problem applied to nitric oxide. 30 

The mechanism of the reactions leading to the red and black 

isomers of pentamminenitrosylcobalt(III) seemed to offer an interesting 

demonstration of what G. N. Schrauzer suggests are the three primary 

functions of catalysts: 

"1. Catalysts increase reaction rates by their ability to 
relax restrictions of quantum mechanical selection 
rules of spin and angular momentum. 

2. Catalysts bring reacting particles together in energetically 
and sterically favorable fashion. 

3. Catalyst.s
1

introduce effective alternative reaction path­
ways." ;:s • 

If we ever understand what is going on in this system, it will 

serve as a beautiful example of all of these principles. Until that 

time, however, we have to consider the experimental results. 

General Discussion of Previous Work on the Pentaamminenitrosyl 

cobalt(III) Complexes 

The structures, oxidation state, and chemistry of the red and 

black isomers of pentaamminenitrosylcobalt ions have been the source 

of considerable controversy following Werner and Karrer's original 

assignment of structures. 25 They thought, based on color and 

reactivity, the red isomer was dimeric with a bridging hyponitrite 

group: 
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while the black salts were simple monomeric coordination compounds. 

At the start of this study preliminary accounts of the crystal structure 

determinations of both isomers had appeared and shown these guesses 
. 26 27 to be essentially correct. ' We will therefore not follow in detail 

:;tll the intermediate incorrect assignments and assertions of structures. 

However, several problems did still exist in interpreting the magnetic 

data and infrared spectrum for the black isomer, and the synthetic 

route to the red isomer was not very clearly defined . 
• 

In the most careful appearing studies of the infrared spectrum 

of the black isomer, an extra band was always observed and attributed 

to Co(NH3) 6Cl 2 • In addition, the magnetic properties seemed to be 

somewhat variable. Since this is_ assigned as a Co(III) compound, one 

would expect it would be diamagnetic but with a temperature independent 

susceptibility due to the second order interaction of the ground and 

excited electronic states. This should amount to about +200 x 10-
6 
cgs 

units or so. 32 Reported values of the susceptibility ranged from 

diamagnetic to slightly paramagnetic . These problems occur because 

analysis of the solid is difficult. Analysis for Co, NH3 (or N2), or Cl 

cannot be used to distinguish between mixtures of Co(NH3) 6Cl2 and 

[Co(NH 3) 5NO] Cl2 and pure [Co(NH3) 5NO] Cl2 • Ten percent of the hexa­

ammine in the nitrosyl still provides an acceptable analysis for pure 

nitrosyl. 
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The possible synthetic routes to the red isomer also were not 

consistent with some of the properties reported for the chemistry of 

the compounds . Some of the methods suggested that the red compound 

was made in the presence of air at room temperature, while others 
. 33 34 say the red compound 1s made from the black salt. ' 

Thus, our initial efforts would be to try to understand some of 

the chemistry of the syntheses of the various isomers to provide a 

basis for deciding on how to proceed to study the mechanism of 

the dimerization reaction. 
:, 

There is a published mechanism for this dimerization. 28 It is 

based on some observations on the reactivity of the black isomer and 

the yield as a function of temperature of the red isomer. It does 

provide a starting point for testing various reactions as steps in the 

reaction and for that reason is worthwhile discussing in some detail. 

The sequence of reactions is proposed to be: 

NO + Co(II) 

where a is ammonia and the monomer is Co(III) and NO- . 

Then, 

This can react by two paths: 

(3) 

(4) 
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(5) 

(6) 

The first reaction, (3), is known to be reversible, since attempts to 

dissolve the black chloride in an ammonium hydroxide solution or 

even a neutral water solution cause it to quickly decompose to Co(Il) 

hydroxide and NO is evolved. The yield of dimer is low, usually not 

greater than 25%, and is zero at 7 °c or at 40 °c. The maximum yield 

is obtained between 20 ° and 30 °c. N20 is detected as a gased'us 

product over the reaction at various temperatures, and NO2 - was 

found in the solution by Gans. 

Gans supposed the yield of dimer varied with temperature 

because of reaction (3). Below 7 °c it went essentially to completion 

and there was then no reaction (5), only reaction (6). At high tempera­

tures reaction (3) did not yield enough monomer for further reaction, 

and therefore, no reaction occurred. 

Before doing any experimental work, several points in the 

proposed mechanism were questioned. First, it seemed unlikely that 

reaction (3) would go from 100% completion to essentially zero over 

a temperature change of 33 °C. Second, the N20 2 - ion has not been 

invoked in any mechanism for the previously mentioned reactions of 

NO. Third, this dimer was reported only when nitrate was the anion. 

This seemed curious, and NO can reduce HNO3 to HNOi, and that 

may therefore by the source of the NO2 - • 
35 
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This was the "state of the art" at the time we began to try our 

hand at the various synthetic reactions. In addition, we planned to 

devise some experimental test of the equilibrium reaction (3) as a 

function of temperature and NO pressure. If we could sort out 

the_ analytical problems, the stoichiometry of the overall reaction at 

various temperatures would be determined. Then, provided we could 

find a system where no insoluble species interfered and we could 

control the yield carefully, we might be able to extract some kinetic 

parameters from the various measurements. And then make a guess 

at a mechanism. 

The Black Isomer 

Monomeric nitrosylpentaamminecobalt(III) complexes can be 

isolated by bubbling NO through solutions of Co(II) in ammonium 

hydroxide. If the temperature is kept below about 10 °c and an anion 

which gives a relatively insoluble salt is present, the compound 

precipitates and is easily filtered off. Air must be excluded because 

it will oxidize the NO and produce nitrite and nitrate anions in this 

solution. These will substitute in the coordination sphere of the Co(II) 

which is also oxidized by the air, producing undesired Co(III) nitro, 

nitrito, and nitrato complexes. 

This preparative scheme works very nicely but there is a 

distinct problem with it. If NO is not bubbled through this solution, 

this recipe is a reasonable preparative route to : Co(NH3)/+. 36 Two 

articles in Inorganic Syntheses describe the preparation of the monomer 
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chloride; the first does not recognize the problem with the hexa­

ammine, the second article corrects the method for this problem by 

working .in more dilute ammonium hydroxide and using an extra 

purification step. 3 7' 38 It is this impurity hexaammine which was 

resonsible for the variable magnetic properties reported for this 

compound. 

The infrared spectrum of this complex has been the subject of 

considerable study due to interest in the N-O frequency as a measure 

of the formal oxidation state of coordinated nitrosyl. 34 ' 39 ' 40:; This 

problem had been essentially solved several years ago, but even in 

this work an anomalous band at 1172 cm -l was observed and dismissed 

as an impurity. 40 The assignment of this anomalous band at 1172 cm- 1 

as the hexaammine Co(II) is based on a reasonable argument. In 

most hexaammine metal complexes the os motion of the coordinated 

ammonia molecules occurs between 1091 cm- 1 (Cd(NH3) 6Cl2) and· 
-1 41 3+ 

1370 cm (Pt(NH3) 6Cl4). In Co(NH3) 6 it is observed at about 1318 

to 1350 cm-·
1

, depending on the anion. In Co(NH3) 6Cl2 it is observed at 

1163 Cm-1. 41 While this band is not the most sensitive to oxidation 

state change in the metal ammines, it is fairly sharp and usually well 

separated from other bands in these complexes . In the preparations 

reported in the earlier work, the band at 1172 cm-
1 

was between 20 and 

35% of the total intensity of the band at 1292 cm -
1

• 
40 This means, if 

the assignment is correct, there is approximatel y that much impurity 

hexaammine in the sample since the intensities of this band in both 
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Co(II) and Co(III) complexes are the same. · Since this much strongly 

paramagnetic Co(II) should be easily detected in the presence of the 

Co(III) compound, this assignment of structures should be easily 

tested. In all of these studies, an important point had been neglected. 

No study ever reported complete analytical data on the compounds 

used. And no one had analyzed for NO, either directly or by, for 

example, a total nitrogen~ 

Several preparations were obtained, and the infrared spectra 

of products were compared with the reported spectrum. We obtained 
:., 

the identical spectrum as observed by Mercer, et al. , with one tiny 

additional band at 1400 cm- 1
• (We will discuss the 1400 cm- 1 band 

later.) Varying the ammonium hydroxide concentrations, temperature, 

and time of reaction had no effect on the intensity ratio of the 1291 

cm _i to 1172 cm- 1 bands. While Mercer, et al., claimed to have 

recrystallized the black isomer, we were never able to reproduce 

this step. Others have made this observation about Mercer's work.42 

Microscopic examination of these crystals showed uniform 

black bipyramids with no evidence for as much as 5% Co(NH 3) 6Cl2 • 

The magnetic susceptibility determination on several preparations 

gave x~ (298 °K) values of approximately +350 x 10-
6 

cgs units. This 

susceptibility ~ncreased by about a factor of two down to 77 °K. Although 

the 298 °K value is somewhat high for a Co(III) T. I. P. term, it is small 

compared to a value of +6, 250 x 10- 6 expected for a Co(II) salt. 

