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Abstract

Detailed mechanisms with hundreds of elementary reactions and species are now avail-
able for the combustion of alkanes as a result of the consistent pursuit of mechanism
development over several decades. The chemical reaction scheme presented in this work
was developed on the basis of a previously available one, V. Karbach (2006), and includes
the oxidation reactions of high-temperature combustion of H2, CO, CH4, C2H6, C3H8

and C4H10. The mechanism consists of 412 elementary reactions and 61 species and is
based on a rate-data compilation by Baulch et al. (2005). It is documented by Hegheş
et al. (2005) and Warnatz and Hegheş (2006). The approximate temperature range is
from 900 K to 2500 K. To test the validity of the mechanism, for each fuel considered,
premixed laminar flame velocities and ignition delay times have been calculated. The
results were compared to experiments for the largest possible conditions range (initial
temperature, pressure, equivalence ratio).

The flame velocity is a function of fuel concentration, temperature and pressure of
the unburnt mixture. The flame calculations are performed using the Mixfla code (J.
Warnatz, Ber. Bunsenges. Phys. Chem. 82, 1978). The flame modelling was used
for two purposes: to test the validity of experimental methods and to calculate flame
velocities for comparison to experimental results.

The ignition delay time is a characteristic quantity of the fuel and also depends on
initial temperature, pressure and mixture composition. Homogenous simulations were
performed using the code Homrea (U.Mass, Dissertation, University Heidelberg, 1988).
Calculation of the dependence of the ignition delay time on temperature and reactant
composition provides a powerful tool for modelling and understanding the combustion
mechanism of a given fuel, in special at lower temperatures.

It is known that the rates of elementary reactions in combustion processes differ
greatly. For sensitive reactions, values for the rate coefficients have to be well-known.
Sensitivity analysis has been performed in order to identify the rate-limiting reactions
and to understand the behavior of the chemical system under different conditions. Fur-
thermore, reaction flow analysis has been conducted to elucidate the important chemical
pathways over a wide range of conditions.

To demonstrate the capabilities of the mechanism proposed in this work, a comparison
between experimental data and simulations of flame velocities and ignition delay times
is presented.

In summary, a detailed kinetic mechanism has been developed to simulate the oxida-
tion of hydrocarbons up to C4 species under high-temperature conditions. The calcu-
lated ignition delay times and flame velocities are in a good agreement with experimental
data for all hydrocarbon fuels studied in this work, except for the ignition delay time in
case of acetylene, where our calculations show shorter ignition delay time at comparable
conditions.



Kurzfassung

Heutzutage stehen für die Verbrennung von Alkanen detaillierte Mechanismen mit
Hunderten von Elementarreaktionen und Spezies zur Verfügung – als Ergebnis zahlrei-
cher zielstrebiger Forschungsarbeiten zur Mechanismus Entwicklung in den vergangenen
Jahrzehnten. Das in der vorliegenden Arbeit vorgestellte chemische Reaktionsschema
ist ausgehend von einem bereits vorhandenen, V. Karbach (2006), entwickelt worden
und beinhaltet die Oxidationsreaktionen der Hochtemperaturverbrennung von H2, CO,
CH4, C2H6, C3H8 und C4H10. Der Mechanismus besteht aus 412 Elementarreaktionen
und 61 Spezies und beruht auf einer Kompilierung der Daten für die Geschwindigkeit-
skoeffizienten nach Baulch et al. (2005). Er ist dokumentiert von Heghes et al. (2005)
und Warnatz und Heghes (2005). Der angenäherte Temperaturbereich erstreckt sich von
900 K bis 2500 K. Zur Validierung des Mechanismus sind die entsprechenden vorgemis-
chten laminaren Flammengeschwindigkeiten und Zündverzugszeiten berechnet worden.
Die Ergebnisse sind mit Experimenten unter ähnlichen Bedingungen (Anfangstemper-
atur, Druck, Äquivalenzverhältnis) verglichen worden.

Die Flammengeschwindigkeit hängt von Brennstoffkonzentration, Temperatur und
Druck der unverbrannten Mischung ab. Die Flammenberechnungen erfolgten unter
Verwendung des Mixfla-Codes (J. Warnatz, Ber. Bunsenges. Phys. Chem. 82, 1978).
Das Flammenmodellieren hatte zwei Zwecke: das Testen der Gültigkeit experimenteller
Methoden und die Berechnung der Flammengeschwindigkeiten für den Vergleich mit
experimentellen Ergebnissen.

Die Zündverzugszeit ist ein Brennstoffcharakteristikum und hängt ebenfalls von An-
fangstemperatur, Druck und Mischungszusammensetzung ab. Homogene Simulationen
sind unter Verwendung des HOMREA-Codes (U. Mass, Dissertation, Universität Heidel-
berg, 1988) durchgeführt worden. Die Berechnung der Abhängigkeit der Zündverzugszeit
von Temperatur und Zusammensetzung des Reaktanden ist wichtig für das Modellieren
und für das Verständnis des entsprechenden Verbrennungsmechanismus.

Die Geschwindigkeiten der Elementarreaktionen in Verbrennungsprozessen schwanken
bekanntermaßen sehr stark. Für sensitive Reaktionen müssen die Werte der Geschwin-
digkeitskoeffizienten bekannt sein. Die durchgeführten Sensitivitätsanalysen dient zur
Identifizierung der geschwindigkeitsbestimmenden Reaktionen und dem Verständnis des
Verhaltens des chemischen Systems unter verschiedenen Bedingungen. Ferner sind zur
Aufklärung der wichtigen chemischen Pfade für zahlreiche Bedingungen Reaktionsflus-
sanalysen vorgenommen worden.

Um das Potential des in dieser Arbeit vorgeschlagenen Mechanismus zu veranschauli-
chen, wird ein Vergleich zwischen experimentellen Daten und Simulationen der Flammen-
geschwindigkeiten und der Zündverzugszeiten vorgestellt.

Insgesamt ist für die Simulation der Oxidation von Kohlenwasserstoffen bis zu C4

im Hochtemperaturbereich ein detaillierter kinetischer Mechanismus entwickelt worden.
Die berechneten Zündverzugszeiten und Flammengeschwindigkeiten stimmen für alle
untersuchten Brennstoffe sehr gut mit experimentellen Werten überein.
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1 Introduction

The discovery of fire heralded the beginning of a new age. The ability of employing fire
was considered by many historians as the first human success and a step towards more
advanced technology. While computers and electronics have revolutionized the way we
live and access information, we still generate our electricity, heat our homes and power
our vehicles using the same power source: fire. Knowledge of combustion phenomena is
of great scientific interest due to its presence in a wide range of industrial processes and
equipment. It is known that about 80% of the worldwide energy support is provided by
combustion of liquids (such as gasoline and hydrocarbon fuels), solids (such as coal and
wood) and gases (such as natural gas composed of methane and small amounts of other
hydrocarbons such as ethane, propane and butane). The other 20% are accounted from
other energy sources such as nuclear or renewable energy.

In the last two decades, the importance of the reduction of pollutant emissions has
increased considerably due to both environmental consciousness and to governmental
policies, being one of the most important aspects to assure the competitiveness of
combustion-related industries. Pollutant emissions can be reduced by improving the
efficiency of combustion processes, thereby increasing fuel economy.

Modern combustion systems are designed with the following goals: high combus-
tion efficiency, high reliability, and minimum emission of the air pollutants. Numerical
prediction is a feasible and economic way to establish the criteria for designing the com-
bustors under these detriments. Application of numerical simulation in industry has
grown rapidly during the last decades. It complements the theoretical investigations
where nonlinearity, high number of degrees of freedom, or lack of symmetry are of im-
portance, and complement experiment where devices are expensive, data is inaccessible,
or the phenomen very complex. For the study of combustion, numerical simulations im-
prove our understanding of flame structure and dynamics. They are widely used in the
design and optimization of practical combustion systems because, compared to experi-
mental testing and prototyping, the development costs of numerical simulation are very
low. Today, no real progress in design or optimization can be made without numerical
simulations.

1.1 Importance of combustion in various applications

Various applications of combustion in our lives show that this research field remains
timely and useful.
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1 Introduction

Combustion plays an important role in the following areas [1]:

1. Power generation (e.g., coal particles are burned in the furnaces of power stations to
produce steam for driving turbines in order to generate electricity), transportation
(internal combustion engines in automobiles).

2. Production of engineering materials in the process industry (e.g., production of
iron, steel, glass, refined fuels, etc., through thermal heating processes).

3. Household and industrial heating (e.g., heating of homes, factories, offices, hospi-
tals, schools and other types of buildings).

4. Safety protection from unwanted combustion (e.g., prevention of forest and build-
ing fires, reduction of industrial explosions).

5. Ignition of various combustible materials for safety enhancement under emergency
situations (e.g., inflation of airbags during collision of automobiles).

6. Pollutant emission control of combustion products (e.g., control of the temperature
and chemical compositions of combustion products, reduction of soot and coke
formation).

7. Active control of combustion processes (e.g., control of combustion instabilities in
various propulsion systems).

1.2 Effects of combustion on the environment

In spite of the considerable benefits of combustion to our quality of life, combustion
has also its dark face. Forests are destroyed every year, large amounts of pollutants are
formed that lead to global warming and affect the planet’s health. Another harmful effect
of combustion on the environment is acid rain. It is produced mainly by the emissions
of sulfur oxides and nitrogen oxides from the burning of fossil fuels in transport vehicles,
as well as in energy and manufacturing industries. Acid rain causes lakes and rivers to
become acidic (which damages fish and stops their reproduction), damages trees (acids
react with many of their nutrients, thus starving them), and thereby human health (the
ingestion of food or water with a great level of toxic metals produced by the consequences
of acid deposition can produce diseases and damage our organism).

Smog is another factor of air pollution and also has negative consequences on human
health.

It is belived by many scientists that global warming is a consequence of the increment
of greenhouse gases in atmosphere, due to the development of industry. Stabilizing
atmospheric concentrations of greenhouse gases will demand a major effort.

10



1.3 Outline of this work

1.3 Outline of this work

The use of combustion in so many fields implies the necessity to ensure that the processes
related to it are performed in the most efficient way. The increase in energy demand
associated with the important issue of environmental pollution require major efforts to
minimize the waste of energy and reduce environmental pollution. The work developed
in this thesis contributes to these objectives.

Combustion of hydrocarbons such as alkanes is perhaps industrially the most impor-
tant combustion system due to its use in many apparatuses such as car engines, gas
turbine engines, heaters, incinerators, and hydrocracking furnaces that use methane and
natural gases as fuels. The ability to perform detailed simulations of such processes
would have significant impact on many industries as well as on our environment. To
achieve this goal one must be able to develop fundamental kinetic models, which in prin-
ciple must take into account all elementary chemical reactions occurring in the system,
along with their kinetic parameters and the thermodynamic and transport properties of
all chemical species involved. The completeness of the kinetic models should not require
any assumption regarding reaction pathways.

Although the combustion of hydrocarbon fuels is conceptually simple in its overall
plan, the details of how conversion of a hydrocarbon to carbon dioxide and water with
concomitant release of energy occurs are enormously complex. The combustion of even
a relatively simple hydrocarbon may involve thousands of elementary steps. Detailed
knowledge of the energetics of each of these steps would permit fuels to be used with
maximum efficiency and minimum pollution. Once the mechanism is generated, one
needs to supply thermodynamic and transport properties for each species and kinetic
parameters of each reaction.

Kinetic models lie at the heart of chemistry. They allow chemists to make valid predic-
tions for systems of practical interest based on measurements made in highly simplified
laboratory conditions. Models for important industrial processes are so valuable that
companies often invest considerable funds in their development.

In this work, a detailed kinetic mechanism has been developed. It simulates the oxi-
dation of up-to-C4 hydrocarbon fuels under high-temperature conditions, and is based
on the rate data compilation by Baulch et al. (2005) [2]. The mechanism presented con-
sists of 412 elementary reactions and 61 species (see Appendix A). It is documented by
Hegheş et al. (2005) [3] and Warnatz and Hegheş (2006) [4]. The approximate temper-
ature range is from 900 K to 2500 K. For each development step of the mechanism and
for each fuel considered, premixed laminar flame velocities have been calculated as well
as ignition delay times, and compared to experiments for the largest possible conditions
range (initial temperature, pressure, equivalence ratio) in order to test the validity of
the developed mechanism. The flame modelling was used for two purposes:

1. To test the validity of the experimental methods;

2. To calculate flame velocities for comparison with experimental results.

11



1 Introduction

Measurement and calculation of the dependence of ignition delay times on temperature
and reactant composition provide powerful tools for modelling and understanding the
combustion mechanism of a given fuel.

1.4 Structure of the thesis

As combustion is a technologically important process, its detailed description is desirable.
Chapters 2-5 of this thesis include a theoretical background of disciplines involved in
combustion studies.

Chemical kinetics and thermodynamics describe the fundamentals of reactive systems
and are essential for combustion studies. In Chapter 2, we describe chemical processes in
terms of rate laws together with rate coefficients and reaction orders, the determination
of the rate law being one of the first steps in studying the kinetics of a chemical reac-
tion. The study of temperature and pressure dependence reactions is necessary because
chemical reactions depend on temperature and/or pressure. In 1889, Arrhenius analyzed
rate coefficients and elaborated the well-known Arrhenius Law, which describes the re-
lationship between the rate of a reaction and its temperature. The pressure dependence
of the rate coefficient is described according to the modified Lindemann-Hinshelwood
formalism proposed by Troe.

In Chapter 3 the focus is on reaction mechanisms. An important consideration in
combustion processes is the formation of chain reactions. Chain-branching reactions
are very important in the reaction mechanisms because they lead to the formation of
radicals. A chain reaction mechanism consists of several steps (initiation, propagation,
branching and termination) that are described in this chapter. Chain reactions are
especially important for the chemistry of the atmosphere and combustion in flames.

