
Class Notes on Ozone Chemistry Ð Part I I  

The Chapman Mechanism 

 In the 1930Õs, Chapman proposed an Òoxygen-onlyÓ five-step mechanism for the generation 
and consumption of ozone in the stratosphere (Table 1).  It tracks the production of Òodd oxygenÓ 
species, atomic O and O3, as a single group of interest.  Because atomic oxygen is so unstable, it is 
likely to react quickly to form ozone.  Thus odd oxygen consists of genuine ozone, O3, and ozone-
to-be, O.  Odd oxygen is generated by the photochemical cleavage of molecular oxygen (Step 1) and 
is consumed by the reaction of two odd oxygen species to reform molecular oxygen (Steps 4 & 5).  
In reality, only combination of atomic oxygen and ozone (Step 4) contributes appreciably to odd 
oxygen consumption in this mechanism. It turns out that step five is relatively unimportant.  
Because the concentration of atomic oxygen is so low in comparison to the other species, reaching a 
maximum of 109 molecules/c m3 at the top of the stratosphere, that the rate of step five, which is 
second order in atomic oxygen, is negligible (a small number squared is even smaller!). 

Table 1.  The Chapman oxygen-only mechanism for ozone formation and consumption.  Note that 
rate constants for photochemical reactions are ÒJÓ rather than ÒkÓ. 
 

Step Reaction Rate law ! odd oxygen 
1 O2 + hv  → 2 O J1[O2] +2 
2 O + O2 + M → O3 + M k2[O][O2][M] 0 
3 O3 + hv → O + O2 J3[O3] 0 
4 O + O3 → 2 O2 k4[O][O3] -2 
5 2 O + M → O2 + M k5[O]2[M] -2 

 
 
Lifetimes of Odd Oxygen Species 
 
 From the processes outlined in Table 1, it can be seen that odd oxygen species are transient, 
and that the more stable molecular oxygen will predominate, even in the stratosphere where there is 
a high incidence of UV radiation.  In the case of atomic oxygen, it may be consumed either in step 2 
or 4, yielding the following equation for its lifetime: 
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The calculation of this lifetime is complicated by differing concentrations and temperatures at 
differing altitudes, but it is longest above the stratosphere, at 65 km, where the lifetime is 15 
minutes.  At 20 km altitude, the lifetime is 10-3 s (compared to 10-5 s at sea level).  As concentrations 
of O2 and O3 increase, the lifetime drops radically.  In the case of ozone: 
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which varies from 4200 s at 20 km to 3100 s at 32 km in the stratosphere.  At high altitudes, the 
value of J2 is large because of the high intensity of UV light and the concentration of atomic oxygen 
is higher, resulting in shorter lifetimes. 
 
 However, ChapmanÕs mechanism isnÕt really that concerned about the individual lifetimes of 
ozone and O, because they are mostly interconverting.  Really, only one reaction is of concern Ð 
Step 4, which results in the loss of two Ox species in a single step (remember that step 5 is too slow 
to worry about).  Thus, if we claim that: 
 
 [Ox] = [O3] + [O] 
 
then 
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and is evaluated to be roughly a month at 32 km.  At higher altitudes, the greater influx of UV 
radiation shortens the lifetime of odd oxygen to about a day, and in the lower stratosphere, the 
lifetime can exceed a year.  Once the cycle gets going, it takes it a long time to shut down. 
 
The Steady State of Odd Oxygen 
 
  Given the length of residence of Ox species in the stratosphere, there is clearly an 
opportunity for a steady state to form.  By Chapman's mechanism, it is possible to assume a steady 
state for odd oxygen, that Ox is created as fast as it is destroyed.  One only needs to look at reactions 
that change the concentration of odd-oxygen, steps one and four (remember that step five is so slow 
as to be negligible.  By the steady state approximation: 
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so the concentration of Ox will be defined as: 
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This calculation allowed the calculation of a profile of odd oxygen concentration vs. altitude (Figure 
1), which shows a maximum ozone concentration of roughly 1013 molecules/c m3 ozone at an 
altitude of 30 km.  Interestingly, though, the measured abundance is significantly smaller at about 
half that.  Why? 
 