The room temperature susceptibility and temperature dependence are 
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consistent with approximately two parts in one hundred Co(II) impurity 

in a Co(III) salt, but no greater amount of that impurity. 

An analysis of a sample of this compound was then performed. 

Cobalt was determined by first dissolving a weighed sample of the black 

salt in a dilute HCl solution. This decomposes the compound into Co(II) 

hexaquo ion, NH/ ion and the NO was swept out with an Ar purge. The 

cobalt was then determined by a standard method with ferricyanide which 

\W.S standardized with primary standard KIO3 • 
43 Cobalt was also 

determined by an outside laboratory analysis. 44 Chloride was deter­

mined by the outside laboratory. 44 The nitrosyl to cobalt ratio was 

determined by weighing into a small flask a sample of the black salt 

and excess solid oxalic acid. This flask was then evacuated to less 

1 -3 
than O torr total pressure. The flask was then immersed in liquid 

nitrogen and degassed water distilled into this flask. The flask was 

then closed off from the vacuum system and allowed to warm up to 

room temperature. The oxalic acid solution then decomposed the black 

salt, giving off the NO. The evolved gases were then passed through a 

dry-ice-acetone trap (using a toepler pump) and the pressure and 

volume of the gas measured. A sample of this gas was then submitted 

for mass spectroscopic analysis. Ammonia was determined by 

several methods. The actual determination was made by titrating the 

evolved NH3 as ammonium borate with standard sulfamic acid, using 

methyl red indicator. 45 The ammonia was driven off the complex by 

two methods. One method was to drop a weighed sample of the 

compound into an Ar flushed concentrated (5 M) NaOH solution, and 
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then distill the ammonia into the boric acid solution. The other 

method is considerably more elabor~te . 

A DuPont thermogravimetric analyzer, as modified by 

Kerr, 46 is used to heat a weighed portion of the sample in flowing 

nitrogen. The ammonia in the effluent gas is determined continuously. 

This experiment shows three distinct materials are formed in 

going from [Co(NH3) 5NO] Cl2 to CoC12 • The composition of each phase 

can be calculated from the mass loss and the ammonia determination. 

The NO can be found by difference from these data. Infrared spectrum 
:., 

of each intermediate compound was obtained. 

The results of all these determinations are given as both 

percentages compared to theoretical, ratios of analyzed species, and 

by the total of all analyzed species. 

%Co; found, 24. 69%, theot. 24. 06% 

%Cl; found, 28. 49%, theot. 28. 95% 

%NH 3; found 34. 20%, theot. 34. 45% 

%NO; found 12.15%; theot. 12. 25% 

NO was found 99+% pure by mass spectrometry. 

~~ = 0.99 ~~3 
= 4. 95 Cl = 1 99 Co . 

Total; 99. 5 3% 

Based on these data, there is less than 1 % impurity in the preparation. 

The thermogravimetric data give these intermediate compo-­

sitions: 

90 to 175 °c 



47 

NH3; found 2. 91 mg; theot. 2. 19 mg 

NO; by difference, found, 1. 20 mg; theot. 1. 26 mg 

180 to 225 °c 

NH3; found 0. 90 mg, theot. 0. 92 mg, total weight change 

0. 92 mg 

230 to 290°C 

NH3 ; found O. 92 mg, theot. 0. 92 mg, total weight change 

O. 92 mg. 

These intermediates are observed in the thermal decomposition of 

Co(NH3) 6Cl2 • 
47 The first step in the hexaammine involves the loss 

of 4NH 3, where we see 3NH3 plus NO. Otherwise the thermograms 

are identical. The thermogravimetric analyses are determined at 

a 5 °C heating rate in nitrogen flowing at 150 cm 
3 

min - I. The actual 

sample sizes vary to obtain optimum analytical data, but in each case 

the total NH 3 determined was within 2% of theoretical total, and the 

final weight of CoC12 was within 1 % of the weight calculated from initial 

weight. 

There was a significant change in the infrared spectrum after the 

6 
_1 

first step in the decomposition. The 1 00 cm band in the starting 

compound decreased markedly in intensity. This was due to the loss of 

NO which overlaps the normally weak band due to the od motion of the 

coordinated NH3 • The 1172 cm-
1 

band completely disappears. 



48 

The 1172 cm- 1 band must be due to the NH3 group coordinated 

trans to nitrosyl in the compound, [ Co(NH:J 5NO] Cl2 • This is confirmed 

by examining the crystal structure determination results. 26 The 

cobalt-nitrogen bond distances for the four ammonias cis to the nitrosyl 
0 0 48 

are all 1. 98A, approximately that found in Co(NH3) 613 ; 1. 94A . The 

Co-N distance for the nitrogen trans to the nitrosyl is found as 2. 22.A, 

slightly longer than the distance 2.1 lA found in Co(NH3) 6Cl2 • 
48 

The bond at 1172 cm-
1 

is not due to an impurity but rather as 

a result of the large trans effect of the NO- ligand. 

The small band at 1400 cm -i is due to an impurity. Its intensity 

varies from preparation to preparation. This band does not change 

on preparing the deuterated compound. We have not been able to 

identify this impurity. There is one infrared spectrum reported which 

could account for this impurity band. This spectrum is found as 

spectrum Y 289 Kin the Sadtler Research Laboratories catalog of 

infrared spectra. The compound is said to be [Co(NH3) 5H20] Cl2 from 

G. F. Smith Chemical Co. We can find no other mention of this 

compound in the literature, and the company does not list the compound 

in the current catalog. The spectrum is not the one expected for that 

compound. Since the impurity is very small we have not pursued this 

identification. 

Confident of the preparative method and of our methods of 

characterizing the product of the preparations, we attempted 

preparations to check on the yield of monomer as a function of time 
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temperature, and anion. These results are summarized in the 

following table. 
Time of 

Reaction 

Yield of Monomer at Tern~ 

Anion 

cc 

Acetate 

15 min 

3 hrs 

15 min 

3 hrs 

up to 3 hrs 

0°C 

90% 

50% 

50% 

30% 

0 

25 °c 

75% 

25% 

0% 

0% 

0 

The initial cobalt(II) concentration was 0.15 M. The NH3 • H20 

concentration is approximately 7 M. The preparation with the CC 

anion after 15 min had considerable impurity in it as judged by the 

intensity of the 1400 cm-
1 

band. No insoluble product was obtained 

with the acetate anion. These data will be useful later in discussing 

the formation of the red dimer. 

Now consider a study of the equilibrium: 

[Coll(NH3) 5X] +
2 

+ NO .== [Co1!1(NH3) 5NO] 2+ + X 

where Xis NH3 , H20 or OH-. 

The starting complex is written as it is because the state of 

this ion is not known. The formation constants for cobalt(II) ammines 

are much smaller than for Co(III) ammines. 49 From these constants 

we can calculate that, if the NH3 concentration is 7 M, and the starting 

Co(II) concentration is 0.12 M, the distribution of species is 
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approximately: 

44% Co(NH3)/
2 

45% Co(NH3)/~ other ligand unknown, probably H20. 

8% Co(NH3) 4+~ other ligands unknown. 

3% cobalt with less than 4 ammine ligands. 

In principle, we can study the above equilibrium by varying the pressure 

of NO over the solution and analyze for the relative amounts of cobalt 

nitrosyl to total cobalt. As an experimental problem this is somewhat 

more difficult. Analyzing the solution phase would be complicated by 
:., 

the several non-nitrosyl species, and the fact that the nitrosyl solutions 

are very intensely colored. The solution spectrum of the nitrosyl 

monomer is not known, and as we will see later, might not be easily 

measured. 

We decided to use the following method. The equilibrium would 

be determined in a constant volume apparatus where we could measure 

the total pressure of the gases over the liquid (H20, NH3 , NO). If we 

know the volume of the apparatus, we can obtain the number of 

millimoles of NO that appear in the gas phase, or disappear into the 

solution phase. If we know the number of millimoles of cobalt in the 

solution, we can obtain the ratio NO/Co in the solution and, hopefully, 

the ratio of nitrosyl to non-nitrosyl complex. 