Combustion mechanisms may consists of thousands of reactions. Many of these reac-
tions can be neglected if changes in their rate coefficients have no influence on the output
of the system. In modelling of the hydrocarbon kinetics, analyses of reaction mecha-
nisms (reaction flow and sensitivity analyses) help us to understand the importance of
the reactions and to identify the rate-limiting reactions in the system.

To obtain the validation of a reaction mechanism, ignition delay times and flame veloc-
ities simulations have to be compared with experimental data. In Chapter 4, we discuss
the ignition processes, ignition limits and ignition delay time together with correspond-
ing experimental techniques, showing the symbiotic connection between simulations and
experiments. Continuous-flow devices and shock tubes are considered, as are experi-
mental techniques used for measurements of ignition delay times. Measurement of the
dependence of the ignition delay time on temperature, pressure and reactant composition
provides a powerful tool for modelling and understanding the combustion mechanism of
a given fuel.

Flames result from a complicated interaction of flow, heat conduction, diffusion and
chemical reaction. Premixed flames occur when the fuel and oxidizer are homogeneously

12



1.4 Structure of the thesis

mixed prior to ignition. Calculations of freely propagating one-dimensional flames have
been extensively performed in the study of chemical kinetics. In Chapter 5, flame ve-
locity and the mathematical equations that govern the modelling of premixed laminar
one-dimensional flat flames (general conservation law, continuity equation, species con-
servation equation, enthalpy equation) are introduced. The heat released by the chemical
reactions raises the temperature of the medium, and the heat is transferred to the sur-
roundings by conduction, convection and radiation. Therefore, the study of heat transfer
is also important.

The second part of the thesis presents the details of the computer modelling. It starts
with Chapter 6, which contains simulation results for ignition delay times and flame
velocities of different fuels. The simulation results are compared to experimental data.
The mechanism tested in this work contains the oxidation reactions of hydrocarbons
up to C4 species. In Chapter 6, we also briefly describe the codes used to perform the
simulations (MIXFLA for flame velocities and HOMREA for ignition delay times).

Chapter 7 concludes the thesis. The similarities and differences between the ignition
delay times and flame velocities we have studied are considered, and general conclusions
obtained by contrasting the results from our work with experimental data over a wide
range of conditions (temperature, pressure and equivalence ratio) are presented.

We also include an appendix containing the details of the proposed reaction mechanism
(reactions, rate coefficients, etc.).
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2 Reaction Kinetics

Chemical kinetics is the branch of chemistry that studies the rates of chemical reactions.
The term kinetics comes from the Greek kinesis, meaning movement. To understand
how reactions take place at the molecular or microscopic level, a connection between
chemistry and mathematics must be formed. Therefore, chemistry experiments (studies
of chemical reactions as they proceed in time) must be interpreted in terms of a mathe-
matical model (differential equations for the rates at which reactants are consumed and
products are formed). The following considerations must also be taken into account:

• Molecules or atoms of reactants must collide with each other in chemical reactions.

• The collision must be of sufficient energy to break the bonds and initiate the
reaction.

• In some cases, the orientation of the molecules during the collision must also be
considered.

Although thermodynamics can predict the equilibrium composition of a reactive mixture,
it cannot give the rate at which the reaction proceeds and its influence on the changes
in composition, pressure and temperature. Both chemical kinetics and thermodynamics
are needed to predict the reaction rates of reactive systems.

2.1 Rate law and reaction order

Rate law

One of the first steps in studying the kinetics of a chemical reaction is to determine
the rate law of the reaction. Gas-phase reactions have a large impact on ignition and
flame stabilization, on the heat release rate, and on pollutant emissions. The gas-
phase chemistry is particularly important for the emission of carbon monoxide, unburnt
hydrocarbons, aromatic compounds, soot and nitrogen oxides. Reactions that take place
in the gas phase are known as homogeneous reactions.

Chemical processes are composed by a number of reversible (or irreversible) reactions
that include N chemical species. Each one of these reactions can be represented in the
general form

N
∑

i=1

ν ′
iAi →

N
∑

i=1

ν ′′
i Ai , (2.1)
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2 Reaction Kinetics

where ν ′
i and ν ′′

i are the stoichiometric coefficients of the chemical species i and Ai are
the species symbols, and N is the number of chemical species.

For a given reaction, the rate law is an equation which describes how fast a reaction
proceeds and how the reaction rate depends on the concentration of the chemical species
involved. The rate law describes the time dependence of a chemical reaction. The rate
of a reaction whose stoichiometry is known can be measured in terms of the rate of
appearance of any product or the rate of disappearance of any reactant. Appearance
is normally indicated as a positive rate, with a positive sign, and disappearance as a
negative rate, with a negative sign. Since a rate of a reaction often depends upon the
concentration or pressure of a reactant, but not a product, rates of reactions are usually
written in terms of rates of consumption of reactants. The rate law for Reaction (2.1)
can be written as

dci

dt
= νikf

N
∏

i=1

c
ni,1

i , (2.2)

where νi = ν ′′
i − ν ′

i, ci is the concentration of species i, kf is the rate coefficient, and ni,1

is the reaction order with respect to species i.
For the reverse of Reaction (2.1),

N
∑

i=1

ν ′′
i Ai →

N
∑

i=1

ν ′
iAi , (2.3)

the rate law can be written as

dci

dt
= −νikr

N
∏

i=1

c
ni,2

i , (2.4)

where ni,2 is the reaction order of the i-th product species. The equilibrium has been
reached when the forward and backward reactions have the same microscopic rate,

νikf

N
∏

i=1

c
ni,1

i = νikr

N
∏

i=1

c
ni,2

i , (2.5)

which means that no net reaction can be observed on a macroscopic level. The equilib-
rium constant of the reaction is

Keq =
kf

kr

=
N
∏

i=1

cνi

i . (2.6)

The equilibrium constant, Keq, represents the ratio of the rate coefficients of the forward
and reverse reactions. For an ideal gas, the equilibrium constant is calculated according
to

Keq =
kf

kr
=

(

p0

RT

)

∑N
i=1

νi

exp

[

∆RS̄0

R
−

∆RH̄0

RT

]

, (2.7)
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2.1 Rate law and reaction order

where p0 is the standard pressure (p0 = 1 bar), ∆RS̄0 is the molar entropy of the reaction,

∆RS̄0 =

N
∑

i=1

νiS̄
0
i , (2.8)

and ∆RH̄0 the standard molar enthalpy of the reaction,

∆RH̄0 =
N

∑

i=1

νiH̄
0
i . (2.9)

S̄0
i and H̄0

i are, respectively, the standard molar entropies and enthalpies of the species
involved in the reaction.

Reaction orders

In a chemical process, two main types of reactions are distinguished: elementary reac-
tions and overall reactions. Elementary reactions are those that take place as a result
of a collision process and occur on a molecular level in a single step, without involving
any intermediates. An example of elementary reaction is

OH + H2 → H2O + H. (2.10)

These reactions depend on the intermolecular potential forces existing during the col-
lision encounter, the quantum states of the molecules, and the transfer of energy. The
reaction orders of elementary reactions are always integer and valid for all experimental
conditions. For an elementary reaction, the reaction order coincides with the molecular-
ity of the reaction. There are three kinds of elementary reactions: unimolecular, bimolec-
ular and trimolecular reactions. In unimolecular reactions, a given reactive molecule
dissociates to form products,

A → Products. (2.11)

The reaction rate is first-order. That means that the rate of reaction doubles when the
concentration of the reactive species doubles too.

Bimolecular reactions proceed by the collision of two molecules of the same or different
chemical species, according to the reaction equations

A + B → Products (2.12)

or
A + A → Products. (2.13)

These are the most frequent type of reactions and their reaction rates are second-order
(when the species concentrations are doubled, reaction rates quadruple).

17



2 Reaction Kinetics

Trimolecular reactions involve three reactant molecules, for example,

A + B + C → Products (2.14)

or
A + A + B → Products (2.15)

or
A + A + A → Products. (2.16)

Generally, trimolecular reactions are recombination reactions and they obey a third-order
rate law. Third-order reactions are very important. Radical recombination reactions,
for example the reaction between OH and H to produce water, take place only if a third
body, M, participates in the collision and hence these are third-order reactions. The
reason a third body is needed is that recombination reactions are exothermic and the
third body must carry away some of the energy.

On the other hand, overall reactions are those that are the consequence of several
elementary reactions. An example of overall (global) reaction is

CH4 + 2O2 → CO2 + 2H2O. (2.17)

Overall reactions have complex rate laws where in general the reaction order is not
integer and depends on time and reaction conditions.

2.2 Experimental determination of rate laws

As we mentioned before, one of the first steps in studying the kinetics of a chemical
reaction is to determine the rate law for the reaction. A rate law can be determined
experimentally by measuring the concentration of species at particular times during the
reaction and making characteristic kinetics plots. The slope of the kinetic plot can be
used to determine the rate coefficient for the reaction. Another method for determining
the rate law is the method of initial rates. The initial rate of a reaction is the rate at
t = 0. The method involves measuring the rate of reaction at very short times before
any significant changes in concentration occur. Suppose one is studying a reaction with
the following stoichiometry:

A + 2B → 3C. (2.18)

While the form of the differential rate law might be very complicated, many reactions
have a rate law of the following form:

v = k[A]a[B]b (2.19)

The initial concentrations of A and B are known; therefore, if the initial reaction rate is
measured, the only unknowns in the rate law are the rate coefficient, k, and the exponents
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a and b. One typically measures the initial rate for several different sets of concentrations
and then compares the initial rates. One major disadvantage to using the method of
initial rates is the need to perform multiple experiments. Another disadvantage is that it
works only for relatively slow reactions. If the reaction proceeds too fast, the measured
rate will have a large uncertainty.

A better method is the isolation method. In this method the concentration of one
reactant is made much smaller than the concentrations of the other reactants. Under
this condition, all reactant concentrations except one are essentially constant, and the
simple zero-, first-, and second-order kinetic plots can usually be used to interpret the
concentration-time data.

Another method is the fit to integrated form. It is known that from plotting the
concentrations as function of time it is difficult to see the difference between a first-
order and a second-order decay for a set of real experimental data. According to this
method, the best way to look at the experimental data is to plot it in such a way that
a straight line would be expected.

2.3 Rate coefficients

2.3.1 Temperature dependence of rate coefficients

It is known that the rate of chemical reactions depends on the temperature. At higher
temperatures, the probability that two molecules will collide per unit time is higher.
This higher collision rate results from a higher average kinetic energy. The activation
energy is the amount of energy required to ensure that a reaction happens. In 1889,
Arrhenius analyzed the characteristics of rate coefficients and elaborated the well-known
Arrhenius Law.

The relationship between the rate of the reaction and its temperature is determined
by the Arrhenius equation

k = A exp

(

−
Ea

RT

)

, (2.20)

where k is the rate coefficient for the reaction, A is called the pre-exponential factor or
frequency factor and is a constant specific to each reaction that depends on the chance
the molecules will collide in the correct orientation (depends on the molecularity of
the reaction and accounts for the number of collisions between molecules in a reaction
system), Ea is the activation energy, R is the gas constant (R has the value of 8.314 ×
10−3 kJ/ mole K), and T is the temperature (in K). A and Ea come from experiment or
statistical mechanics calculations. It is known that not all molecular collisions will result
in reaction, but only those with kinetic energy higher than the energy needed to break
the reactant’s chemical bonds. This energy barrier is described by the activation energy
(see Fig. 2.1). Therefore, the proportion of collisions occurring between molecules that
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Figure 2.1: The energy profile (schematic) of a chemical reaction. The reaction coordinate
represents the changes in bond lengths and bond angles that occur as the chemical reaction
proceeds from reactants to products [5].

have kinetic energy higher than activation energy is given by exp (−Ea/RT ); this results
from the kinetic theory of gases. An analysis of the enthalpy of the system will give a
decent account of the energetics of the reaction mixture. By calculating the amounts
of energy required to break all the bonds of the reactant species and products, it is
possible to calculate the energy difference between the reactants and the products. This
is referred to as ∆H , where ∆ means difference (energy used in bond breaking reactions
minus energy released in bond making products), and H stands for enthalpy, a measure
of energy which is equal to the heat transferred at constant pressure. ∆H is negative
for exothermic reactions, and refers to the fact that the energy has been released in the
form of heat.

The Arrhenius equation is used to determine the activation energies of chemical reac-
tions. It can also be written as

ln k = ln A −
Ea

R

(

1

T

)

. (2.21)

However, limitations of the accuracy of experimental data, and the fact that small
differences among rate coefficients could cause considerable changes of rate coefficients,
motivated the common acceptance of a simplified Arrhenius equation. Thus, a plot of
ln k versus 1/T is called an Arrhenius plot, and it should be a straight line. But the
Arrhenius plot for some reactions is not linear. The nonlinear behavior can be justified
theoretically. The reaction rate is predicted to have the form

k = ATm exp

(

−
Ea

RT

)

, (2.22)
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2.3 Rate coefficients

where A, Ea and m are temperature-independent constants. If m is known, Ea can be
determined from the slope of the plot of ln (k/Tm) against 1/T .

Eqs. (2.20) and (2.22) are empirical expressions based on fits of experimental data.
Rate coefficients are usually calculated for a finite temperature range.

An important point to notice is that the reaction rate coefficient increases very fast
with temperature. This is the fundamental reason why combustion reactions occur at
high temperatures and not at room temperature.