 



 
 
 
 
Figure 1.  Profile of ozone abundance vs. altitude.  The solid line shows 
the profile predicted by ChapmanÕs mechanism only, but the dotted line 
shows the true abundance with altitude.  The difference is due to the 
presence of catalytic cycles leading to the loss of odd oxygen in the 
stratosphere.  
  
 
 
 

 
Catalytic Cycles in Ozone Decomposition 
 
 ChapmanÕs Òoxygen-onlyÓ mechanism is somewhat na•ve from a mechanistic perspective, 
assuming that any atmospheric chemistry could truly act in a vacuum, isolated from other 
atmospheric species.  In the 1950, an additional chemical contribution to ozone chemistry was 
uncovered.  The hydroxyl radical, HO¥, forms through the action of atomic oxygen on methane 
(note the loss of one odd oxygen species). 
 
 CH4 + O → CH3 + HO¥ 
 
It was discovered that HO can act as a catalyst for the reaction of O3 + O in a two-step mechanism 
(Scheme 1A).  Later, in 19691, Paul Crutzen (Nobel Prize in Chemistry, 1995), discovered that NO 
can likewise act as a catalyst for step 4 of the Chapman mechanism (Scheme 1B). NO is formed by 
the reaction of N2O (a long-lived greenhouse gas that only breaks down very slowly in the 
troposphere) as follows: 
 
 N2O + O → 2 NO¥ 
 
The similarity in these two cycles can be noted by replacing the catalyst in each instance with a 
species, ÒXÓ. By taking into account the presence of these two minor components of the 
stratosphere, one can account for the deviation between the observed and predicted quantities of 
ozone present in the stratosphere. 
 
 
A. HO + O3 → HO2 + O2 B. NO + O3 → NO2 + O2 C. X + O3 → XO + O2 
 HO2 + O → HO + O2  NO2 + O → NO + O2  XO + O → X + O2 
    
Scheme 1.  Catalytic cycles for odd oxygen destruction by (A) HO and (B) NO.  These two cycles 
are similar in so far as the catalyst can be substituted with the species ÒXÓ (C).  Note that in all cases, 
the net reaction is: O3 + O → 2 O2. 

                                                
1 This classic paper can be found at: http:/ / web.lemoyne.edu/ ~giunta/ crutzen.html (accessed 2/ 10/ 08). 



 
Early Concerns Regarding Anthropogenic Influences on Ozone Abundance 
 
 The role of human influence on stratospheric ozone depletion begins in the late 1960Õs with 
the advent of interest in supersonic commercial air travel.  A distinction between supersonic 
transports (SST) and regular commercial jets is the higher cruising altitude of the former.  Most 
commercial jets fly below 12,000 m (40,000 ft.), while SSTÕs fly at roughly 17,000 m (56,000 ft).  The 
difference places regular jets below the tropopause and SSTÕs into the stratosphere.  Thus, the 
exhaust of SST jets would be placed directly into the ozone belt and thus would have to be 
considered in the context of ozone chemistry.  Since any combustion process yields water as a 
product, there would be direct injection of H2O into the otherwise dry stratosphere.  Water can react 
with atomic oxygen to produce two hydroxyl radicals, thus enhancing the presence of a known 
catalyst of odd oxygen depletion.  However, modeling studies showed that the increase in steady 
state water concentrations in the stratosphere would be modest (from ~3 ppmv to 4 ppmv) and that 
the ozone concentration would decline by no more than 4% overall.2 
 
 However, with the publication of CrutzenÕs work, concern over the presence of NO in the 
stratosphere replaced concern over HO. All combustion reactions taking place with air as the source 
of O2 promote the formation of nitrogen oxides such as NO and NO2.  As shown in Scheme 1, 
both NO and NO2 play a role in a catalytic cycle of ozone depletion.  Recognizing that this would be 
an issue, Harold Johnston, an atmospheric chemist at Berkeley, argued strongly in the literature and 
before Congress against initiating the SST program.3  Assuming 2000 flight hours a day, 365 days a 
year, the annual increase in NOx could be calculated as: 
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Given that the natural abundance of NO in the stratosphere is approximately 1 ppbv, this would 
indicate a 20% increase in NO per year.  Interestingly, the SST program was not shut down over 
these concerns, but rather the costs of U.S. investment in the project and the effect of sonic booms 
on property (lots of broken windows) and human contentment (so unsettling, those booms). 
 