The apparatus consisted of two bulbs of 500 ml and 1000 ml 

capacity (approximately) connected by a stopcock, with the larger 

bulb also connected to a standard vacuum lin.e. The smaller bulb 
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was surrounded by a jacket for variable temperature measurements. 
50 A pressure transducer was attached to the large bulb. The pressure 

transducer was calibrated using known volumes and pressures 

measured with a mercury manometer. The voltage across the trans­

ducer was adjusted to give an output signal of approximately 1 mV per 

torr. The device was linear in voltage output vs. pressure in the 

range 0-1500 torr with a sensitivity of 1.013 mV torr- 1
• The 

accuracy of the transducer is such that pressure measurements have 

an uncertainty of ± 2 torr. 

The typical experiment was to place a solution in the smaller 

flask, degas the solution several times, and then close off the 

connecting stopcock. The large bulb was then filled to the desired 

pressure and closed off. The connecting stopcock was then opened 

and the pressure change recorded as a function of time. There will 

be an instantaneous pressure change due to the expansion of gas from 

the bulb initially at the higher pressure to the entire system. This 

can be calculated from the ideal gas law. To obtain agreement 

between calculated and observed pressure changes an additional 

assumption needs to be made. This is that there is no counter diffusion 

of gases through the small stopcock bore. This is an unfortunate 

occurrence, but not unexpected. However, good agreement between 

calculated and observed pressure changes was obtained with th is 

assumption, . and the error in this assumption was found to be, experi­

mentally; less than 4 torr in six hours, a negligable error for this work. 
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Using this apparatus and various solutions, we made the 

following initial observations: 

1. The solubility of NO in ammonium hydroxide solutions 

up to 1000 torr is not detectably different from the solubility in 
3 

water, which is very small; 4 cm of gas at S. T. P. in 100 ml of H20 

at 30°C. 51 

2. The equilibrium vapor pressure of NH3 over the cobalt­

ammine solutions does not change significantly until after at least six 

degassing cycles, as expected when calculated from the volume of the 

apparatus and the known solubility of NH 3 in H20. 
52 

3. The absorption of NO by ammoniacal Co(II) solutions 

appears to be limited by the rate of diffusion through the liquid for this 

apparatus. However, the NO uptake was about 95% complete with 

respect to the theoretical values of 1 NO per Co at high pressures 

within 15 minutes. 

4. The reaction with NO is reversible at low pressures, and 

at higher pressures is almost reversible. It may be completely 

reversible except for the time needed to reach equilibrium in this 

apparatus. If the NO pressure is high enough to obtain a ratio of 

NO · to Co of O. 95 and we pump off the NO and repeat the experiment, 

about 20% of cobalt is unreactive in the second cycle. 

We then proceeded to determine the ratio of NO to Cobalt in 

solution as a function of the pressure of NO over the solution. This 

was done with acetate anions at O. 15 M cobalt concentration so no 



53 

solid phase is observed. This gave the points on the right-

hand portion of Figure 1. We could not make measurements at lower 

final pressures of NO in our apparatus. However, we knew that if 

we tried to dissolve the chloride salt in an ammonia solution, it would 

decompose almost completely. This means this curve has a sharp 

sigmoid shape. 

We confirmed the point at pNO of about 100 torr by dissolving 

a known amount of [Co(NH3) 5NO] Cl2 in an ammonia solution in a 

separate experiment. A small bulb was attached to a vacuum line also 
:, 

containing a mercury manometer. This bulb contained an ammonium 

hydroxide solution which was purged with N2 to remove any oxygen. 

This solution was frozen with liquid nitrogen and then the bulb was 

evacuated, and then the bulb closed off from the pump. The bulb and 

solution was then warmed up to 25 °C and the pressure recorded. The 

solution was then refrozen in liquid nitrogen and the bulb opened under 

a nitrogen atmosphere. A weighed sample of [Co(NH3) 5NO]Cl2 was 

added to the bulb. This sample was of such size to give a cobalt 

concentration of about O. 2 M in the resulting solution, and if completely 

decomposed, would have 100 torr NO pressure over it. The bulb was 

then evacuated again and so on. The pressure rise was again noted. 
' . ' 

It exceeded the previous pressure rise by 105 torr, that is, the 

complex completely dissociated. This provided the point on Figure 1 

at 100 torr. 
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Figure 1. NO to cobalt ratio as a function of NO pressure. 
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The equilibrium constant was also estimated at 40 °C by 

making one measurement with the solution at that temperature. The 

final pressure of NO was 360 torr, and the ratio of NO to cobalt in 

solution was O. 80, so we cone lude the equilibrium is only slightly 

less favored at 40 °c. 

The equilibrium constant was also determined with a cobalt 

acetate solution with the cobalt concentration 0. 40 M. Here the final 

pressure of NO was also 360 torr and we found the same ratio of 

NO to cobalt, 0. 80. The equilibrium was determined using a:.,cobalt 

nitrate solution at a final pressure of 470 torr NO. Here the ratio of 

NO to cobalt was 1. 0, so the nitrate anion is not a factor in this 

equilibrium. 

This behavior is not that expected for a simple equilibrium as 

written above. The curve is not described by any simple integral 

exponent power of pNO either. The solution does not take up more 

than one NO per cobalt at higher pressures, and we can rapidly 

separate a monomeric nitrosyl from the solution if CC anions are 

present. We therefore think species with more than one NO per 

cobalt are not likely. If the Co(Il) solution contained a good fraction 

of the cobalt ions bound in polynuclear species, and these species 

reacted to break apart and give more reactive cobalt moieties, we 

might explain the observed behavior. This would be, in principle, 

similar to the observed uptake of 0 2 in hemoglobin where the binding 

of the first 0 2 makes binding of additional 0 2 easier. The evidence 
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is that polynuclear Co(II) ions do not exist in these solutions, however. 

The equilibrium constants for the stepwise addition of ammonia to 

cobalt(II) ammines fall smoothly as the number of ammines increase .53 

This suggests the entropies and enthalpies of these reactions are 

characteristic of monomeric species and not of more complex poly­

nuclear ions. 53 If we look at the methods of synthesizing polynuclear 

Co(III) ammines, we see these are not made from amide-bridged 

cobalt(II) species, but from 0 2 - bridged or 0 2 = bridged Co(II), Co(III) 

ions formed when the Co(II) solutions are exposed to oxygen. 54 

Using the reaction between 0 2 and Co(II) ammines as a model, 

we might consider parallel reaction when NO is used instead of 0 2 • 

:; 

There are reports of a rapid, reversible oxygenation of Co(II) ammines, 

which then react slowly to make the binuclear Co(III) ammines bridged 

b . 55 56 57 Th ·1·b · t· h b y oxygen species. ' ' e equ1 1 rmm reac 10n as een 

studied .in very dilute solution by Simplicio and Wilkins. 58 They show 

the reaction is mainly from the aquopentamminecobalt(II) and have 

determined the equilibrium constant for the reaction: 
2+ 4+ 

2Co(NH 3) 5 (~0) + 0 2 ~ [(NH 3) 5Co02 Co(NH 3) 5 ] + 2~0 
6 

is on the order of 3 X 10 . They also have provided data on the rates 

of the forward and reverse reactions. The ratio of 0 2 to cobalt is only 

one-half in this reaction so it is not an exact parallel of the nitrosyl 

reaction. 

There are two possibilities that we can suggest at this point . 

1. The NO reacts with a Co(II) complex to form a monomeric 

nitrosyl. This reacts with another Co(II) monomer to produce a 

dimeric ion, similar to the 0 2 bridging group above. This reacts 
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rapidly with another NO to make the ion shown at the end of the 

scheme: 

Co(II) ammine + NO .= [Colll(NH3) 5NO-] 2+ (A) 

(Product of A) + Co(II) ammine .= [(NH3) 5Co1II+N-O -tCa1Il(NH3) 5] 4+ (B) 

(Product of B) + NO .= [(NH 3) 5-Colll_N-0-Colll(NH3) 5] 
4
+ (C) 

I 
N=O 

This product might be unstable and will then slowly (typical Co(III) 

rate) rearrange to give at least some of the dimer product observed 

after much longer times. The first equilibrium might not be too 

favorable, but once the monomer concentration becomes large, the 

rest of the reactions become important. 
'.) 

2. The other possibility results from the observation that in 

other reactions were NO- is produced, it always dimerizes to N20 2 =. 

This leads to this scheme: 

2+ 
Co(II) ammine + NO .= [Co(NH3) 5NO] (A) 

(D) 

This product is unstable because of the crowding of the (NH3) 5Co(III) 

groups. This also will rearrange to give the product dimer observed. 