2.3.2 Pressure dependence of rate coefficients

The pressure dependence of the rate coefficient of unimolecular reactions can be under-
stood using the Lindemann model [6]. This model explains how unimolecular reactions
occur and provides a simplified representation of the physical processes that are involved
in unimolecular reactions. According to Lindemann, the energy source for a unimolec-
ular reaction is collision with other molecules, M. The excited molecule can deactivate
through another collision, or decompose into the products. The Lindemann model for
unimolecular reactions of the form

A
k1⇀↽

k−1

B (2.23)

can be written as

A + M
k1⇀↽

k−1

A∗ + M (2.24)

A∗ k2→ B (2.25)

where A∗ is is the energized reactant molecule and M is the collision molecule. The rate
of product formation is given by

d[B]

dt
= k2[A

∗] . (2.26)

Because of the activation and deactivation of the reactant molecule A∗, the concentration
of A∗ is very small and the steady-state approximation can be assumed:

d[A∗]

dt
= 0 = k1[A][M] − k−1[A

∗][M] − k2[A
∗] . (2.27)

The concentration of species A∗ is

[A∗] =
k1[M][A]

k2 + k−1[M]
, (2.28)

and the rate law for the overall reaction is

d[B]

dt
= −

d[A]

dt
=

k1k2[M][A]

k2 + k−1[M]
. (2.29)
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2 Reaction Kinetics

At very high pressures, the concentration of the collision partner M is high. If the rate of
collisional deactivation is much larger than the rate of the unimolecular decomposition,
k−1[A

∗][M] ≫ k2[A
∗] or k−1[M] ≫ k2, then

d[B]

dt
=

k1k2

k−1

[A] = k∞[A]. (2.30)

In this case, the reaction rate is first order in A, where the k∞ represents the high-
pressure rate coefficient. The reaction rate does not depend on the concentrations of the
collision partners, because at high pressures collisions occur very often and, thus, the
rate-limiting step is the decomposition of the activated molecule A∗.

At low pressures, the concentration of the collision partner M is very low. If the rate
of collisional deactivation is much smaller than the rate of the reaction, k1[M] ≪ k2,
then

d[B]

dt
= k1[A][M] = k0[A][M] , (2.31)

where k0 is the low-pressure rate coefficient. In this case, the rate law is first order in
[A] and [M]. The overall reaction order is 2. The reaction rate is proportional to the
concentration of species A and collision partner M, because the activation is slow at low
pressures.

The physical meaning of this change of reaction order is that at low pressures, the
bimolecular formation of [A∗] is the rate-limiting reaction. For the overall reaction, the
equation of the global rate is

d[B]

dt
= k[A][M] , (2.32)

where

k =
k1k2[A]

k2 + k−1[A]
(2.33)

or
1

k
=

k−1

k1k2
+

1

k1[A]
. (2.34)

The theory can be tested by plotting 1/k against 1/[A]; the result must be a straight
line.

The Lindemann model illustrates the behavior of the reaction rate with concentra-
tion but does not explain in detail how the energy transfer processes take place. More
accurate results for the pressure dependence of unimolecular reactions can be obtained
from the theory of unimolecular reactions (see [7–9]). The theory of unimolecular re-
actions yields fall-off curves which describe the pressure dependence of k for different
temperatures. As an example, a typical set of fall-off curves for the unimolecular re-
action C2H6 → CH3 + CH3 obtained by Warnatz [10, 11] is shown in Fig. 2.2, which
describes the pressure dependence of k for different temperatures. Usually the loga-
rithm of the rate coefficient is plotted versus the logarithm of the pressure. For p → ∞,
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Figure 2.2: Fall-off curves for the unimolecular reaction C2H6 → CH3 + CH3 ( [12]).

k = k1k2[M]/(k−1[M] + k2) tends to the limit k∞. At low pressures the rate coefficient k
is proportional to [M] = p/RT (Eq. 2.31), and a linear dependence results. In the same
way, if the effective activation energy of k∞ is low, the rate coefficient k will decrease
with temperature [13]. The fall-off curves depend very much on temperature. Thus, the
rate coefficients of unimolecular reactions show different temperature dependencies at
different values of the pressure.

Treatment of pressure-dependent reactions

As we mentioned before, for some dissociation/recombination and bimolecular reactions,
it has been observed that under certain conditions reaction rates depend strongly on
pressure as well on temperature. These reactions are called dissociation/recombination
fall-off reactions and chemically activated bimolecular reactions. In the first ones, the
rate of the reaction increases with pressure, while for the second type it decreases when
the pressure increases. For a given combination and the reverse dissociation reaction,

A + B + M ⇀↽ AB + M, (2.35)

the rate law is described by
d[AB]

dt
= k[A][B] , (2.36)

in which the second-order rate constant depends on [M]. The pressure dependence of
the rates of these reactions is described by two limiting situations, the low-pressure and
high-pressure limits. At low pressures (k0), a third-body concentration is needed to
provide enough energy to the collision to make possible the reaction. At high pressure
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(k∞), this contribution is not necessary. Between these two circumstances, there is an
intermediate case, the fall-off region represented by a fall-off expression of k/k∞ as a
function of

k0[M]

k∞

=
[M]

[M]c
, (2.37)

where [M]c is the center of the fall-off curve and indicates the third body concentration
for which the extrapolated k0 would be equal to k/k∞. The dependence of k on [M]
is complicated and has to be analyzed by unimolecular rate theory. For moderately
complex molecules at not too high temperatures the following expression is given [14]:

k =
k0k∞[M]

k0[M] + k∞

F = k0[M]

(

1

1 + [M]/[M]c

)

F = k∞

(

[M]/[M]c
1 + [M]/[M]c

)

F, (2.38)

where F is called the broadening factor. At not too high temperatures, the broadening
factor can be written as

log F =
log Fc

1 +

[

log ([M]/[M]c)

N

]2 (2.39)

where N = 0.75 − 1.27 log Fc. The fall-off curve is characterized by k0, k∞, Fc and [M]c
([M]c = k0/k∞).

Troe (see [15], [16], [17]) estimated the temperature dependence of Fc by the following
equation:

Fc = (1 − a) exp (−T/T ∗∗∗) + a exp (−T/T ∗) + exp (−T ∗∗/T ) . (2.40)

The two first terms are important for atmospheric conditions, but the last term becomes
relevant only at high temperatures.

2.4 Thermodynamic data

The thermochemical properties of chemical species are tabulated as function of temper-
ature. These tables include values of thermodynamic properties based on experimental
data, complemented by theoretical calculations. Thermodynamic tables, such as Stull
and Prophet 1971 (JANAF Tables) [18], Kee et al. 1987 [19], Burcat 1984 [20] etc. are
found in the literature. In this work, most of the thermodynamic data are taken from
a single publication, that prepared for the Sandia CHEMKIN Program [19]. On data
sheets the standard enthalpy and entropy changes at 298 K and the equilibrium constant
as function of the temperature are given for each reaction channel [2]. The equilibrium
constant is expressed in the form

Kc(T ) = AT n exp(B/T ) ,
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2.4 Thermodynamic data

where A, B and n are constants.
Heat capacities expressed as NASA polynomials were used to calculate ∆H0, ∆S0 and

Kc in a temperature range between 300 K and 5000 K. The NASA polynomials have the
form

Cp

R
= a1 + a2T + a3T

2 + a4T
3 + a5T

4 ,

H

RT
= a1 + a2

T

2
+ a3

T 2

3
+ a4

T 3

4
+ a5

T 4

5
+

a6

T
,

S

RT
= a1 ln T + a2T + a3

T 2

2
+ a4

T 3

3
+ a5

T 4

4
+ a7 ,

where a1, a2, . . . , a7 are the numerical coefficients supplied in NASA thermodynamic files.
H in the above equation is defined as

H(T ) = Hf(298 K) + [H(T ) − H(298 K)] , (2.41)

so that, in general, H(T ) is not equal to Hf(T ), and one needs to have the data for the
reference elements to calculate Hf(T ).

The format of the data base containing these information matches the SANDIA data
base and, once generated, did not have to be changed. Examples are shown in the
following:

CH4 121286C 1H 4 G 0300.00 5000.00 1000.00 1

0.01683478E+02 0.10237236E-01-0.03875128E-04 0.06785585E-08-0.04503423E-12 2

-0.10080787E+05 0.09623395E+02 0.07787415E+01 0.01747668E+00-0.02783409E-03 3

0.03049708E-06-0.12239307E-10-0.09825229E+05 0.13722195E+02 4

CO 121286C 1O 1 G 0300.00 5000.00 1000.00 1

0.03025078E+02 0.14426885E-02-0.05630827E-05 0.10185813E-09-0.06910951E-13 2

-0.14268350E+05 0.06108217E+02 0.03262451E+02 0.15119409E-02-0.03881755E-04 3

0.05581944E-07-0.02474951E-10-0.14310539E+05 0.04848897E+02 4

CO2 121286C 1O 2 G 0300.00 5000.00 1000.00 1

0.04453623E+02 0.03140168E-01-0.12784105E-05 0.02393996E-08-0.16690333E-13 2

-0.04896696E+06-0.09553959E+01 0.02275724E+02 0.09922072E-01-0.10409113E-04 3

0.06866686E-07-0.02117280E-10-0.04837314E+06 0.10188488E+02 4
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3 Reaction mechanisms

A reaction mechanism is a complete set of elementary reactions together with their rate
coefficients. Reaction mechanisms describe how a reaction takes place at the molecular
level, which bonds are broken or formed and in which order, and what the relative rates
of the steps are. Therefore, understanding of the properties of reactants and products is
required. Each step of the mechanism involves rearrangement or combinations of molec-
ular species. The interaction of these steps produces the overall balanced stoichiometric
chemical equation of the global reaction. When more than one mechanism is consistent
with the data, new experiments are needed to test their validity and choose between
mechanisms.

3.1 Radical-chain reaction

An important consideration in combustion processes is the formation of radical-chain
reactions. The basic premise of chain reaction mechanisms is that free radicals play a
leading role in the destruction of reactant molecules. Chain branching reactions, if they
occur, take a very important role in the mechanism as they lead to the formation of
increasing concentrations of radicals. Reaction time and temperature have a bearing on
radical concentration, and the type of reaction initiating the consumption of the reac-
tant. Radical-chain reactions can be defined as those reactions in which an intermediate
product produced in one step generates a reactive intermediate species in a subsequent
step, then that intermediate generate another reactive intermediate, and so on [21].

A chain reaction mechanism consists of several steps: initiation, propagation, branch-
ing (not always present), and termination. This can be illustrated, for certain ranges of
temperature and pressure, by some of the reactions in the following hydrogen oxidation
mechanism. The initiation step is responsible for the initial decomposition of the reac-
tants and involves the formation of the radicals. The initiation step is slow and usually
involves thermal or photochemical dissociation of a relatively stable reactant, e.g. in the
hydrogen/oxygen system (see Eq. 3.1).

H2 + O2 → 2OH• . (3.1)

In chain initiation steps, the reactive species (characterized by the dot) are formed from
stable species. In chain propagation steps, the reactive intermediate species react with
stable species forming another reactive species (see Eq. 3.2). These are normally rapid
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steps, and the radicals are known as chain carriers:

H2 + OH• → H• + H2O . (3.2)

In chain-branching steps, the reactive species reacts with a stable species forming two
reactive species (see Eqs. 3.3 and 3.4):

H• + O2 → OH• + O• , (3.3)

O• + H2 → OH• + H• . (3.4)

Reactions (3.2–3.4) lead to an increase in the concentration of H and OH radicals. This
increase in number of chain carriers (the reactive species H, OH, O) may lead to an
explosion. For example, the generation of a flame in combustion is due to branching
reactions predominating over termination, with a large generation of radicals resulting
in the fast decomposition of the fuel. At low pressures, it is found that the reaction is
steady. The branching reactions are slow at low pressures and so, other reactions which
destroy the H atoms (termination reactions) are competitive. The explosive growth of
chain carriers is thus controlled. In chain termination steps, the reactive species react
to stable species (e.g., see Eq. 3.5 at the vessel surface and Eq. 3.6 in the gas phase):

H• → 1/2H2 , (3.5)

H• + O2 + M → HO2 + M . (3.6)

where M is any gas (a third body needed to carry off the excess energy that the newly
formed HO2 molecule has; if this energy is not dissipated, the molecule will fall apart
immediately). The termolecular reaction leading to destruction of H becomes important
as the pressure is raised. At high pressures, Reaction (3.6) removes H atoms and reduces
the rate of chain branching, thus inhibiting the explosion; the result is a steady reaction.

If one sums up the chain propagation and chain branching steps, one can see that in
this mechanism radicals are formed from the reactants [13]. The rates of reactions (3.3)
and (3.4) increase when the pressure is raised (because they depend on [O2] and [H2]).
An explosion can result at the point where the branching reactions overwhelm the ter-
mination reactions.

Propagation steps do not affect the overall radical concentration, since each step in-
volves a radical, a reactant and product. The overall radical concentration is determined
by a balance between the initiation reactions which form them, and the termination re-
actions which remove them. The average number of propagation steps, which occur
between initiation and termination is called the chain length and is determined by the
relative rates of the propagation and termination (or initiation) reactions [22].

These chain reactions have the remarkable property that only a small number of
chain carriers are needed to produce very many product molecules. The chemistry of
the atmosphere and combustion in flames are some examples which involve many such
chain reactions.
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3.2 Analysis of reaction mechanisms

It is known that complete reaction mechanisms for hydrocarbons may consists of thou-
sands of elementary reactions. The rates of the elementary reactions in combustion
processes differ greatly. For many of the elementary reactions, a change in the rate
coefficients has nearly no influence on the output of the system. On the other hand, for
a few of elementary reactions, changes in the rate coefficients have really large effects
on the otcome of the system (rate-limiting reactions). Sensitivity analysis and reaction
flow analysis are two methods which can be used to simplify the reaction mechanism
and to identify the sensitive reaction of a considered mechanism.

3.2.1 Sensitivity analysis

Many researchers have modelled hydrocarbon kinetics and performed sensitivity analysis
to understand the relative importance of reactions in the system, to reduce the number
of reactions in a given problem and to identify the rate limiting reaction steps in the
system.