Chlorine Ð A New Player in Ozone Depletion 
 
 Into this background, Sherwood Rowland and Mario Molina (shared 1995 Nobel Prize with 
Crutzen) instituted a study on the environmental fate of two major chlorofluorocarbons, Freon-11 
and Freon-12 (molecular formulae are CFCl3 and CF2Cl2).  In the early 1970Õs, James Lovelock had 
become interested in these compounds as environmental tracers Ð inert compounds that could be 
used to track circulation of the atmosphere.  Their inertness is by design.  Developed by DuPont to 
replace more toxic refrigerants, chlorofluorocarbons (CFCÕs) like Freon-11 and 12 were widely used 
in air conditioners and refrigerators as compressor gases and had also found broad use as 
                                                
2 H. Harrison (1970) Stratospheric Ozone with Added Water Vapor: Influence of High-Altitude Aircraft. Science 170, 
734-737. 
3 H. S. Johnston (1971) Reduction of Stratospheric Ozone by Nitrogen Oxide Catalysts from Supersonic Transport 
Exhaust. Science 173, 517-522. 



propellants in consumer aerosols and in foam manufacturing.  What Lovelock discovered was that 
virtually all the CFCÕs produced since their invention in the 1930Õs were still in the atmosphere forty 
years later, at tiny levels of 0.06-0.1 ppbv.4  Rowland and Molina set out to determine the behavior 
of these compounds in the stratosphere, and found that they actually do decay Ð by photolysis in 
UV light to produce atomic chlorine, a process that can only happen in the stratosphere.  
 
 CFCl3 + hν → CFCl2 + Cl¥ 
 
While this discovery might have only been a note of minor interest in the history of human 
contributions to the atmosphere (nothing lasts forever), Rowland and Molina made another, more 
important discovery.  Chlorine is an exceptional catalyst of step 4 in the Chapman mechanism 
(Scheme 2).5 
 
   Cl + O3 → ClO + O2 
  ClO + O → Cl + O2 
    
 Scheme 2. A catalytic cycle for odd oxygen consumption using chlorine as the catalyst. 
 
 Thus, CFCÕs like Freon-11 and 12 are like the Trojan horse.  Seemingly harmless, but when 
they get inside the gates (in this analogy, into the ozone layer) they fall apart and reveal their 
disastrous cargo Ð an extremely efficient catalyst for odd oxygen destruction. This paper launched an 
immediate political response.  Oregon became the first government in the world to outlaw CFCÕs, 
and Senator Bob Packwood (R-Oregon, and now famous serial harasser) sponsored a bill to outlaw 
their use in aerosols in the United States, which passed in 1978.  ThatÕs when Republicans were 
Republicans!  In the meantime, skeptics abounded.  There was no evidence that CFCÕs caused any 
harm at all, and all this regulation was putting a cramp on the economy. 
 
Then Came the Antarctic 
 
 As mentioned earlier this semester, one of the great stories of seemingly futile atmospheric 
observation, conducted by Joe Farman of the British Antarctic survey, investigated ozone levels over 
Antarctica.  In 1985, he published a report demonstrating a significant loss in ozone concentration 
over southern polar regions in the polar spring (August and September).  This appeared to be the 
evidence of ozone depletion that Rowland and Molina predicted based on the action of CFCÕs.  
However, there is always a danger in accepting the explanation you expect, and many skeptics noted 
that other natural causes could be at work. 
 
 

                                                
4 Lovelock et al. (1973) Nature 241, 194. 
5 Molina & Rowland (1974) Stratospheric sink for chlorofluoromethanes: chlorin atom-catalyzed destruction of ozone. 
Nature 249, 810-812. 