In both of these reactions the overall scheme is of the sort: 

2 Co(II) ammines + 2 NO .= [ dimeric ion as above] 

which could account for an exponent greater than one for the pNO 

dependence. 
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To express the pNO dependence of the ratio NO to cobalt in a 

closed form for these schemes is a difficult problem. Without more 

information as to the shape of the curve and to the NH3 pressure and 

OH- ion concentration dependence of the observables in this experi­

ment there seems to be little point in trying to develop an expression 

for this purpose . 

We favor the second scheme for several reasons. The 

reversability of this reaction appears more likely. In the first 

scheme, once the second NO is attached and the electron transfer 
:., 

occurs, there seems to be no driving force to decompose that ion and 

allow the reactions to be reversible. In the second scheme the steric 

crowding would considerably weaken the N-N bond. The second scheme 

occurs in one step past the monomer, whereas in the first scheme 

several steps are needed. However, it does not seem possible to 

decide between these possibilities at this point. 

This :represents the end of the work on this aspect of the 

chemistry of this reaction . We would have liked to study the above 

reactions in greater detail since this looks like a promising direction. 

In planning this study, however, we estimated the analytical problems 

in separating the various Co(Ill) species after the reactions that follow 

the formation of the monomer would be the experimentally difficult 

part of this study. While these problems were difficult (and not all 

solved, as will be seen), it is clear the above system will not be 
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trivial to sort out. Unfortunately, we examined this reaction only 

near the end of the study and could not obtain more data. We now 

have a much better idea where the interesting reactions occur in this 

system. That is some kind of progress. 
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The Red Isomer 

The conditions of synthesis of the red isomer were the first 

problem encountered in the study of this isomer. The literature 

t f 11 ·th ·t t th . 25 28 34 39 40 rep or s o success are a w1 n1 ra e as e anion. ' ' ' ' 

(There is one report of the sulphate salt, but this is very suspect 

since the major product of the reaction is aquopentaamminecobalt(II), 

and the sulphate of this ion is not very soluble.) 34 We attempted 

the synthesis of the red isomer at various ammonia and cobalt(II) 

concentrations with the anions Cl-, NO3 - , and acetate. The black 

isomer has also been obtained as the sulphate, thiocyanate, and 

iodate, but we did not try to make the red isomer of these anions.28 , 33 

Air, or at least, oxygen, must be excluded from the reaction 

to produce the red isomer pure. In the presence of air, dimeric 

oxo-bridged Coll! complexes are found as impurities in the solid 

products. The presence of air is easily detected upon passing NO 

gas through the ammonium hydroxide solution. Some of the NO is 

oxidized to N~, and the mixture of NO, NO2, H2O, and NH3 react to 

make ammonium nitrite: 

and ammonium nitrate: 

These salts form a dense white smoke over the solution. The presence 

of this white smoke is a quite sensitive test for oxygen in the apparatus. 
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Nitric oxide does not react with solutions of cobalt(II) in 

ammonia if the pH is less than about 9. We could not obtain any red 

isomer if the ammonium hydroxide concentration exceeded about 10M 

(cone. NH4OH is sold as approximately 15M). The black isomer 
2+ 

forms in concentrated ammonia, but is contaminated with Co(NH3) 6 

38 compounds. Even with nitrate an ions, no hyponitrito-bridged 

dimer precipitated from these solutions. 

The cobalt concentration was varied from 0.10M to 0. 45 M. 

Concentrations of Co(II) higher than 0. 45 M in solutions that were 7M 
'.J 

in ammonium hydroxide caused precipitation of a light pink colored 

solid phase. The composition of this solid material was not deter­

mined. 

Within the field of ammonia and cobalt concentrations given 

above, the effect of various anions on the yield of red isomer was 

investigated. If the anion is chloride, the precipitation of the mono­

meric black isomer occurs and essentially stops the reaction at that 
2+ 

point. Slow hydrolysis of the monomer to give [Co(NH3) 5OH] does 

occur but relative to the other anions discussed below the reactions 

stop with the precipitation of the monomer. 

If the anion is acetate, no insoluble products are seen for the 

entire range of cobalt concentration. For the more dilute solutions, 

no red isomer is found after 3 hours. Solutions originally 0. 4M in 

cobalt(II) acetate do precipitate red isomer if excess nitrate is added 
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after three to four hours. The yield of red isomer is about 10%. The 

solid was found to be identical to that obtained from preparations 

starting with nitrate anions by infrared spectroscopy. While the 

yield is low compared to the yields obtained with nitrate (we will 

discuss this point later), this indicates nitrate is not necessary for 

the formation of the hyponitrito bridge . If the anion was nitrate and 

the cobalt concentration 0. 40 to 0. 45M, yields of 20 to 25% red isomer 

were obtained, based on Co(II). If the cobalt concentration was 

0.15M or less, no solid product was obtained. Measurements of the 
:, 

solubility of the red isomer as the nitrate salt in ammonium hydroxide 

solutions show that the solid will precipitate if the concentration of the 

cobalt(III) (which is twice the concentration of the "red" ion) is greater 

than 0. 05M. This means that if 25% of the original 0. 15M cobalt 

solution were converted to the red isomer, no solid would precipitate. 

However, addition of a large excess of nitrate (as KN03) did not 

precipitate any solid, and infrared spectra obtained on the solid 

obtained by precipitating all of the cobalt containing species (as 

described later) showed no red isomer was present in this solution. 

The solubility of the red isomer was determined in ammonium 

hydroxide solutions of 2M, 5M, and 7M concentration. The solubility 

did not change with ammonium hydroxide concentration. The deter­

mination of the solubility was made by measuring the intensity of the 

2 - 1 1 1 ( ( 0, 000 cm transition, T ig - A1g seen in most Co III) complexes) 
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spectrophotometrically with a known concentration of red isomer. 

Then solutions in contact with solid were examined as a function of 

time until the intensity of the absorbtion band was constant within a 

few percent. In well stirred solutions equilibrium was obtained within 

fifteen minutes. The compound does hydrolyze at a slow rate in these 

ammonium hydroxide solutions, but in 2M ammonium hydroxide there 

was no detectable hydrolysis in the time needed for this measurement. 

The other products of the reaction were identified by infrared 

spectroscopy. All of the cobalt containing species could be precipitated 
:., 

by the addition of anhydrous (denatured) ethanol to the reaction 

mixture after neutralizing the ammonium hydroxide, usually with nitric 

acid. In the unbuffered solutions used for these original studies, the 

solution phase was clear and colorless after the solids were filtered 

off. The infrared spectrum of the solid phase showed [Co(NH3) 5H;O] 
z+ 

(NO3) 3 was the major product. Smaller amounts of [Co(NH3) 5NO2 ] , 

2+ zt 
[Co(NH3) 5ONO] , and [Co(NH3) 5NO3] were seen in the solid, 

depending on the length of time between starting the reaction and 

precipitating the solid. 

The red isomer, µ-hyponitritobis[pentaamminecobalt(III)] 

nitrate was identified by its infrared spectrum and chemical analysis !0 

44 For [CoNO(NH3) 5] 2(NO3) 4 ; Co, 19. 77%; found, 20. 09%. The other 

cobalt complexes were identified by comparisons of the unknown spectra 

with literature infrared spectra or with spectra obtained on samples 
41 prepared by well-known methods. Because of the mixture of Co(III) 
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products obtained, it was not possible to use visible- U. V. spectroscopy 

for either the ligand field or charge-transfer positions of the spectrum 

to analyze the solution phase for the relative amounts of these species. 

Attempts to selectively precipitate the 4+ cation of the red isomer 
3-t 

from solutions containing large amounts of [Co(NH3) 5H20] or 
2+ 

[Co(NH3) 50H] were unsuccessful with any anion except nitrate. Ion 

exchange chromatography was attempted, but poor results were 

obtained. The elutions were too slow and some hydrolysis of various 

ions caused poor separations. Polarographic analysis with a dropping 
:., 

mercury electrode was attempted as a possible method for analyzing 

the solution for the various ions present. In principle this method 

could be used, but problems encountered in suppressing maxima in 
' the various waves prevented a straightforward application. 

The preliminary study was completed with a determination of 

the yield of the red isomer as a function of temperature. 0.40M Co(II) 

nitrate in 7M ammonium hydroxide solution was saturated with NO 

at - 8 °, 0 °, -15 °, 25 °, and 40 °c. At the end of four hours any solid 

present was filtered off, washed with ethanol, dried overnight in a 

vacuum desiccator over P20 5 and then weighed. The infrared spectrum 

was obtained on a portion of the solid. Only at 25 ° was a pure sample 

of the red isomer obtained, in 20% yield. At -8 ° and O O , the solid 

was the monomeric black isomer in low yield. At 15 °c, approximately 

half the solid was red isomer (estimated yield 10%) the rest of the 
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solid was [Co(NH3) 5NO2] (NO3) 2. At 40°C only a very small amount of 

solid was obtained, and it proved to be a mixture of [Co(NH3) 5ONO]­

(NO3)2 and [Co(NH3) 5NO2] (NO3) 2 by infrared determination. 