For a reaction mechanism consisting of R reactions and S species, the rate law can be
written as a system of first order ordinary differential equations:

dci

dt
= Fi (c1, ..., cS; k1, ..., kR) , ci (t = t0) = c0

i , i = 1, 2, ..., S. (3.7)

The species concentrations, ci, are the dependent variables, while time t is the indepen-
dent variable, kR are the parameters of the system and c0

i are the initial concentrations.
The solution of Eq. (3.7) depends on the initial conditions and parameters. The

sensitivity is defined as the dependence of the solution ci on the parameters kR. The
absolute sensitivity is defined as

Ei,r =
∂ci

∂kr

. (3.8)

The relative sensitivity is defined as

Erel
i,r =

kr

ci

∂ci

∂kr

. (3.9)

The results of the computation of sensitivity coefficients give the partial derivative of
the concentration [B] with respect to the rate coefficients:

EB,k1
(t) =

∂[B]

∂k1

= [A]0
k2

(k1 − k2)
2 {(k2t − k1t − 1) exp(−k1t) + exp(−k2t)} ,

EB,k2
(t) =

∂[B]

∂k2
= [A]0

k1

(k1 − k2)
2 {exp(−k1t) + (k1t − k2t − 1) exp(−k2t)} .
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The relative sensitivities are computed according to Eq. (3.9) [12] as

Erel
B,k1

(t) =
k1

[B]
EB,k1

(t) , (3.10a)

Erel
B,k2

(t) =
k2

[B]
EB,k2

(t) . (3.10b)

The relative sensitivity coefficients for a simple reaction sequence can be plotted against
time. The concentration of the product [B] is dimensionless, k1 = τ−1, k2 = 100τ−1 and
[A]0 = 1 (τ is the lifetime; see Fig. 3.1).

The sensitivity analysis (see Fig. 3.2) shows a high sensitivity in case of the H+O2 →
O+OH reaction (the rate-limiting reaction) and a low sensitivity for O+OH → H+O2

reaction, the fast reaction (not rate-limiting).
Sensitivity analysis is done numerically by generating a differential equation system

for the sensitivity coefficients by formally differentiating (Eq. 3.7),

∂

∂kr

(

∂ci

∂t

)

=
∂

∂kr

Fi (c1, ..., cs; k1, ..., kR) (3.11)

∂

∂t

(

∂ci

∂kr

)

=

(

∂Fi

∂kr

)

cl,kl6=r

+

S
∑

i=1

{

(

∂Fi

∂cn

)

cl6=n,kl

(

∂cn

∂kr

)

kl6=j

}

(3.12)
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Figure 3.1: Behavior of the relative sensitivity coefficients for a reaction of the A
k1−→ I

k2−→ B
type [12].
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C2H4 + M → H2 + C2H2 + M

CH4 + M → H + CH3 + M

O + CH3 → H + CH2O

CHO + O2 → HO2 + CO

CHO + M → H + CO + M

H + CO2 → OH + CO

OH + CO → H + CO2

OH + H2O2 → HO2 + H2O

OH + C2H2 → C2H + H2O

O + H2O → OH + OH

OH + OH → O + H2O

H + H2O → OH + H2

OH + H2 → H + H2O

O + OH → H + O2

H + O2 → O + OH

 

 

 

Lean flame

Stoich. flame

Rich flame

−0.2 0.0 0.2 0.4

Figure 3.2: Sensitivity analysis for premixed stoichiometric propane flame in air at 1 bar and
298K unburnt gas temperature.

∂

∂t
Ei,r =

(

∂Fi

∂kr

)

cl,kl6=r

+

S
∑

i=1

{

(

∂Fi

∂cn

)

cl6=n,kl

En,r

}

. (3.13)

In these equations, cl after the partial derivatives means that all cl are held constant
during the differentiation, and cl 6=n after the partial derivatives means that all cl are
held constant, except cn. This system of linear differential equations can be numerically
solved, software packages being available (see [23–25]).

The rate coefficients of elementary reactions with high sensitivities have to be well
known, because they have a great influence on the results of the mathematical modelling.
If reactions have low sensitivities, only approximate values for the rate coefficients have to
be known. Thus, sensitivity analysis reveals a few of the many elementary reaction rates,
which require accurate determination, usually through experimental measurement [13].

3.2.2 Reaction flow analysis

Reaction flow analysis is performed in order to identify the important chemical pathways
over a wide range of conditions and it shows the percentage of the contribution of different
reactions r (r = 1, . . . , R) to the formation or consumption of the chemical species s
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Reaction
Number

Chemical Species

1 2 3 · · · S − 1 S

1 31.0% 2.2% 0% · · · 0% 0%

2 0.1% 0% 0% · · · 0% 0%

3 2.9% 5.0% 0% · · · 80.0% 5.0%

4 0% 0% 2.0% · · · 20.0% 92.0%
...

...
...

... · · ·
...

...

R − 1 66.0% 90.4% 98.0% · · · 0% 3.0%

R 0% 2.4% 0% · · · 0% 0%

Table 3.1: Schematic illustration of the output of reaction flow analysis.

(s = 1, . . . , S) as shown on Table 3.1.

Figure 3.3: Integral reaction flow analysis in a premixed stoichiometric CH4/air flame at
p = 1bar and Tu = 298K [12].
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It can be seen that 31.0% of the formation of Species 1 can be attributed to Reaction 1,
0.1% to Reaction 2, 2.9% to Reaction 3, and 66% to Reaction R−1. The percentages in
the columns have to add to 100%. After obtaining the percentage output of all the species
for each reaction, integral and local reaction flow analysis can be performed. Integral
reaction flow analysis takes into account the overall formation or consumption of species.
Local reaction flow analysis considers the formation or consumption of species locally
at specific times in time-dependent problems (e.g., ignition processes) or at specific
locations in steady processes (e.g., flat flame). An example of a reaction flow diagram
is shown on Fig. 3.3, [12].
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The time-dependent process of starting with reactants and evolving in time towards
a steadily burning flame is called ignition [13]. Example of ignition processes include
induced ignition (such as occurs in gasoline engines induced by a spark), autoignition
(such as occurs in Diesel engines), and photo-ignition (caused by photolytic generation
of radicals).

4.1 Ignition limits

Experimentally, it was observed that a pressure vessel containing hydrogen and oxygen
under certain conditions of temperature and pressure can explode. The explosion is ob-
served after an ignition-delay time (or induction time). The existence of explosion limits
in a closed vessel can be understood from qualitative considerations of competition be-
tween chain-terminating and chain-branching reactions on surfaces and in the gas phase.
Typical experimentally determined explosion limits for hydrocarbons are illustrated on
the schematic p-T explosion diagram in Fig. 4.1. At low pressures, ignition does not
take place, but a slow reaction continues. The lower explosion limit is determined by a
balance between the removal of chain carriers (radicals) by gas-phase reactions. In this
low-pressure range, the number of collisions and the rate of production of chain carriers
are both low. As the pressure is raised above a certain value (first ignition limit), the
rate of production of chain carriers by gas-phase reactions increases, and a spontaneous
ignition is observed. Then, the reaction is slow and, again, one does not observe the
ignition.

The second explosion limit is governed by the competition of chain branching and
chain termination in the gas phase. The existence of the second explosion limit can
be explained also if the three-body reactions are added to the scheme (recombination
reactions). Thus, there is a particular pressure level above which the rate of removal of
free radicals exceeds the rate of formation of free radicals by chain-branching reactions.
This explains the existence of the second explosion limit.

At some pressure level above the second explosion limit, there is a rapid increase in the
number of radicals and the third explosion (thermal explosion) limit can be observed.
This third explosion limit is governed by the competition of heat production by chemical
reactions and heat losses to the vessel wall (see Warnatz et al. 2006 [13]). Regions can
be found where ignition takes place after the emission of short light pulses (multistage
ignition) or where combustion takes place at low temperatures (cool flames).

35



4 Ignition processes

Figure 4.1: Schematic illustration of ignition limits for hydrocarbons (see Warnatz 1981 [26])
[13].

4.2 Ignition-delay time

It is widely recognized that ignition of a fuel-air mixture comprises a series of overlapping
physical and chemical processes which have characteristic times that combine to form an
overall induction or ignition delay time. During ignition, there is a rapid depletion of the
primary fuel, very high radical concentrations, and an exponential rise in temperature
and pressure. The ignition delay time can be defined as the period between the creation
of a combustible mixture, as by injection of fuel into an oxidizing environment, and the
onset of the rapid reaction phase leading to the rise in temperature and pressure.

The ignition delay time is a measurable quantity. Measurement of the dependence
of the ignition delay time on temperature, pressure and reactant composition provides
a powerful tool for modelling and understanding the combustion mechanism of a given
fuel. Over the years, a wide variety of experimental techniques has been used to mea-
sure ignition delay-times of fuels, including constant-volume bombs, continuous-flow test
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apparatus, and shock tubes.

4.2.1 Continuous-flow devices

In a continuous flow device, fuel is injected into a flowing air stream at high temperature,
and the combustible mixture ignites at some distance downstream of the fuel injection
location, depending upon the velocity of the flow. The procedure to acquire ignition
delay data consists of first establishing a prescribed condition within the test duct re-
garding pressure, composition and flow rates of reactants. Then, the inlet air (or/and
fuel) temperature is increased (or decreased) until autoignition of the fuel-air mixture
occurs within or at the exit of the duct. The occurrence of autoignition is determined
by observance of a visible flame and a rapid increase in temperature at the flame front
location. Ignition delay times are calculated from the known length of the duct, defined
as the distance between the injector and flame front location, and the mean free stream
flow velocity.

Continuous-flow devices for ignition studies permit ample time for measuring and
regulating the variables of interest (e.g., temperature, pressure, stoichiometry). They
have a limitation in the maximum level of air temperature which they provide (up to
1000 K), limitation given by their use of electrical resistance-type air heaters. Conse-
quently, as will be discussed subsequently, the shock tube techniques have a larger range
of operating conditions.

4.2.2 Shock tube technique

Many measurements of the ignition delay time are carried out in shock tubes. Kineticists
all over the world use the shock tube as a high-temperature-wave reactor for obtaining
rate-coefficient data under diffusion-free conditions because it provides a nearly one-
dimensional flow with practically instantaneous heating of reactants.

The gas-phase homogeneous kinetic experiments carried out in the shock wave reactor
are characterized by

• high dilution of the reactants by an inert gas (usually argon),

• high sensitivity of the diagnostic techniques employed to monitor species.

In its simplest form, the shock tube consists of a uniform cross-section tube divided
into a driver and a driven section separated by a diaphragm [27]. The driven section
contains the test gas at low pressure; this is the gas whose physical or chemical pro-
cesses at high temperature are to be studied. The pressure of the low-molecular-weight
gas (hydrogen or helium) in the driver section is increased until the diaphragm burst
propagating a shock wave down the tube (driven section) and instantaneously heating
the gas. Simultaneously, another shock wave travels in the opposite direction trough
the driver section; it is reflected at the end boundary wall of the tube, thus additionally
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Figure 4.2: Shock tube apparatus.

increasing the temperature and pressure. A schematic illustration of the shock tube it
is presented in Fig. 4.2.

Both incident and reflected waves can be used to create test conditions suitable for
autoignition studies [28]. The reflected shock technique has been widely used to eluci-
date the mechanisms and kinetics of methane oxidation reactions. The reflected shock
technique has three advantages over the incident shock one:

1. It produces higher temperature.

2. It eliminates spurious ignition caused by diaphragm bursting.

3. It creates an essentially quiescent gas behind the reflected wave.

The incident shock technique suffers from a physical limitation. Shocks strong enough
to ignite the fuel mixture can be accelerated by the strong density gradients behind the
wave. This phenomenon increases the shock strength along the length of the tube and
can lead to detonation.

In thermal ignition processes the temperature increases at once. In explosions of
hydrogen or hydrocarbon-air mixtures it is observed that the temperature increases
and the explosion takes place after a period of time (ignition-delay time), see Fig. 4.3.
According to Warnatz, the delay is characteristic for radical-chain explosions [13].

During the ignition-delay period, the radical-pool population is increasing at an expo-
nential rate. Yet, the amount of fuel consumed, and hence the amount of energy eliber-
ated, is too small to be detected. Thus, important chemical reactions (chain branching,
formation of radicals) take place during the induction time, whereas the temperature
remains nearly constant, [13].
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Figure 4.3: Simplified time behavior of thermal (left) and chain-branching explosion (right) in
an adiabatic system [13].

Finally, the radical pool becomes large enough to consume a significant fraction of the
fuel, and rapid ignition will take place.

The accuracy of the shock tube data depends on the exact measurement of the shock
velocity. This is usually determined by measuring the time taken for the shock wave
to travel between four or more points separated by a known distance along the length
of the tube and taking the average value. The arrival of the shock front is detected by
pressure transducers and the time intervals are recorded by an electric timer.

A more sensitive technique for measuring the ignition delay time consists of monitoring
of the emission of electronically excited hydroxyl radicals formed during the induction
period. Ignition delay times are determined by measuring the time between the arrival
of the reflected shock wave and the initial rapid rise of OH emission. Ideal ignition
experiments should be independent of the test configuration and free of surface effects.
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5 Laminar flames

5.1 General characteristics

While the basis of combustion relies on exothermic chemical reactions, the physical
processes involved in combustion are mainly energy and mass transport, heat diffusion,
chemical species diffusion, convection and radiation. The combustion reaction appears
when the fuel and the oxidizer (in most cases air) are mixed and burned.

On the basis of their main features, flames are classified in two categories:

1. In premixed flames, the fuel and oxidizer mix before combustion takes place, see
Fig. 5.1.

2. In nonpremixed flames, the fuel and oxidizer burn as they mix.

Premixed and nonpremixed flames are subdivided in laminar and turbulent flames, de-
pending on the laminar or turbulent character of the fluid flow. Examples of non-
premixed laminar flames are candles and wood fire. Nonpremixed turbulent combustion
takes place in aircraft turbine engines, Diesel engines and H2/O2 rocket motors. Spark-
ignited gasoline engines are typical applications of premixed turbulent combustion. This
thesis focuses on laminar premixed one-dimensional flat flames.