At this point we had run out of obvious things to try, so we 

decided to study some kinetics. But we could not analyze the rate of 

production of cobalt(III) products because we could not separate the 

various complexes quickly and conveniently. However, there was an 

interesting possibility to use the reversibility of formation of the 

monomer to determine the rate of disappearance of the monomer. 
:, 

At this point in time, we simply assumed that the black solution 
2+ 

formed initially contained only monomeric [Co(NH3) 5NO] . We 

thought that if we started with 0.15M Co(II), the monomer formed 

and was hydrolyzed in base: 

and the NO- reacted further as suggested by Gans: 

(B) 

We knew from earlier experiments on the black isomer that if 

we extracted an aliquot from the above reaction (A) and put it into a 
3-

solution containing ammonium hydroxide and Fe(CN) 6 , the 
2-t- . 

[Co(NH3) 5NO] ion decomposed and reacted as a Co(II) compound, 
2+ 

whereas the [Co(NH3) 5OH] did not react. The NO- acted as the 

reductant and left the ion as NO. Using this reaction, we proceeded 

to measure the disappearance of Co(II), and hence the rate of 
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hydrolysis, of the first formed cobalt ammine nitrosyl complex. 

Since base hydrolysis of cobalt complexes are usually 

dependent on hydroxide ion concentration, we prepared a buffer 

solution of 4M ammonium acetate in 4M ammonium hydroxide. 59 

The pH of this solution was measured as 10 with a glass electrode. 

The calculated pH for this buffer system at dilute concentrations is 

9. 25. 50 The agreement is actually quite good for such a concentrated 

solution. We used this buffer for all the kinetic measurements 

reported here. Attempts to prepare solutions buffered at different 

pH values all failed to hold the pH within ±0. 5 pH unit in the course 

of the reaction. We simply assume the reaction we are following is 

the usual second order hydrolysis but were not able to demonstrate 

the dependence of the rate on hydroxide ion concentration. 

The typical kinetic experiment was run starting with 0.15M 

Co(II) concentration in the ammonia-ammonium acetate buffer. The 

reaction vessel was immersed in a two liter beaker filled with room 

temperature water to serve as a constant temperature bath. The 

temperature never varied more than ± 0. 2 °C for any particular kinetic 

run . Time zero was taken as the moment the vigorous NO purge was 

turned on, the solution having been previously deoxygenated with 

argon or nitrogen. Aliquots of 5. 0 ml were removed using an argon 
3-

purged syringe and discharged into a prepared excess of the Fe(CN) 6 

ammonia solution. Aliquots were removed as often as once every ten 

minutes for some runs. All of the runs were made between 22 °C and 

23 °C . . 
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The results of a typical run are given in Figure 2. For the 

first approximately 40 minutes, very little reaction which removes 

the "easily reduced to Co(II)" species is detected. After this 

induction period, the Co(II) concentration drops smoothly. Figure 3 

shows a first order plot, that is, log concentration vs. time, for the 

Co(II) concentration from 50 minutes to 270 minutes. It appears to 

be a good straight line. If we assume the reaction is pseudo first 

order because of the constant value of OH- concentration, we obtain 

a first-order rate constant. If we then use the known OH- concentra­

tion, we obtain a second order rate constant for the hydrolysis of 

0. 61 sec- 1M- 1 for this reaction. This rate constant is about the same 
2+ 59 

value as observed for the hydrolysis of Co(NH3) 5Cl . 

We then attempted to extend the rate of disappearance studies 

to more concentrated Co(II) solutions. Here we ran into analytical 

problems. The addition of the aliquot containing the Co(II) and Co(III) 
3-

species to the Fe(CN) 6 solutions caused precipitation of unknown 

solids, and non-reproducible results for the determination of Co(II) 

were observed. 

The experiments attempted so far raised as many questions 

as they provided answers. Two questions raised by the kinetics study 

were pursued farther. The forty or fifty minutes between admitting 

NO and ~he beginning of the reaction consuming the reversibly formed 

complex needed more attention. Also, the identification of the 

products of the hydrolysis reaction appeared to be a worthwhile effort. 



69 

Figure 2. Cobalt(II) concentration as a function of time. 
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Figure 3. Log of cobalt concentration vs. time showing first 

order kinetics. 
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The study of the first forty minutes is discussed in the ear lier 

chapter on the black isomer. Although we cannot be completely sure 

at this time, it appears that the induction period is a result of the poor 

mixing of the gas and liquid phases in the original kinetic experiments. 

The identification of the overall stoichiometry of the reaction 

with dilute Co(II) concentrations was done in the fixed volume apparatus 

used for studying the initial reaction of NO with the Co(II) solutions. 

After the initial pressure drop corresponding to one NO per Co, the 

mixture was stirred for six hours and the total pressure monitored. 
:., 

This experiment was done at 25 °C, once with nitrate and once with 

acetate anions. The total pres sure change for both reactions was the 

same. After the six hour period the gas in the bulb over the solution 

was condensed into a separate trap and closed off from the system. 

This gas sample was analyzed by infrared spectroscopy on a portion 

collected in a gas cell at a pressure of 100 torr. For both anions, the 

spectra were identical. For the nitrate anion the gas mixture was 

analyzed by fractionally distilling the mixture through cold traps. 

The volume of each gas was measured at a known pressure, and the 

composition of each sample checked by its infrared spectrum. The 

gas phase contained H20, NH3 , N20, and NO vapor. The entire 

mixture was condensed in liquid nitrogen. The trap was then placed 

on a vacuum line which consisted of several additional traps and a 
. , I 

toepler pump for moving gases through the line. The trap containing 

the mixed gases was attached to the line and the line was evacuated 
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and closed off. The mixed gases were then warmed up to -78 °C with 

a Dry Ice-acetone mixture. The NH3 was collected in a trap maintained 

at -130 °C by a pentane slush bath. The N20 was collected in a trap 

at -183 °C using liquid oxygen. The NO was pumped through all of 

these traps. The N20 was contaminated with some NH3 , but the 

composition of the N20, NH3 mixture was estimated from the intensities 

of the infrared bands of ammonia. 60 

The solution phase was also analyzed. The amount of Co(II) 

left unreacted was determined. N02 - was analyzed for by adding 
:, 

NaOH and heating the solution to expel all the ammonia. The Co30 4 

was filtered off and the solution neutralized with sulfuric acid. The 

solution was then mixed with excess Ce1V in 2NH2S04 and the nitrite 

oxidized to nitrate : 

3+ + 
- N03- + Ce + 2H 

The excess Ce1V is then determined with Fe 2+ by a standard potentio­

metric titration. 61 However, if the solution contains hyponitrite, this 

would interfere with the determination of nitrite by this method. 62 

This analysis was not completely satisfactory . The nitrite analysis 

was high, as would be expected. Using a mass and charge balance on 

the number of electrons provided by the Co(II) to Co(III) oxidation, the 

total pressure change and the gas phase composition, we could complete 

the analysis . 
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The overall reaction was found to be: 

Co(II) + 3NO - CoIII + N20 + N02 -

The solution absorbs one nitric oxide per cobalt(II) initially. After 

this reaction the total pressure drops very slowly for the next five 

hours. The pressure drop is quite slow over this entire priod and 

corresponds to one additional NO per cobalt that is oxidized to Co(III) . 

. Since the composition of the gas phase is changing over this period 

the kinetics of the slower reactions may not correspond to the total 

pressure change. Therefore we have not tried to extract anyJ 

additional details out of this data. 

Since the reaction: 

has a standard potential of +O. 45 V in base, we determined if this 

reaction occurred at a significant rate in a solution of NaN03 in 

ammonium hydroxide at 25 °C. 63 We found no evidence for reaction 

at 800 torr NO pressure after eight hours. 

Summary and Observations 

We are now in a position to dispute the previously proposed 

mechanism explaining the reaction of nitric oxide with ammoniacal 

cobalt(II) solutions. If we can do this, we are also given the honor 

of proposing another mechanism to replace the demolished one. 

If the nitric oxide pressure is at least one atmosphere over 

the solution phase, then the reaction: 
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goes essentially 100% to the right at all temperatures from 0 O to 40 °c. 

Since all the previous work is done by passing a "vigorous flow of NO" 

through the solution, it appears that the nitric oxide pressure did 

equal one atmosphere. 28 Since Gans supposed that the variation· in 

yield with temperature was due to the extensive shift in the equilibrium 

position of this reaction with temperature, we can disregard that 

portion of his proposal. We might be able to justify other portions of 

the first proposed mechanism if we admit that we don't undersp.nd 

the unusual behavior of the nitric oxide pressure over the solution. 

However, if we believe our proposal that the monomeric black isomer 

dimerizes as the concentration of the monomer increases, we can 

offer a rather different mechanism for the reactions observed. 

Suppose that the monomer and dimer of the black ion are in equilibrium 

(using the shorthand notation for which Co is actually (NH3) 5Co) 

2Co(II) + 2NO ;= 
.2-t-

2CoNO 4+ Co-N-0 
(black monomer) 

I 
Co-N-0 

(black dimer) 

The hyponitrito bridged final product comes from a linkage isomerism 

r eaction of the black dimer : 

Co-N=O 
I 

Co-N=O 

slow 0 4+ 
Co-:rh=N-0-Co 
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And the hydrolysis reaction occurs from the monomer: 

C6(N0)2-t + 2NO + OH-

There are variations on this scheme that also cannot be ruled out, 

such as direct hydrolysis of the black dimer or reaction of the 
2-

additional NO with either (CoN2O2t or uncomplexed N2O2 in the 

solution. We can make some arguments favoring some aspects of 

these various schemes, but without additional data we cannot choose 

among the alternatives. 

The various experimental observations about yield as a 

function of time and concentration can be accommodated by adjusting 

the rates of the linkage isomerism and hydrolysis reactions. Since 

the red isomer product also hydrolyzes we can account for the lower 

yield of red isomer if acetate anions are present rather than nitrate 

anions. The relative insolubility of the nitrate salt limits the rate 

of hydrolysis of the red isomer nitrate. 

It is clear that this is a complicated sequence of reactions, 

perhaps more complicated than expected when we ~egan this investi­

gation. A more thorough study of the rapid reactions that occur 

during the initial exposure of the cobalt(II) solutions to the nitric 

oxide is the most obvious next step in understanding this system. A 

study over a much wider range of cobalt concentrations, particularly 

much more dilute solutions, might provide more quantitative data on 

the extent of the monomer-dimer equilibrium. It seems quite clear 

that this is where a lot of interesting chemistry is taking place. 
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Some Additional Experiment Details 

Reagent grade chemicals were obtained and used for all 

experiments. Most analytical determinations were based on 

reagents standardized with primary standard KI03 , K2Cr20r, or 

sulfamic acid. The reagent ammonium hydroxide bottles were obtained 

fresh and kept tightly closed to exclude CO2 • Nitric oxide was initially 

produced by Blanchard's method using NaN02 and sulfuric acid. 38 

For later experiments we used NO from lecture bottles and larger 

cylinders. The cylinder-supplied nitric oxide always contained 
:., 

noticeable amounts of N02 • This was removed by bubbling the gas 

through NaOH solutions, or by passing the gas over a bed of the 

© adsorbent Ascarite , which is NaOH on asbestos plus an indicator. 

The measurements made at temperatures other than room 

temperature were made with a circulating fluid temperature bath 

and a jacketed 300 i:nl flask. The temperatures quoted are ±1 °C 

for the actual value and varied not more than ±0. 3 ° in any one 

experiment. 

Any experiment which showed signs of oxygen leaking (obser­

vation of the "white smoke" of NH4N02 or NH4N03) was stopped and the 

results were not used for further interpretation . 

The visible-ultraviolet spectrophotometric experiments were 

done using a Cary Model 17 spectrometer. The infrared spectra 

were obtained on a Perkin Elmer Model 225 spectrometer. Samples 
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were mounted in KBr discs for most routine work. Each important 

spectrum was checked as a mineral oil mull and a fluorocarbon mull. 

Gas phase spectra were obtained using a 10 cm pathlength cell with 

NaCl windows. The magnetic measurements were made using a 

Princeton Applied Research magnetometer Model FM-1 and the 

associated equipment. The voltage output of the pressure transducer 

was measured with both a Heathkit Model IM-120 digital voltmeter 

to ±1 millivolt and a Hewlett-Packard Model 7100 BM strip chart 

recorder. 

pH measurements were made using a glass electrode vs. 

calomel using a Beckman Expandomatic Meter. The meter was 

standardized at pH 7. 0 and 10. 0 with standard buffers. Potentiometric 

titration end points were determined with the same meter using a 

platinum wire sealed in glass vs. calomel. The polarographic experi­

ments were performed with a Princeton Applied Research Model 174 

polaragraphic Analyzer. 



80 

References 

1. Selected Values of Chemical Thermodynamic Properties 

Nat. Bur. Stand. Circ. 500, Washington, (1952). 

2. Given by R. G. Pearson, Pure and Applied Chem., 27, 145 (1971). 
,-v-,,. 

3. F. A. Cotton and G. Wilkinson, Advanced Inorg. Chem. , 3rd ed., 

Interscience Publishers, New York, 1972, p. 356. 

4. W. M. Latimer, Oxidation Potentials, 2nd ed. , Prentice-Hall, 

New York, 1952, p. 101. 

5. N. G. Connelly, "Recent Developments in Transition Metal 
'.) 

Nitrosyl Chemistry," in Inorg. Chimica Acta Rev., ~' 

p. 47, reviews the area from 1965 to present. 

6. B. F. G. Johnson and J. A. McCleverty, Progress in Inorganic 

Chemistry, 7, 277 (1966); reviews nitric oxide complexes of 
"' 

transition metals prior to 1965. 

7. J. Billingsley and A. B. Callear, Trans. Faraday Soc., ~. 

589 (1971). 

8. A. L. Smith, W. E. Keller, and H. L. Johnston, .J.. Chem. Phys., 

19, 189 (1951). 
""" 

9. W. A. Guillory and C. E. Hunter, J. Chem. Phys., iQ, 3516 

{1969). 

10. Best known studies are by R. B. Woodward and R. Hoffmann, 

Angew. Chem., Int. Ed. (Engl.) , §_, 781 (1969). 



11. 

81 

2 3 _ 

The complete ground state terms are 1
: NO, II ; 0 2 , ~ ; N2 , . g g 

1
~; but the text terms show the spin and angular momentum 

quantum numbers;from G. Herzberg, Molec. Spectra and 

Molec. Structure, Vol. I, Spectra of Diatomic Molecules, 

2nd ed., Van Nostrand, Princeton, N. J., 1950, p. 343. 

12. There are no states of 0 2 and/or N2 to preserve both spin and 

angular momenta less than 7 eV (or approximately 160 kcal) 

above the ground states. See ref. 11. 

13. SP.e the discussion by Pearson in ref. 1, pp. 150-151. 
'.) 

14. For example, the use of state correlation diagrams is outlined 

in ref. 11, Vol. II, Electronic Spectra and Electronic Structure 

of Polyatomic Molecules, Van Nostrand, Princeton, N. J., 1967. 

15. See, for example, the contrasting descriptions given in the 

Journal of Chemical Education by E. A. Guggenheim, il, 474 

(1963) and R. T. Sanderson, 46 635 (1969). 
-"" 

16. C. J. Ballhausen and H. B. Gray, Molecular Orbital Theory, 

W. A. Benjamin, New York, 1965, p. 41. 

17. T. P. Melia, J. Inorg. Nucl. Chem., ll, 95 (1965). 

18. J. Pelouze, Ann. Pharm., ll_, 240 (1835). 

19. R. S. Drago, J. Amer. Chem. Soc., N, 2049 (1957). 

20. R. Longhi and R. S. Drago, Inorg. Chem., 2, 85 (1963). ,.... 

21. N. Gee, D. Nicholls, and V. Vincent, J. Chem. Soc., ~' 

5897. 



82 

22. T. W. Woodward and H. C. Sutton, Trans. Faraday Soc., 62, 
-""' 

70 (1966) and earlier papers by Sutton cited herein. 

23. T. L. Nunes and R. E. Powell, Inorg. Chem., 9, 1912 (1970). 
/'-

24. J. Sand and 0. Genssler, Ber., 1§, 2083 (1903). 

25. A. Werner and P. Karrer, Helv. Chim. Acta, !., 63 (1918). 

26. C. S. Pratt, B. A. Coyle, and J. A. Ibers, J. Chem. Soc. (& 

1.lli, 2146. 

27. B. F. Hoskins and F. D. Whillians, ~- Chem. Soc. Dalton,~, 

607. 

28. P. Gans, J. Chem. Soc. {A}, ~' 943. 

29. W. L. Jolly, The Inorganic Chemistry of Nitrogen, W. A. 

Benjamin, Inc., New York, 1964, p. 72. 