Premixed flames occur when the fuel and oxidizer are homogeneously mixed prior to
ignition. A typical example of premixed laminar flame is the Bunsen burner [12], where
the air enters the fuel stream and the mixture burns in the wake of the riser tube walls
forming a nicely stable flame.

Premixed laminar flames are characterized by an equivalence ratio, φ. The equivalence
ratio is defined as the ratio of the actual fuel-oxidant ratio to the ratio for a stoichiometric
process. Physically, a stoichiometric reaction can be considered as a unique reaction in
which the oxidizer is present in just the right amount required to completely burn the
quantity of fuel in the system. If the fuel and oxidizer consume each other completely
forming only carbon dioxide and water, then φ = 1, and the flame is called stoichiometric.
If there is an excess of oxidizer, the system is called fuel-lean (φ < 1); if there is
an excess of fuel, the system is called fuel-rich (φ > 1). If combustion is rich, then
fuel fragments may collide to form larger hydrocarbons. This process leads to soot,
which are agglomerated solid particles. In a hot flame, soot radiates intensely, giving
rich flames their characteristic yellow color. Premixed flames have many advantages in
terms of control of temperatures and products and pollution concentration. However,
they introduce also some dangers, of which autoignition is an example.
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Figure 5.1: Premixed laminar flame (left) and Bunsen Flame (right), [13]

5.2 Flame structures

In this research, an insight into the high-temperature reaction mechanism governing
flame propagation is provided by calculations for CH4, C2H6, C3H8, and C4H10 flames
based on the reaction mechanism shown in Table 1. These calculations show a very
simple result, which can be extended to higher alkanes (see Fig. 5.2). After initial attack
on the alkane by H, O, and OH, thermal decomposition proves to be the only relevant
high temperature reaction of the higher alkyl radicals. Other reactions are completely
unimportant for propyl and the higher alkyl radicals. Thus, fast alkyl radical pyrolysis
reduces the problem of alkane oxidation to that of the oxidation of methyl and ethyl
radicals, which is relatively well understood [29].

An example of a premixed flame is given by the combustion of propane-oxygen mix-
ture. Fig. 5.3 shows the structure of a propane-oxygen flame, which is diluted with
argon in order to reduce the temperature, at p = 100 mbar [30]. The concentration pro-
files have been determined by mass spectroscopy (except for OH, which is measured by
UV-light absorption), the temperature is measured by Na-D-line reversal (see Warnatz
et al. 2006 [13] for more details).

5.3 Flame velocity

Calculations of freely propagating one-dimensional flames have been extensively per-
formed in the study of chemical kinetics. The pioneering works of Warnatz [31–33], West-
brook and Dryer [34–36], Miller et al. [37–39], Dixon-Lewis [40, 41], and Coffee [42–44]
have established the viability of using the structure and propagation speed of the one-
dimensional, planar, adiabatic premixed flame for the study of flame kinetics. Further-
more, due to its importance to many combustion applications, the laminar flame speed
is one of the parameters that are essential to combustion designs. The flame velocity

42



5.3 Flame velocity

alkane

+ HO2, H, O, OH − H2O2, H2, OH, H2O

alkyl
+O2−−−−−−−−→
−HO2

alkene

+ M − alkene

smaller
alkyl

+O2−−−−−−−−→
−HO2

alkene

etc.

CH3, C2H5

Figure 5.2: Mechanism of alkane oxidation via initial H-atom abstraction, subsequent alkyl
radical decomposition, and oxidation of CH3 and C2H5.(cf. Warnatz 1981 [29].)

is a vital characteristic of combustion of a fuel. The speed at which a laminar flame
propagates through a premixture of fuel and air in theory is dominated by combustion
chemistry (in particular the activation energy of reaction). In practice this is not en-
tirely true since surfaces have a profound effect acting as heat sinks but also soaking up
radicals and terminating the reaction.

The laminar flame speed is an experimentally determined property characterizing the
propagation velocity of the flame normal to the flame front into the reactants under
laminar flow conditions.

The laminar flame speed depends strongly on the composition, temperature, and
pressure of the unburnt mixture. If the flame velocity of a flat flame, vL, is less then the
velocity of the unburnt gases, vu, the flames blows off. Therefore, the inequality vL > vu

is necessary for a flat flame. In case of a premixed Bunsen flame attached to the exit of
a round pipe, the flame front is approximately flat. It follows (see 5.1) that

vL = vu sin θ . (5.1)

Thus, a measurement of θ and of the inlet gas velocity vu will lead to a measure of
vL [13].

There are three methods for the measurement of laminar flame speed:
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Figure 5.3: Structure of a laminar premixed C3H8-O2 flame diluted with Ar at p =
100mbar( [13]).

1. Propagation in a tube.

2. Measurement of the growth of a spherical flame kernel in a bomb.

3. Measurement of the cone angle of a Bunsen flame.

Method 1 has a disadvantage: Unless the tube is large, surface effects will affect the
result. Calculations of burning velocity are difficult because of internal effects. The
burning velocity increases with pressure and reactants temperature.

5.4 Mathematical modelling of premixed laminar flat

flames

High-temperature oxidation or combustion of hydrocarbons is very complicated as it is
governed by energy and mass transfer as well as chemical kinetics and thermodynamics.
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Figure 5.4: Laminar premixed flat flame on a flat burner [13].

Flames result from a complicated interaction of flow, heat conduction, diffusion and
chemical reaction; the use of simple flow conditions and simple flame geometries is
advisable for their study. A schematic illustration of a laminar premixed flame is shown
in Fig. 5.4. This figure shows the burner through which premixed fuel and air flow. The
gases emerge from the disk and flow into flame. If one assumes that the burner diameter
is large enough, effects at the edge of the burner can be neglected as an approximation.
The flat flame front can be observed within the edges (see [13]). The properties in this
flame (e.g., temperature and gas composition) depend on the distance from the burner.

In the formulation of the conservation equations for a laminar one-dimensional flat
flame, the following assumptions are made [45–47]:

1. The ideal gas law is valid (p = cRT ).

2. External forces are negligible.

3. The mean free path of the molecules is small compared to the flame thickness,
therefore the system can be considered to be continuous.

4. The flame burns at constant pressure.

5. The kinetic energy of the gas flow can be neglected.

6. The reciprocal thermo-diffusion (Dufour) effect can be neglected.

7. Heat flux caused by radiation of gases and particles can be neglected.

8. The system is in local thermal equilibrium.

9. The flame is stationary, i.e., there are no temporal changes.

It is also assumed that the pressure is constant and no momentum equation has to be
solved.
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5.4.1 General conservation law

The general conservation equation used to derive the conservation equation of mass for
the individual species and for the total mass, enthalpy and specific energy of the mixture
is

∂D

∂t
+

∂F

∂z
= Q, (5.2)

where z is a distance normal to the front flame, t is the time, D is the density of the
conserved variable, F is the flux density of the conserved variable and Q is the source (or
sink) of the conserved variable. Eq. (5.2) is a statement of the fact that accumulation
can be accomplished by influx (or outflux) and by a source (or sink) [12].

5.4.2 The continuity equation

The continuity equation is also called the mass equation and states that, in chemical
reactions, mass can neither be created or destroyed. Thus, the source term in the mass
equation is zero. In the conservation equation of total mass, the density D in Eq. (5.2)
is given by the total mass density, ρ, (in kg/m3). The flux, F , is given as the product
of density and flow velocity, (in kg m−2 s−1).

The continuity equation for a one-dimensional system is:

∂ρ

∂t
+

∂(ρv)

∂z
= 0 . (5.3)

5.4.3 The species conservation equation

The source term of the species conservation equation describes the formation or con-
sumption of species i in chemical reactions. The term is written as

Q = Mi

∂ci

∂t
= ri ,

where Mi is the molar mass of species i in kg/mole, ∂ci/∂t is the chemical rate of
production of species i in chemical reactions, in molem−3 s−1 and, ri is the chemical
rate of production, in kgm−3 s−1.

The density, D, is given by the partial density, ρi, of species i. The partial density is
defined as the mass of species i per unit volume:

ρi =
mi

V
=

(mi

m

)(m

V

)

= wiρ .

The flux, F , is given by

F = ρivi = wiρivi ,
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where vi is the flow velocity of species i. The flux units are kg m−2 s−1. Inserting these
terms in Eq. (5.2), the following equation is obtained:

∂(ρwi)

∂t
+

∂(ρwivi)

∂z
= ri. (5.4)

The flow velocity of the species i can be written as

vi = v + Vi , (5.5)

where v is the flow velocity (or mean mass velocity) and Vi is the molecular diffusion ve-
locity associated with molecular transport (due to concentration gradients of the species
i). After some manipulations of the equations, the result is

wi

∂ρ

∂t
+ ρ

∂wi

∂t
+ ρv

∂wi

∂z
+ wi

∂(ρv)

∂z
+

∂ji

∂z
= ri , (5.6)

where ji is called the diffusion flux of species i:

ji = ρwiVi = ρiVi . (5.7)

From Eq. (5.3) and (5.7), the species mass conservation equation is obtained:

ρ
∂wi

∂t
+ ρv

∂wi

∂z
+

∂ji

∂z
= ri . (5.8)

5.4.4 The enthalpy equation

If we recall Eq. (5.2), the terms are given by

D =
∑

i

ρihi =
∑

i

ρwihi

F =
∑

i

ρivihi + jq =
∑

i

ρviwihi + jq

and Q = 0 (energy conservation).
In these equations, hi is the specific enthalpy of species i (in J/ kg) and jq is the heat

flux caused by energy transport (due to temperature gradients). The term
∑

i ρivihi

describes the change of enthalpy due to the flow of chemical species. The flow of the
species, vi, is written as the sum of the mass velocity and the diffusion velocity, Vi:

vi = v + Vi .

Substituting the terms in Eq. (5.2), the energy equation formulated in terms of enthalpy
is obtained:

∑

i

∂

∂z
(ρvwihi) +

∑

i

∂

∂z
(ρViwihi) +

∂jq

∂z
+

∑

i

∂

∂t
(ρwihi) = 0 . (5.9)

These conservation equations form a system of differential equations, which are solved
by numerical methods.
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5.5 Heat and mass transport

Empirical observations show that heat conduction is characterized by heat transport due
to temperature gradients. Fourier’s law is an empirical law based on observation and
states that the heat flux density, jq, is proportional to the temperature gradient. For
the heat flux density, jq, the law can be written in the form

jq = −λ
∂T

∂z
, (5.10)

where jq is given in units of J/ m2 s, and λ is the heat conductivity of the mixture in
units of J/ Kms.

Diffusion in gases is characterized by mass transport due to concentration gradients.
Mass flux, ji, can be written in an extended form of Fick’s law,

ji =
c2

ρ
Mi

∑

j

MjDij

∂xj

∂z
−

DT
i

T

∂T

∂z
, (5.11)

where ji is given in units of kg/ m2 s, c is the molar concentration in mole/m3, Dij are
the multicomponent diffusion coefficients, in units of m2/ s, xj are the mole fractions,
and DT

i is the thermal diffusion coefficient of species i, in units of kg/ ms. Thermal
diffusion is also called the Soret effect and is characterized by species transport due to
the temperature gradient. Eq. (5.11) can be written in a simplified form,

ji = −DM
i ρ

wi

xi

∂xi

∂z
−

DT
i

T

∂T

∂z
, (5.12)

where DM
i is the diffusion coefficient for species i into the mixture of the other species.

48



6 Computer modelling

One of the many challenges in combustion science is to develop the understanding of the
pathways of formation of exhaust gases. Combustion phenomena are characterized by
chemical and physical processes. Knowledge of chemical kinetics is essential to under-
stand these processes in detail. This knowledge can be applied to formulate strategies
to reduce the formation of pollutants. Development of detailed kinetic mechanisms is
critical because they can be dynamically reduced and subsequently used in engineering
applications such as Diesel engine simulations [48].

Over the last decade, numerical modelling has gained in importance, development and
modelling of detailed chemical reaction schemes being vital in understanding the nature
of combustion. Due to increased computer performance, numerical computations can be
applied at an acceptable cost. On the other hand, the experiments are still expensive
and very time-consuming. However, since numerical models need to be validated with
experimental data, they can never fully replace the experimental studies. As a result of
consistent pursuit of mechanism development over several decades, detailed mechanisms
with hundreds of elementary reactions and species are now available for the combustion
of alkanes. The detailed reaction mechanisms describe how a reaction takes place at the
molecular level, which bonds are broken or formed and in which order, and what the
relative rates of the steps are. Therefore, the understanding of properties of reactants
and products is necessary. The requirements for a valid mechanism are: Its result
must equal the overall balanced equation, its predictions of intermediates must not be
contrary to the experimental observations and its predicted rate law must agree with
the experimental data. When more then one mechanism is consistent with the data,
new experiments are needed to test their validity and choose between mechanisms.

The chemical reaction scheme presented in this work was developed on the basis of
a previously available one [49] and includes the oxidation reactions of high-temperature
combustion of H2, CO, CH4, C2H6, C3H8 and C4H10. The mechanism consists of 412
elementary reactions (without counting the duplicate reactions) or 782 forward and
backward reactions of 61 species and is based on a rate-data compilation by Baulch et
al.(2005) [2]. It is documented by Heghes et al. (2005) [3] and Warnatz and Heghes
(2006) [4]. The approximate temperature range is from 900 K to 2500 K. Rate coefficients
are given in the three-parameter form

k = A(T/K)b exp(−Ea/RT ), (6.1)

where A is the preexponential factor in units of cm3 molecule−1 s−1, b is the dimension-
less temperature exponent and Ea is the activation energy in kJ/ mol (R = 8.314 ×
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10−3 kJ/ mol. K). For pressure-dependent reactions, values of the rate coefficients are
calculated according to the modified Lindemann-Hinshelwood formalism proposed by
Troe [16, 50]. In some cases, only the low-pressure limit rate coefficient k0 is available,
and collision efficiencies have been reported relative to H2 [51]:

H2 O2 N2 H2O CO CO2 CH4 Ar He
1.0 0.4 0.4 6.5 0.75 1.5 3.0 0.35 0.35

The rate coefficients of the reactions exhibiting high sensitivity are thought to strongly
influence the modelling of the combustion processes. To reduce significantly the discrep-
ancy between simulations and experiments, the rate coefficients may have been slightly
changed, but always within the estimated uncertainty.