30. See, for example, the effort which represents one-fifth of a joint 

Soviet-U. S. cooperative program in catalysis as given in 

Chemical and Engineering News, 9 April 1973, p. 9. 

31. From the introduction written by the editor, G. N. Schrauzer, 

Transition Metals in Homogeneous Catalysis, Marcel Dekker, 

New York, 1971. 

32. C. J. Ballhausen, Introduction to Ligand Field Theory, McGraw­

Hill, New York, 1962, p. 260. 

33. T. Moeller and G. L. King, Inorg. Syn., 4, 168 (1953). 
/'-

34. W. P. Griffith, J. Lewis, and G. Wilkinson, J. Inorg. Nucl. 

Chem., 7, 38 (1958). 
/'-

35. Ref. 3, 2nd ed., p. 349. 



83 

36. G. B. Kauffman and N. Sugisaka, Inorg. Syn., 9, 157 (1967). ,..._ 

37. T. Moeller and G. L. King, Inorg. Syn., 4, 168 (1953); and ,..._ 

5, 185 (1957). " . 

38. 0. Bostrup, Inorg. Syn., 8, 191 (1966). ,..._ 

39. E. Miki, Bull. Chem. Soc, Japan, '!11835 (1968). 

40. E. E. Mercer, W. A. McAllister, and J. R. Durig, Inorg. 

Chem., 6, 1816 (1967) and earlier references cited therein. ,..._ 

41. K. Nakamoto, Infrared Spectra of Inorganic and Coordination 

Compounds, 2nd. ed., Wiley-Interscience, New York, 1970, 

pp. 150 to 155. 

42. G . Wilkinson, personal communication. 

43. A. I. Vogel, Textbook of Quantitative Inorganic Analysis, 3rd ed., 

Longmans, London, 1961, pp. 955-956. 

44. Schwarzkopf Microanalytical Laboratory. 

45. Ref. 43, pp. 256-257, slightly modified. 

46. G. T. Kerr, J. Catalysis, !i, 200 (1969). 

47. W. W. Wendlandt and J. P. Smith, The Thermal Properties of 

Transition Metal Ammine Complexes, Elsevier, New York, 1967, 

pp. 92 to 103. 

48. N. E. Kine and J. A. Ibers, Acta Cryst., B, ~' 168 (1969). 

49. Data from J. Bjerrum, quoted by J. N. Butler, Ionic Equilibrium, 

Addison-Wesley, Reading, Mass., 1964, p. 304. 

50. A strained wire pressure transducer manufactured by Daystrom­

Wiancko Engineering Co., Pasadena, Calif. It was operated at a 

voltage of 22. 82 V from a Hewlett-Packard Model 6201B D. C. 

power supply. 



84 

51. Handbook of Chemistry and Physics, Chemical Rubber Co., 

1967, B201. 

52. International Critical Tables, Volume ill, McGraw-Hill, 

New York, 1928, p. 362. 

53. F. J. C. Rossotti, "The Thermodynamics of Metal Ion Complex 

Formation in Solution, 11 in J. Lewis and R. G. Wilkins, eds., 

Modern Coordination Chemistry, Interscience, New York, 1960. 

54. A. W. Chester, "Polynuclear Complexes of Cobalt{III) Ammine," 

in Werner Centennial, Vol. 62 of the Advances in Chemistry 

Series, American Chemical Society, Washington, D. C., 1967, 

pp. 78-86. 

55. S. Fallab, E• nat-med. Grundlagenforschung, 2, 220 {1965). 
-"-

56. W. Gluud, K. Keller, and A. Nordt, Ber. Ges. Kohlentechnik, 

4, 210 {1931). 
"' 

57. A. Werner and A. Mylius, Z. Anorg. Chem., !.§_, 245 {1898). 

58. J. Simplicio and R. G. Wilkins, J. Amer. Chem. Soc., 91, - -- -'""" 

1325 (1969). 

59. F. Basolo and R. G. Pearson, Mechanisms of Inorganic 

Reactions, 2nd ed., John Wiley, New York, 1967, pp. 177-193. 

60. J. E. Bercaw supplied a set of spectra of ammonia at various 

pressures. 

61. Ref. 43, pp. 322-323. 

62. C. C. Addison, G. A. Gamlon, and R. Thompson, .J.. Royal Soc., 

1952, 338. 
~ 

63. Ref. 4, Chapter 7. 



85 

PART III 

Kinetic Studies of Nitric Oxide 

Decomposition Over a Cobalt Oxide Catalyst 

(Work performed jointly with Vega Sankur, 

Fred Shair, and George Gavalas. ) 
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Introduction 

Although the important role of nitrogen oxides in photochemical 

smog formation was recognized some twenty-five years ago, it is 

the relatively recent national effort in air pollution abatement that has 

stimulated research in the catalytic decomposition of NO. Platinum 

had been found in early work to catalyze NO decomposition, but recent 

work has concentrated on transition metal oxides as possessing higher 

activ.ity in addition to their lower cost. Fraser and Daniels1 investi­

gated a number of transition and other metal oxides at tempei;atures 

above 600 °C and found the reaction zero order with respect to NO, 

which they interpreted in terms of strong NO coverage. Yur' eva 

et al. 2 studied the reaction on several transition metal oxides including 

Co 3O4 and F~O3 in a temperature range 200-800°C. The reaction rate 

was found to be second order in NO except with the Co 3O4 catalyst 

where the order was in the range 1. 5-1. 8. The high apparent reaction 

orders can be explained in terms of inhibition by 0 2 which at the time 

was not recognized. The reaction was carried out in a batch system 

with recirculation and the- level of 0 2 in the reacting mixture was not 

measured but was obviously quite low because of the reaction 

2NO + 0 2 - 2NO2 taking place in the colder sections of the apparatus. 

Shelef et al. 3 studied the decomposition of NO on several transition 

metal oxides including supported and unsupported Co 3O4 • The reaction 

rate was fitted with by a power model r = k
0
C~O exp (-E/RT) and the 

exponent n was found to be close to one for all but one of the catalysts 

tested. The inhibiting effect of 0 2 was again not taken into account, 
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hence the observed reaction order cannot be interpreted in an absolute 

sense. An important result of these authors is that unsupported Co 30 4 

3 
is more active than the other catalysts tried by at least a factor of 10 . 

Even so, the authors concluded that the catalytic decomposition is too 

slow for practical applications to automobile exhaust purification. 

An important advance in understanding the kinetics of NO 

decomposition was made by Winter 4 who studied the reaction on as 

many as forty transition and rare earth oxides. Based on these 

measurements and his previous work on N20 decomposition and oxygen 

exchange, he proposed a mechanism in which the slow steps are the 

ads<?rption of NO and the desorption of 0 2 , resulting in a rate expression 

k
0 

CN0 ;c
02 

for NO decomposition. The dependence on 0 2 could not be 

tested because of the reaction 2NO + 0 2 - 2N02 taking place at the 

colder section of the batch reactor system. The resulting oxygen 

concentration in the gas phase over the catalyst surface was not deter­

mined. 

Boudart et al. 5 have recently reported their work on NO 

decomposition on several transition metal oxides. Their results 

indicate first order dependence on NO pressure and strong inhibition 

by oxygen, i. e. confirm at least qualitatively some of the results of 

Winter. 

The purpose of the present experimental study is to study the 

rate of NO decomposition as a function of both NO and 0 2 • The reactor 

system was designed such that both concentrations could be controlled 

and determined independently. The catalyst selected was the 
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unsupported Co 30 4 which was found in the previous work as the most 

active among the transition metal oxides. 

Experimental 

The catalyst was prepared by passing dry air through CoC0 3 

heated in a quartz tube to about 600 °C for three hours. The black 

powder thus obtained was pelletized with a hydraulic press and then 

crushed. Particles of catalyst used in these studies ranged in size 

from 48-65 mesh. 

The total surface area of the catalyst was measured by means 

of a modified B. E.T. method. 6 The catalyst used in these studies 
2 

had a surface area of 32. 6 meter /gram. The reproducibility 

associated with the preparation procedure is somewhat indicated from 

the fact that an independently prepared batch of catalyst had a surface 
2 . 

area of 36. 8 meter /gram. Atomic absorption measurements indicated 

that the catalyst contained about 0. 021 % nickel and less than 0. 05% 

chromium. 