Thermochemical properties of the species are tabulated as a function of temperature.
These tables includes values of thermodynamic properties based on the experimental
data, also complemented by theoretical calculations. In this work, most of thermody-
namic data is taken from a single publication, the one describing the Sandia Chemkin
code [19] which is based mainly on the JANAF tables [18]. Thermochemical data not
listed there were taken from Benson 1976 [52].

For each development step of the mechanism and for each fuel considered, premixed
laminar flames have been calculated, as well as ignition-delay times, and compared with
experiments for the largest possible condition range (initial temperature, pressure, equiv-
alence ratio). Calculations of flame velocities and ignition-delay times are performed to
test the validity of the developed mechanism. The steps used for validating the mecha-
nism are shown in a general structure in Fig. 6.1. Measurements of ignition-delay times

Figure 6.1: General structure of the modelling process.
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are made behind reflected shock waves by observing the time delay in the onset of emis-
sion from excited hydroxyl radicals. Measurements of flame velocities are studied in the
laboratory mainly in burner-stabilized flames.

Sensitivity analyses have been performed in order to identify the rate-limiting reactions
and to understand the behavior of the chemical system under different conditions. The
rates of elementary reactions in combustion processes differ greatly. Some reactions are
so fast (and therefore not rate-limiting) that the accuracy of the rate coefficients only has
a minor influence on the results of the mathematical modelling. For sensitive reactions,
on the other side, rate coefficients values must be well known.

Furthermore, reaction flow analyses have been conducted to elucidate the important
chemical pathways over a wide range of conditions. Integral flow analysis gives the
percentage contributions of different reactions to the formation (or consumption) of
chemical species.

In the majority of reactions, the recommended Arrhenius parameters by Baulch et al.
2005 [2] were used. Nevertheless, to obtain a better agreement between simulations and
experiments, for a small number of reactions the recommended values had to be varied
within the limits of experimental error of these reactions, depending on the positive or
negative sensitivity of the reaction. In the case of ignition, the positive sensitivity has
the meaning of OH radicals formation. For example, if we want to increase the calculated
ignition-delay time in order to obtain a better agreement with experimental data, we
need to decrease the values of the rate coefficients for the reactions showing a positive
sensitivity, and vice-versa. Regarding the flame velocity, positive sensitivity indicates
the formation of H atoms. If we want to increase the calculated flame velocity in order
to obtain a better agreement with the experiments, we have to increase the values of
the rate coefficients for the reactions showing a positive sensitivity and vice-versa. The
rate coefficients for the following reactions have been slightly modified within the error
limits:

HCCO + O → CO + CO + H (6.2)

C2H + O2 → HCCO + O (6.3)

C2H + O2 → CO2 + CH (6.4)

C2H2 + O → 3CH2 + CO (6.5)

C2H2 + H → C2H + H2 (6.6)

C2H2 + OH → H2O + C2H (6.7)

C2H3 + O2 → CH2O + CHO (6.8)

C2H3 + M(1) → C2H2 + H + M(1) (6.9)

C2H4 + M(1) → C2H2 + H2 + M(1) (6.10)

C2H4 + OH → C2H3 + H2O (6.11)

C2H5 + O2 → C2H4 + HO2 (6.12)
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C2H5 + M(1) → C2H4 + H + M(1) (6.13)

C2H5OH + OH → CH3CHOH + H2O (6.14)

C2H5OH + OH → CH2CH2OH + H2O (6.15)

The values of their parameters can be seen in Table A.1 of Appendix A.
The value of the rate coefficient of Reaction (6.2) is recommended by Baulch et al.

2005 [2] and is based on the studies of Vinckier et al. [53] and Frank et al. [54]:

k = 1.6 × 10−10 cm3 molecule−1 s−1 , (6.16)

over the range 280 K-2500 K, where A = 9.636 × 1013 cm3 mol−1 s−1, n = 0 and Ea =
0.0 kJmol−1. The reliability is given by ∆ log k = ±0.2 over the range 280 K-2500 K. The
value of the rate coefficient considered in our mechanism (A = 1.53×1014 cm3 mol−1 s−1,
n = 0 and Ea = 0.0 kJmol−1) was obtained by modifying the recommended value of the
rate coefficient within the error limit (increasing it within the maximum error limit).

Unfortunately, for Reactions (6.3) and (6.4) only few data are available at high tem-
peratures. The preferred value of the rate coefficient given by Baulch et al. 2005 [2] is
obtained from a fit to the data of Lander et al. [55], Opansky et al. [56], Van Look and
Peeters [57], Thiesmann and Taatjes [58], Chastaing et al. [59] and Vakhtin et al. [60]
which are in excellent agreement over the range 150 K-700 K,

k = 2.7 × 10−10T−0.35 cm3 molecule−1 s−1 , (6.17)

over the range 200-1500 K. The reliability is given by ∆ log k = ±0.2 at 200 K, rising to
±0.3 at 1500 K. No branching ratio is known. In order to get a better agreement be-
tween simulations and experimental data, we attributed a higher importance for the Re-
action (6.3) (k(6.3) : k(6.4) = 9 : 1). The new value of the rate coefficients are obtained by
increasing the value of the recommended rate coefficient within the maximum error limit.
For Reaction (6.3), A = 3.25 × 1014 cm3 mol−1 s−1, n = −0.35 and Ea = 0.0 kJ mol−1.
For Reaction (6.4), A = 2.92 × 1015 cm3 mol−1 s−1, n = −0.35 and Ea = 0.0 kJ mol−1.
However more studies are required before any recommendations can be made.

For Reaction (6.5), the rate coefficient is well defined over a wide range of tempera-
tures. The expression of k recommended by Baulch et al. 2005 [2] is:

k = 0.39 × 10−15T 1.40 exp(−1110/T ) cm3 molecule−1 s−1 , (6.18)

over the range 200 K-2500 K. The reliability is given by ∆ log k = ±0.2 over the range
200 K-2000 K, rising to ±0.3 at 2500 K. The Arrhenius diagram drawn by Baulch et
al. 2005 [2] shows a number of studies ( [61–72]) which are in a good agreement with
their preferred expression. The branching ratio of the Reaction (6.5) is k1/k = 0.2.
The new value of the rate coefficient (A = 1.48 × 108 cm3 mol−1 s−1, n = 1.4 and Ea =
9.23 kJmol−1) was obtained by modifying the recommended value of the rate coefficient
within the error limit (decreasing it within the error limit).
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The recommended expression of Baulch et al. 2005 [2] of k for Reaction (6.6) is:

k = 1.67 × 10−14T 1.64 exp(−15250/T ) cm3 molecule−1 s−1 , (6.19)

over the range 300 K-3000 K. The reliability is given by ∆ log k = ±0.2 at 300 K,
rising to ±0.7 at 3000 K. The rate coefficient taken in our mechanism (A = 2.01 ×
109 cm3 mol−1 s−1, n = 1.64 and Ea = 126.79 kJmol−1) is obtained by decreasing the
recommended value within the maximum error limit.

The mechanism of the Reaction (6.7) was discussed in detail by Miller and Melius [73],
based on ab initio calculations. At high temperatures, the reaction proceeds to HOC2H+
H, CH2CO+H, CH3+CO and C2H+H2O. Miller and Melius [73] provide rate parameters
for each of the channels, their overall rate being in a good agreement with the expression
recommended by Baulch et al. 2005 [2]. The channel leading to CH3 + CO is of low
efficiency over the whole range. The channel discussed here (C2H+H2O) is considered to
be predominant (82% at 2000 K). The recommended expression of Baulch et al. 2005 [2]
for k is:

k = 1.3 × 10−10 exp(−6800/T ) cm3 molecule−1 s−1 , (6.20)

over the range 1000 K-2000 K. The reliability is given by ∆ log k = ±0.5 at 1000 K,
rising to ±1. at 2000 K. The new value of the rate coefficient taken in our mechanism
(A = 6.42 × 1014 cm3 mol−1 s−1, n = 0 and Ea = 56.54 kJmol−1) is obtained increasing
the recommended rate within the maximum error limit.

The rate coefficient of the Reaction (6.8) has the following expression:

k = 6.4 × 10−12 exp(120/T ) cm3 molecule−1 s−1 (6.21)

over the range 290 K-900 K. The reliability is given by ∆ log k = ±0.1 at 290 K, rising
to ±0.3 at 900 K. The experimental studies of Marinov and Malte [74] and Hidaka et
al. [75] and the theoretical studies of Bozzelli and Dean [76](using RRK theory) and
Mebel et al. [77](using ab initio methods and RRKM calculations) are compatible with
the preferred expression of Baulch et al. 2005 [2]. The new rate coefficient taken in our
mechanism (A = 7.71 × 1012 cm3 mol−1 s−1, n = 0 and Ea = −1.0 kJ mol−1) is obtained
by increasing its value within the maximum error limit.

For Reaction (6.9), Baulch et al. 2005 [2] take the recent values of Knyazev and
Slagle [78] which are consistent with the data of Payne and Stief [79], Keil et al. [80],
Ellul et al. [81], and Gordon et al. [82,83] for the reverse recombination reaction. The Fc

valued are from Reference [78]. The rate coefficient expressions recommended by Baulch
et al. 2005 [2] are:

k0 = 4.3 × 103T−3.4 exp(−18020/T ), M = N2, cm3 molecule−1 s−1 (6.22)

k∞ = 3.9 × 108T 1.62 exp(−18650/T ), s−1 (6.23)

Fc = 0.35, M = N2. (6.24)

53



6 Computer modelling

The reliabilities are given by ∆ log k0 = ±0.3 for M = N2 over the range 200 K-2000 K
and ∆ log k∞ = ±0.3 over the range 200 K-2000 K. The new rate coefficients value taken
in our mechanism (see Appendix) are modified for both, k0 and k∞ within the maximum
error limit (for k0, A = 3.24 × 1027 cm3 mol−1 s−1, n = −3.4 and Ea = 149.82 kJmol−1;
for k∞, A = 7.8 × 108 cm3 mol−1 s−1, n = 1.62 and Ea = 155.06 kJmol−1).

For Reaction (6.10), the rate data recommended by Baulch et al. 2005 [2] are based
on an average of data reported by Roth and Just [84], Just et al. [85], Tanzawa and
Gardiner [86] and Zelson et al. [87]. The recommended expression is:

k0 = 3.4 × 10−7T exp(−39390/T ) cm3 molecule−1 s−1, M = Ar (6.25)

over the range 1500 K-3200 K, with reliability given by ∆ log k0 = ±0.3 for M = Ar
over the range 1500 K-3200 K. There is no information from experiments about the
high pressure rate coefficient. The rate coefficient taken in our mechanism (A = 2.92 ×
1017 cm3 mol−1 s−1, n = 1 and Ea = 327.49 kJmol−1) is obtained by decreasing its rec-
ommended value within the maximum error limit, in order to obtain a better agreement
with experimental data.

For Reaction (6.11), the rate coefficient measurements have been carried out by moni-
toring the OH removal, which has usually been assumed to occur by hydrogen abstraction
(see (6.11)). Recent ab-initio calculations by Hippler and Viskolcz [88] have caste doubt
on the importance of this direct abstraction channel [2]. On the other side, Hidaka et
al. [75] find that the results in their shock-tube study of C2H4 oxidation at 1100 K-2100 K
are best explained in terms of C2H3 + H2O formation. However, further experimental
studies are required to test these possibilities. We now take the formation of C2H3+H2O
being the most important channel, with the previous recommended value of Baulch et
al. [89],

k = 3.4 × 10−11 exp(−2990/T ) cm3 molecule−1 s−1 , (6.26)

over the range 650 K-1500 K, with the reliability ∆ log k0 = ±0.5 over the range 650 K-
1500 K. The rate coefficient taken in our mechanism (A = 6.48 × 1012 cm3 mol−1 s−1,
n = 0 and Ea = 24.90 kJmol−1) is obtained by decreasing the recommended rate coeffi-
cient value within the maximum error limit, in order to obtain a better agreement with
experimental data.

The rate coefficient recommended by Baulch et al. 2005 [2] for Reaction (6.12) is:

k = 1.0 × 10−13 cm3 molecule−1 s−1 , (6.27)

over the range 700 K-1500 K, with reliability ∆ log k = ±0.2 at 700 K, rising to ±0.4 at
1500 K. The preferred value is based on the data of Slagle et al. [90] and Wagner et
al. [91]. The values obtained from the theoretical model of Miller and Klippenstein [92]
are in excellent agreement with the recommended value of Baulch et al. 2005 [2]. The
value of the rate coefficient taken in our mechanism was modified (by decreasing its
recommended value) within the maximum error limit (A = 2.41 × 1010 cm3 mol−1 s−1,
n = 0 and Ea = 0.0 kJ mol−1).
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6.1 Simulations of ignition-delay times

For Reaction (6.13), the rate coefficients expressions recommended by Baulch et al.
2005 [2] are:

k0 = 1.7 × 10−6 exp(−16800/T ), M = C2H6, cm3 molecule−1 s−1 (6.28)

k∞ = 8.2 × 1013 exp(−20070/T ), s−1 (6.29)

Fc = 0.25 exp(−T/97) + 0.75 exp(−T/1379), M = C2H6. (6.30)

The reliabilities are given by ∆ log k0 = ±0.3 for M = C2H6 over the range 700 K-900 K,
∆ log k∞ = ±0.3 over the range 700 K-1100 K, ∆Fc = ±0.1 for M = C2H6 over the range
700 K-1100 K. This evaluation is unchanged from the previous evaluation of Baulch et
al. [89] and is based on a theoretical analysis (using unimolecular rate theory [15, 50])
of the rate data of Loucks and Laidler [93], Pacey and Wimalasena [94–96], Simon et
al. [97], and Feng et al. [98]. The values of the rate coefficients taken in our mechanism,
for both k0 and k∞ were modified (by decreasing their recommended value by Baulch
et al. 2005 [2]) within the maximum error limit (for k0, A = 3.65 × 1018 cm3 mol−1 s−1,
n = 0 and Ea = 139.68 kJmol−1; for k∞, A = 4.1 × 1013 cm3 mol−1 s−1, n = 0 and
Ea = 166.80 kJmol−1).

For reaction C2H5OH+OH there are three possible channels, CH3CHOH+H2O (6.14),
CH2CH2OH +H2O (6.15), and CH3CH2O +H2O. The expression of k recommended by
Baulch et al. 2005 [2] is given by

k = 3.0 × 10−17T 1.78 exp(425/T ) cm3 molecule−1 s−1 , (6.31)

where k = k1+k2+k3 over the range 290-1250 K, with reliability ∆ log k = ±0.1 at 290 K,
rising to ±0.2 at 1250 K. The branching ratio for the first channel, Reaction (6.14), is
based on the study of Meier et al. [99,100], who obtained k1/k = (0.75± 0.15) at 298 K.
The branching ratio for the second channel, Reaction (6.15), recommended by Baulch
et al. 2005 [2] is based on Hess and Tuly study [101], k2/k = 0.15 at 600 K. The
values of the rate coefficients taken in our mechanism in case of Reactions (6.14)(A =
2.14 × 107 cm3 mol−1 s−1, n = 1.78 and Ea = −3.53 kJmol−1) and (6.15)(A = 1.13 ×
106 cm3 mol−1 s−1, n = 1.78 and Ea = −3.53 kJ mol−1) were modified (by increasing the
value of the recommended rate coefficients by Baulch et al. 2005 [2]) within the error
limits.

6.1 Simulations of ignition-delay times

The validation of the reaction mechanism is provided by comparison of computed ignition-
delay times with corresponding experimental results from shock-tube studies. Homoge-
nous simulations were performed using the software package HOMREA [102], written
as a FORTRAN code (FORTRAN 77). The code allows for calculation of ignition-delay
times, time-varying concentrations of species, temperature and pressure, sensitivity co-
efficients, and chemical flows. In the governing equations, the following assumptions are
made:
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1. The ideal gas approximation is valid.

2. The heat flux caused by radiation of gases is negligible.

The expressions for the concentration variables are [103]:

p and T constant: ċi = ωi + ci

{

ṗ

p
−

RT
∑

ω̇i

p
−

Ṫ

T

}

, i = 1, 2, . . . , n, (6.32a)

p and V constant: ċi = ωi − ci

V̇

V
, i = 1, 2, . . . , n, (6.32b)

where c is the concentration (mole/m3), n is the number of species from the mixture
considered, p is the pressure ( bar), R is the gas constant, T is the temperature (K), V is
the relative volume (m3), ωi is the chemical source term (mole/s · m3). The temperature
can be calculated from enthalpy conservation assuming adiabaticity.

To perform ignition-delay time simulations, input and thermodynamic data, as well
as the mechanism, are needed. The input data control the execution of the program.
An example of input data is:

COMMENT:Mechanism of the CH4 Reactions

----********************************************************************

OPTIONS.........................(Format 7(A4,2X,I3,1X), end with -END -)

VPRO / /TIGNIT 3/ / / / /

TABLES 2/PLOTS 2/OUTP 2/ / / / /

LSEN 2/ / / / / / /

END / / / / / / /

----********************************************************************

SPECIES..........................(Format 7(2A4,1X,A1), end with -END -)

H ,H2 ,CH ,O2 ,OH *H2O ,CHO

3CH2 ,HO2 *H2O2 ,O ,CO ,CO2 ,CH3

CH3O ,CH3O2 ,CH4 ,CH3OH ,CH3O2H ,CH2OH ,CH2O

C2H2 ,C2H4 ,C2H6 ,1CH2 ,C2H ,HCCO ,C2H3

C4H2 ,CH2CO ,CH2CHO ,CH3CO ,C3H6 ,C3H4 ,CH3CHO

C2H5 ,C2H5O ,CH3CHOH ,CH2CH2OH,C2H5OH ,AR

END

----****************************************************************

CONDITIONS.....(FORMAT A8,1X,E10.2,14X,E10.2, end with -END-)

----****

CH4 : 3.33E-02

O2 : 6.66E-02

AR : 90.00E-02

----****

T : 16.88E+02 0.00E+00 KELVIN

P : 3.94E-01 0.00E+00 BAR

V : 1.00E+00 TIME = 0.00E+00 DIMENSIONLESS (RELATIVE)

----**** *

----**** OUTPUT CONTROL

NT = 2.00E+03 NUMBER OF TIMESTEPS

TSTA = 0.00E-00 TIME OF FIRST OUTPUT

TEND = 1.00E-02

----**** *
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6.1 Simulations of ignition-delay times

----**** INTEGRATION CONTROL

STEP = 1.00E-16 INITIAL STEPSIZE

RTOL = 1.00E-03 RELATIVE TOLERANCE

ATOL = 1.00E-09 ABSOLUTE TOLERANCE

RTOS = 1.00E-02 REL. TOL. FOR SENSITIVITY

ATOS = 1.00E-07 ABS. TOL. FOR SENSITIVITY

END

----****************************************************************

COLLISION EFFICIENCIES....

M(1) =H2 +H2O +O2 +AR +CO +CO2 +CH4

1.0 6.5 0.4 0.35 0.75 1.5 3.0

M(2) =H2 +H2O +O2 +AR +CO +CO2 +CH4

1.0 2.55 0.4 0.15 0.75 1.5 3.0

M(3) =H2 +H2O +O2 +AR +CO +CO2 +CH4

1.0 6.5 0.4 0.29 0.75 1.5 3.0

M(4) =H2 +H2O +O2 +AR +CO +CO2 +CH4

1.0 6.5 0.4 0.35 0.75 1.5 0.66

END

In the input file, the species are defined and also the conditions of the reactions. The
first line represents the heading. In the next line appears in the format A4 the word
-OPTI(ONS)-. In the following lines, in the format options, finally closed by the string
-END-. The meaning of the options from this example are:

• VPRO = Volume (or density) profile specified.

• TIGN(IT) = Induction time calculated from profile of species.

• TABL(ES) = Printing of tables at the end of the computation ((1) for species
marked with ’∗’ in species list, (2) for all species).

• PLOT(S) = Printing of small plots at the end of the computation ((1) for species
marked with ’∗’ in species list, (2) for all species).

• OUTP(UT) = Printing the results during integration

• LSEN(SI) = (1) Calculation of local sensitivities for species marked with ’∗’ in
species list and with respect to reactions marked with ’∗’ in the reaction list; (2)
for all species; (3) with additional information on integration.

Species names are followed by the initial mole fraction (or volume part; normalization
to unit is automatic), ’T’ is the temperature in K followed by a time in s, ’P’ is the
pressure in bar followed by a time in s, ’V’ is a relative volume followed by a time in s.
The time interval with defined temperatures must be larger than the integration time
interval; if not, the last defined temperature is used for the times following.

The following lines define NT - the number of time steps, TSTA - the start time in
s, TEND - the end time in s, STEP - an estimate of the initial time step in s, ATOL
and RTOL - the absolute and relative tolerances for the simulation of mole fractions and
temperatures and ATOL and RTOL - for the simulation of sensitivities.

The other data set needed is the mechanism file. This contains the reaction scheme,
for example
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MECHANISM H2 O2

******************************************

**** 01. H2-O2 React. (no HO2, H2O2)

******************************************

----CODATA 2003,k=(2.065E+14/-0.097/62.853),

----(800-3500K, dlogk=+-0.1 at 800K rising to +-0.2 at 3500K)

O2 +H =OH +O 2.065E+14 -0.097 62.853

----CODATA 2003,k=(3.818E+12/0/33.256+1.025E+15/0/80.23),

----(298-3300 K, dlogk=+-0.2 over the range 298-3300K)

H2 +O =OH +H 3.818E+12 0.000 33.256

**** BEGIN DUPLICATE REACTION

H2 +O =OH +H 1.025E+15 0.000 80.230

**** END DUPLICATE REACTION

----CODATA 2003,k=(2.168E+08/1.52/14.466),

----(250-2500 K, dlogk=+-0.1 at 250K rising to +-0.3 at 2500K)

H2 +OH =H2O +H 2.168E+08 1.520 14.466

----CODATA 2003,k=(3.348E+04/2.42/-8.064),

----(250-2400 K, dlogk=+-0.15 over the range 250-2400K)

OH +OH =H2O +O 3.348E+04 2.420 -8.064

******************************************

**** 02. Recombination Reactions

******************************************

----CODATA 2003, k=(10.157E+16/-0.6/0)

----(k WRITTEN HERE FOR H2, MEASURED FOR AR, 200-5000 K, dlogk=+-0.5)

H +H +M(1) =H2 +M(1) 1.015E+17 -0.600 0.000

----86 TSA/HAM, k=(5.400E+13/0.000/-7.48)

----(k WRITTEN HERE FOR H2, MEASURED FOR AR, 200-4000 K, dlogk=+-1.3)

O +O +M(1) =O2 +M(1) 5.400E+13 0.000 -7.4

----CODATA 2003, k=(5.56E+22/-2.0/0.0)

----(k WRITTEN HERE FOR H2, MEASURED FOR AR, 300-3000 K, dlogk=+-0.3)

H +OH +M(2) =H2O +M(2) 5.560E+22 -2.000 0.000

******************************************

**** 03. HO2 Formation/Consumption

******************************************

---- CODATA 2003, k_inf=(1.29E+12/0.56/0 + 1.74E+17/0/0), (298-1500K, dlog k=+-0.5)

---- k_0(Ar)=(2.36E+19/-1.2/0), (298-2000K, dlog k=+-0.2)

---- Fc=(0.5)

H +O2 +M(3) =HO2 +M(3) 1.297E+12 0.560 0.0

LOW 2.367E+19 -1.200 0.0

TROE 0.5 0.0 0.0 0.0

**** BEGIN DUPLICATE TROE REACTION

H +O2 +M(3) =HO2 +M(3) 1.746E+17 0.000 0.0

LOW 2.367E+19 -1.200 0.0

TROE 0.5 0.0 0.0 0.0

**** END DUPLICATE TROE REACTION

----CODATA 2003, k=(4.457E+14/0/5.819),(250-1000 K, dlogk=+-0.15)

HO2 +H =OH +OH 4.457E+14 0.0 5.819

----CODATA 2003, k=(10.540E+13/0/8.56),(250-1000 K, dlogk=+-0.3)

HO2 +H =H2 +O2 1.054E+14 0.0 8.563

----CODATA 2003, k=(1.445E+12/0/0),(298 K, dlogk=+-0.5 over the range 250-1000 K)

HO2 +H =H2O +O 1.445E+12 0.0 0.000

----CODATA 2003, k=(1.626E+13/0/-1.862),(220-1000 K, dlogk=+-0.1 rising to +-0.5)

HO2 +O =OH +O2 1.626E+13 0.0 -1.862

----CODATA 2003, k=(9.275E+15/0/73.246),(1300-2000 K, dlogk=+-0.5)

HO2 +OH =H2O +O2 9.275E+15 0.0 73.246

*****************************************************************************

END

000 COMPLEX REACTIONS

END

COLLISION EFFICIENCIES....

M(1) =H2 +H2O +O2 +AR

1.0 6.5 0.4 0.35

M(2) =H2 +H2O +O2 +AR

1.0 2.55 0.4 0.15

M(3) =H2 +H2O +O2 +AR

1.0 6.5 0.4 0.29

END
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Lines starting with ’−−−−’ or ’∗∗∗∗’ are interpreted as comments. The mechanism
has to start with the keyword -MECH-. The rest of the line is used as a heading.
The following lines are the elementary steps of the mechanism, where the three numbers
represent the pre-exponential factor ( cm, mole, s), temperature exponent and activation
energy ( kJ/mole). Pressure dependent reactions need two additional lines containing
the keywords ’LOW’ and ’TROE’ containing seven parameters describing the fall-off.
The input of the mechanism is finished by the keyword ’END’.

The THERMO file containing the thermodynamic data has been described in Section
2.4. It contains polynomial fit parameters of heat capacities, standard enthalpies and
standard entropies. Once generated, these data do not require modification.

6.2 Simulations of flame velocities

The flame calculations presented in this work are performed using the MIXFLA code.
The program is used for the simulation of velocity and structure of a stationary laminar
premixed flat 1-dimensional flame [45–47]. In case of laminar premixed flames, the fuel
and oxidizer are already completely mixed before they enter the reaction zone. In this
work, the simulations in MIXFLA are always performed as a free flame. The MIXFLA
package consists of three parts:

1. MIXINP for data input, preprocessing and storage in a linkfile, STORAG.

2. MIXRUN (reading STORAG) for the integration of the conservation equations
and output of the results.

3. MIXMEC for the analysis of the reaction mechanism.

To run the program we need an input file for MIXINP specifying the species symbols,
initial and boundary values, flame conditions, collision efficiencies, experimental tem-
peratures (optionally), sensitivity analysis option (if necessary). For example,

OPTIONS: 00000200

BEGIN ,NONEW , ,OLDT ,ENLARGE , , , 00000300

, , , , , , , 00000300

END 00000400

SPECIES: 00000500

H ,O ,OH ,HO2 ,H2O2 ,CHO ,C2H5O , 00000600

CH ,C ,H2O ,CH2O ,CH3CHOH ,C2H4 ,C2H5 ,

3CH2 ,CH3 ,CH3O ,CH3O2 ,CH2CH2OH ,CH3OH ,CH3O2H ,

CH2OH ,C2H2 ,C2H5OH ,C2H6 ,1CH2 ,C2H ,HCCO ,

C2H3 ,C4H2 ,CH2CO ,CH2CHO ,CH3CO ,C3H6 ,C3H4 ,

CH3CHO ,H2 ,CO2 ,CO ,O2 ,CH4 ,N2 , 00000600

END 00001200

UNBURNT GAS COMPOSITION:

CH4 / 09.57E-02/...............INITIAL X, T(K), P(BAR) 00001500

O2 / 18.98E-02/...............INITIAL X, T(K), P(BAR) 00001400

N2 / 71.43E-02/...............INITIAL X, T(K), P(BAR)

P / 1.000E+00/...............INITIAL X, T(K), P(BAR) 00001700

T / 2.980E+02/...............INITIAL X, T(K), P(BAR) 00001800

END 00001900
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BURNT GAS COMPOSITION:

OH / 2.260E-02/...............FINAL X, T(K), P(BAR), ESTIM.