The microflow reactor, consisting of a 15 inch length of 1/8 

inch diameter stainless steel tube, was placed within a 60 pound 

cylindrical block of brass. The brass was heated by means of eight 

200 watt G. E. Calrod heaters located around the U-shaped microflow 

reactor. The brass block was surrounded by a two-inch layer of 

diatomateous earth for insulation. About 0. 49 grams of catalyst were 

placed in the horizontal bottom section of the reactor. Glass wool 

was inserted to prevent possible movement of the catalyst. The 

temperature of the brass block was kept constant by means of a 
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proportional controller. After reaching a steady state, the tempera­

tures varied less than± 0. lC O throughout the reactor and less than 

± 0. 25C O in time. In order to treat the system as a differential 

reactor, conversions were kept to less than about 20%. The arithmetic 

mean of inlet and outlet concentrations were taken to represent the 

average concentration throughout the reactor for both reactants and 

products. It can be shown from the determined rate expression that 

the arithmetic mean differs from the true average concentration by 

less than 3% at the highest conversions reported {20%). In these studies 

the average residence time associated with flow through the reaction 

zone ranged from 0. 1 to 1 second. 

The composition of the effluent stream was determined by 

means of a Loenco model 15-B gas chromatograph equipped with 

thermal conductivity detectors. The chromatograph column consisted 

of a 10 feet 1/8 inch stainless steel tube packed with molecular sieve 

type 5 A. Complete separation was obtained between N2 , 0 2 , and NO, 

but N02 could not pass through the column. Experiments were 

conducted with NO supplied from a cylinder of commercially prepared 

5% NO in helium mixture; the major impurity was N02 present at 

concentrations somewhat less than 400 ppm. The N02 in the inlet 

stream was neglected since it represented less than 1 % by volume 

of the NO initially present and its decomposition was calculated to be 

negligible under reactor conditions. The second major impurity was 

N2 present at 300 ppm and was taken into account during data reduction; 

this correction amounted to no more than 10% in the worst case. 
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Carbon dioxide was present at about 100 ppm, and the concentrations 

of CO and N2O were less than 25 ppm. 

The pressure within the reactor was kept constant at atmospheric 

and the pressure drop through the reactor was negligible. Although 

concentrations of NO, 0 2 , and N2 were measured, the rate determina­

tions were based upon the appearance of N2 in order to avoid correcting 

for the loss of 0 2 and NO by the reaction 2NO + 0 2 - 2NO2 occurring 

downstream of the reactor. Only about 10 minutes were needed for 

reaching a steady state after the concentration of NO was changed in 

the inlet stream. Three separate readings of concentrations ;i,n the 
:J 

outlet stream were determined at each point. Concentration readings 

were accepted when the maximum disagreement between any of the 

three readings were less than 2%. Preliminary experiments had been 

conducted with an inlet concentration of NO equal to 0. 5% and at 

temperatures high enough for the reaction to reach completion; the 

amounts of 0 2 and N2 in the effluent stream were equal indicating 

negligible formation of N2O. 

Results and Discussion 

The decomposition of NO on Co 3O4 was investigated in the 

temperature range 350 °c to 500°C, however, the catalyst was found 

to be active at temperatures as low as 300 °C. The catalyst showed no 

signs of deactivation in the span of six months during which about 250 

hours of testing were conducted. 
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As indicated in Figure 1, the rate of NO decomposition is well 

described by 

(1) 

or equivalently 

(2) 

The values of a = K1/k and b = I<i/k at four different temperatures 

were evaluated by plotting 1/r vs. c0 /CNO' as shown in Figµre 2. 
2 

The value of K1CNO was found to be small compared to that of 

I<iCa in the range c0 /CNO > 0. 02, thus except for very low con-
2 2 

versions the rate can be approximately described by 

r = (3) 

where k
0 

= k/~ . 

An Arrhenius plot of this constant, k
0

, shown in Figure 3, 

yields an activation energy of 26. 8 ± 0. 5 kcal/g-mole. This activation 

energy is similar to the values obtained by Yur' eva, et al. and 

2 3 / - 1 Shelef, et al. ' Boudart found a value of 22. 5 kcal g-mole at 

the higher t emperatures. 5 This is expected if the general mechanism 

discussed below is a correct description of the reason for the difference 

in order observed. 
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Figure 1. Reciprocal rate vs. oxygen-nitric oxide ratio at 

one temperature. 
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Figure 2. Reciprocal rate vs. oxygen-nitric oxide ratio at 

several temperatures. 
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Figure 3. Arrhenius plot for inhibited reaction rate constant. 
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For the temperature range we studied, we find the reaction 

to be approximately zero order with respect to NO in the limit of zero 

conversion. This is shown in Figure 1. Each set of points at a 

particular ratio of 0 2 to NO is for initial concentrations of NO from 

1 to 5%. Each set of points for a given initial concentration extrapo­

lates to approximately the same point at c0 /CNO = 0, so we observe 
2 

no dependence of the initial rate on NO concentration. This is in 

contrast to the work of Boudart. 5 However, we note that Boudart 

worked at much higher temperatures, 600 and 700 °C, and that the 

pretreatment and analytical methods are subject to some uncertainty. 

While the data we have can be fitted to a rate law as described 

by Winter, 4 this law could not account for the results of Boudart. On 

the other hand, the rate law used by Boudart, 

r = 
Nk(NO) (8) 

where N = Avagadro's Number 

k = reaction rate constant 

(NO), (02 ) = molar concentration, mol cm - 3 

K = adsorbtion equilibrium constant in atm. -l 

-1 ~i 
a = conversion in atm. mol cm . 

cannot explain our data, either with the values obtained by them for 

k and K or in the general case. At zero conversion, this expression 

shows the rate should vary as the NO concentration. 

There is a very general form of rate law for decomposition of 

gases on surfaces. This law is derived from considerations of the 
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form of adsorption isotherms and not from considerations of 

elementary reactions. We think both our results and Boudart's can 

be considered as special cases of the form; 

r = 
k[NO] (9) 

where k is a rate constant and a and b are adsorption equilibrium 

constants. 

This form of the rate law is observed for the decomposition of, 

for example, N20 on pt and Ag wires • At 440 °C the adsorption 

equilibria are both quite favorable and the last two terms in tfie 

denominator are large compared to 1, and we obtain the rate law (1). 

At 600 °C the adsorption equilibria are much less favored and the 

adsorption of NO is much less than of 0 2 so that the important terms 

in the denominator are 1 + b[02 ]. This reduces the general form (9) 

to that of Boudart (8). These changes in the rate expression are 

commonly called the "high pressure" limit and the "low pressure" 

limit of the general rate law for a unimolecular reaction inhibited by 

adsorption of product. It is possible that if we made measurements 

at much lower NO pressures or Boudart' s group worked at higher 

pressures, the observed rate laws would change toward the more 

general form. However, it is more likely that this change in rate law 

would be more easily observed in the temperature region between 

500 ° and 600 °C at the pressures we have used. 
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In addition to the difference in rate laws observed, the 

difference in activation energies is also understandable as the result 

of the different conditions of applying the general form (9). 

In the "high pressure" limit, the activation energy is that due 

to the chemical reaction and is called the "true" activation energy. In 

the "low pressure" limit, the observed rate constant is the product of 

both the rate constant of the chemical reaction and the equilibrium 

constant of the adsorption equilibrium and the activation energy is 

the activation energy of the chemical reaction reduced by the heat of 

adsorption of the reaction. This relationship can be illustrated with 

a potential energy diagram, as shown in Figure 4. A reaction of a 

molecule first carries it over the initial barrier to the adsorbed state 

at an energy, Ead' lower than the initial state. Then the chemical 

reaction requires the molecule to go over the next barrier, Eact· If 

the pressure is low, most molecules are in the unadsorbed state and 

need energy Eact - Ead to react. At high pressures, the reacting 

molecules start in the adsorbed state, and need energy Eact to pass 

over the barrier. 

Similarly, the strongly adsorbed inhibitor can also modify the 

activation energy. Simply stated, this occurs because a molecule of 

inhibitor must be desorbed so that a molecule of reactant can become 

adsorbed to react. Since we do not really have enough experimental 
. . 

data to sort out these various factors, we cannot attribute the 

difference in the observed activation energy to any one item. However, 
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Figure 4. Potential energy diagram for reaction of adsorbed 

molecule. 
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the fact that the activation energy observed by Boudart is significantly 

lower than we observed, ·it is consistent.with the· suggested general 

expression {9). 

Above 900 °C the reaction, 

2Co 3O4 .= 6CoO + 0 2 

is very rapid in air. 8 Since the Po is 0. 2 atm, this reaction is likely 
2 

to proceed rapidly at lower temperature in the absence of 0 2 • (If we 

knew the ~H of this reaction as a function of temperature in this 

temperature range, we could calculate the equilibrium pressure of 0 2 

as a function of temperature.) This reaction should limit studies of 

the decomposition of NO over Co3O4 to temperatures below the value 

where the equilibrium is rapidly attained. It is this reaction which 

troubles Boudart at or above 700 °C, apparently. 
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