CO / 4.393E-02/...............FINAL X, T(K), P(BAR), ESTIM. 00002500

CO2 / 4.742E-02/...............FINAL X, T(K), P(BAR), ESTIM. 00002000

H2O / 1.487E-01/...............FINAL X, T(K), P(BAR), ESTIM. 00002500

O2 / 2.199E-02/...............FINAL X, T(K), P(BAR), ESTIM. 00002800

N2 / 6.816E-01/...............FINAL X, T(K), P(BAR), ESTIM.

T / 2.872E+03/...............FINAL X, T(K), P(BAR), ESTIM. 00002900

END 00003000

CONDITIONS: 00003100

NT ...../ 9000.0 /...............NUMBER OF TIME STEPS (-) 00003200

DT ...../ 0.600 /...............RELATIVE TIME STEP (-) 00003300

NL ...../ 61.0 /...............GRID POINT NUMBER (-) 00003400

TH ...../ .1 /...............FLAME THICKNESS (CM) 00003500

DI ...../ 0.0 /...............BURNER DIAMETER (CM) (STAB)00003600

VU ...../ 0.0 /...............UNBURNT GAS VELOCITY (CM/S) (STAB)00003700

CO ...../ 1.0 /...............GRID CONTROL PARAMETER 00003700

END 00004000

COLLISION EFFICIENCIES

M(1) =H2 +H2O +O2 +N2 +CO +CO2 +CH4

1.0 6.5 0.4 0.4 0.75 1.5 3.0

M(2) =H2 +H2O +O2 +N2 +CO +CO2 +CH4

1.0 2.55 0.4 0.4 0.75 1.5 3.0

M(3) =H2 +H2O +O2 +N2 +CO +CO2 +CH4

1.0 6.5 0.4 0.67 0.75 1.5 3.0

M(4) =H2 +H2O +O2 +N2 +CO +CO2 +CH4

1.0 6.5 0.4 0.4 0.75 1.5 0.66

END

EXPERIMENTAL TEMPERATURES [K]: 00004800

END 00008400

SENSITIVITY ANALYSIS: 00004700

END 00004950

The meaning of the options from this example are:

• BEGI(N) -begin with arbitrary S-shaped profiles.

• NONE(WTON) -Newton iteration suppressed.

• OLDT(RANS) -old transport model is used.

• ENLA(RGE) -enlarge grid points 31 → 61 (only active for BEGIN).

Inert species must be located at the end of the list.
In the following lines we have the input of initial and final conditions (unburnt and

burnt gas composition): mole fractions (or volume parts), the initial temperature in K,
the initial pressure in bar and the final temperature of the burnt gas, in K. This input
is finished by the character string -END-.

Then comes the input of flame conditions. The maximum number of time steps is
10000. The relative time step should be 1 but it can be reduced in case of instability.
The flame thickness should be estimated carefully. All flames need the variables (NT,
DT, NL, TH), free flames additionally need CO. The grid control parameter CO should
be 1. It can be chosen larger, if a larger coordinate range is desired, and smaller for a
smaller range.
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The input of collision efficiencies contains the 3rd body’s symbol, the species symbols
and the corresponding collision efficiencies (7 species at maximum). The input of collision
efficiencies is stopped by the character string -END-.

Another input file we need is the one containing the reaction mechanism. The format
of this file is the one described in the section devoted to ignition-delay times simulations.

Complex reactions cannot be used in this version of the program. Reverse reactions
are added automatically, using the information in the THERMO file.

Further input for MIXINP consists of 2 additional data sets with species data, MOL-
DAT and THERMO97.IWR. These data have to be in the same directory as the files
MIXINP, MIXRUN and MIXMEC.

MIXRUN prompts for an empty data set used for the storage of the results needed
for a potential restart.

More information about the MIXFLA package can be found in literature [29, 45].

6.3 Results and discussion

To describe the combustion of hydrocarbons with a detailed reaction mechanism, the
elementary reaction rate studies should be in accord with experimental results of flame
and ignition chemistry. The chemistry of hydrocarbon oxidation at high temperatures
is defined by:

• reactions of fuel decomposition;

• reactions of radicals with initial molecules;

• chain-branching reactions;

• recombination reactions.

The ignition-delay time is a characteristic quantity of the fuel and depends on initial
temperature, pressure and mixture composition. Applied to the shock-tube technique,
the ignition-delay time is defined as the time interval between heating the gas and the
detection of the reaction. The delay is characterized by a radical-poor situation [4].
In this case the chemistry is determined by the competition of chain-branching and
chain-terminating processes, while radical-radical reactions are unimportant. For flames,
radical-radical reactions are important because of the large radical concentrations in
a fully developed flame front. The hydrocarbon fuel is attacked by H, O, and OH
radicals. The alkyl radicals formed are decomposed to smaller alkyl radicals and alkene.
Only for the smallest alkyl radicals (CH3 and C2H5) does the relatively slow thermal
decomposition compete with recombination and with oxidation by O or O2. This part of
the mechanism is rate-controlling in alkane and alkene flames and is responsible for the
similarity of all alkane and alkene flame properties [31, 51]. As we said before, ignition-
delay time and flame velocities for hydrocarbons up to C4 were simulated over a wide
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O2 + H → OH + O

CH4 + M → CH3 + H + M

CH3 + CH3 → CH4 +3 CH2

CH3 + O2 → CH2O + OH

H2 + CH3 → CH4 + H

CH3 + OH →1 CH2 + H2O
3CH2 + O2 → CO2 + H2

3CH2 + O2 →1 CO + OH + H

CH4 +3 CH2 → CH3 + CH3

CH4 + OH → H2O + CH3

CH4 + H → H2 + CH3

CH3 + H + M → CH4 + M

Figure 6.2: Sensitivity analysis for the OH concentration during ignition-delay time for a
methane-air mixture at stoichiometric conditions, Tu = 298K, p = 1bar.

range of conditions. The results are presented in the following. As a general observation
regarding the mechanism developed in this work, the H2-O2, CO and CH4 (together with
C2-hydrocarbons) reactions form the most sensitive part of high-temperature combustion
mechanisms.

Combustion chemistry models always include a complete H2 oxidation mechanism.
H2-O2 mechanisms have been used in the modelling of chemical kinetics, multidimen-
sional chemical reaction flows, sensitivity analyses, detonation and ignition. Many ver-
sions of this mechanism can be found in literature, differing from one another in the
expressions used for the rate coefficients and by including various reactions of secondary
importance for the combustion chemistry. High-temperature H2 oxidation mechanisms
have been described by many workers ( [41, 104–107] and many others). One common
feature of these mechanisms is that all of them include the main initiation, propagation,
termination and chain branching steps. The hydrogen oxidation mechanism presented
in this work includes 20 elementary reactions and 9 species. The most important ele-
mentary steps of hydrogen oxidation prove to be the ones that provide chain-branching
and propagation:

O2 + H → OH + O, (6.33)

H2 + O → OH + H, (6.34)

H2 + OH → H2O + H, (6.35)

OH + OH → H2O + O. (6.36)

Reaction (6.33) is the most sensitive reaction of the mechanism. This can be seen
performing, for example, a sensitivity analysis with respect to the ignition-delay time
(see Fig. 6.2).
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Figure 6.3: Arrhenius plot of the reaction rate coefficient of H + O2 → O + OH

Processes that reduce the H atoms and reactions that compete with Reaction (6.33)
will tend to inhibit the combustion. The removal of H atoms means that they are
unavailable for reaction with O2 through O2+H → OH+O, thereby reducing the rate of
chain-branching and slowing the overall rate of combustion. It can be observed that the
calculated ignition-delay times in hydrocarbon-fuel mixtures are sensitive to the choice
of the rate coefficients involving the R–H fuel. This reaction is the basic chain-branching
process in high-temperature combustion of hydrocarbon fuels, consuming one H atom
and producing two radical species, O and OH. Therefore, ignition and flame velocity are
very sensitive to the value of this rate coefficient: Oxidation processes are accelerated (or
slowed down) by an increase (or decrease) of the formation rate of hydrogen atoms [4].
There have been numerous studies of this reaction, many authors have investigated it in
details using a variety of techniques, [14,51,108,109]. Due to its large activation energy,
caused by an endothermicity of ∆H0

298 = 70.2 kJ/mole, it is one of the rate-controlling
elementary reactions. A collection of the data for this reaction given by Codata [2] is
shown on the Arrhenius diagram on Fig. 6.3. There is no non-Arrhenius behavior in the
temperature dependence of the rate coefficient, as shown by measurements performed
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Figure 6.4: Ignition-delay time for H2-O2-Ar mixtures. Red: 4% H2, 2% O2 and 94% Ar,
p = 1bar; Blue: 1% H2, 2% O2 and 97% Ar, p = 1bar; Green: 8% H2, 2% O2 and 90% Ar,
p = 5bar. Points: experimental results, lines: simulations.

at temperatures up to 3500 K and pressures between 0.013 bar and 4 bar [110–119].
In the mechanism presented in this work, the preferred reaction rate coefficient evalu-

ated by Codata [2] has been taken. Using this value (k = 3.43×10−10T−0.097 exp(17560/T,
cm3 molecule−1 s−1), we obtained a very good agreement between the simulations and
experimental data for ignition-delay times in H2-O2 mixtures.

The simulations of ignition-delay times were performed in different conditions (see
Fig. 6.4). The red line represents the simulations for mixtures containing 4% H2, 2% O2

and 94% Ar, for temperatures between 1300 K and 2300 K, at a pressure of 1 bar. The
blue line represents the simulations for mixtures containing 1% H2, 2% O2 and 97% Ar,
for temperatures between 1000 K and 3000 K, at 1 bar. The green line represents the
simulations for mixtures containing 8% H2, 2% O2 and 90% Ar, for temperatures between
950 K and 1090 K, at a pressure of 5 bar. The points are the experimental results [120].

The adiabatic burning velocity of a given fuel-oxidizer mixture is an important pa-
rameter for the flame behavior that governs the combustion processes. It can be defined
as the burning velocity of a fuel-oxidizer mixture in a tube, assuming that the flow is flat
and there is no heat exchange with the wall of the tube. Many studies have been done
on measurements and simulations of this parameter, especially for hydrocarbons because
of their widespread use in domestic as well as industrial burners. To determine the adi-
abatic burning velocity, the flame should be as flat as possible and one-dimensional (the
ideal case). However, flat flames traditionally stabilize on a burner, which implies heat
loss and therefore do not represent an adiabatic state. It is thus necessary to circumvent
these problems in either case (a non-adiabatic but flat flame, or else an adiabatic but
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Figure 6.5: Flame velocities for H2-air mixtures, Tu = 298K, p = 1bar.

stretched flame):

1. In case of a stretched flame, experiments are performed at various stretch rates.
These stretch rates can be plotted and extrapolated to zero stretch.

2. In case of a burner stabilized flame, the flame can be tuned until it destabilizes,
for example because the inlet velocity becomes higher than the adiabatic burning
velocity. When the heat loss to the burner can be measured, the heat loss can
be determined as a function of the inlet velocity, and the results extrapolated to
zero heat loss. This corresponds to an adiabatic state, with consequently adiabatic
burning velocity.

Also in case of flame, the H + O2 ⇀↽ OH + O reaction is the most sensitive in the whole
mechanism. Therefore, flame propagation is highly sensitive to the value of its rate
coefficient. Because of the

H + O2 + M → HO2 + M (6.37)

reaction, there is a pressure- and temperature-dependent competition with H + O2 →
O + OH that has consequences for the combustion process. Reaction (6.37) is a chain-
terminating reaction, and the HO2 radical is relatively unreactive. At high temperatures
and low pressures the reaction H + O2 → O + OH leads to O atoms as a further chain-
branching agent. Formation of O and OH is followed by H-atom regeneration in H2-O2

flames by
O + H2 → OH + H (6.38)

and
OH + H2 → H + H2O. (6.39)
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Fig. 6.5 shows a comparison of simulated and measured flame velocities for the H2-air
system. The line represents our simulations and the points reproduce the experimental
data [121,122]. An excellent agreement between simulations and experimental points is
obtained. Because of its relative simplicity, the H2-O2 system has been investigated in
detail by many workers, and its kinetics is now well understood.

Reactions involving CO and CO2 are also very important in hydrocarbon combustion,
the

CO + OH ⇀↽ CO2 + H (6.40)

and

CO2 + H ⇀↽ CO + OH (6.41)

reactions having a central role in the oxidation process. CO is oxidized almost exclusively
by OH to form CO2 in the Reaction (6.40) [29, 122], while the reverse reaction (6.41)
is necessary to establish the water-gas equilibrium [123]. The oxidation rate of CO has
little effect on ignition-delays (because of the late occurance of these steps during the
combustion process), but is very important for determining the rate of flame propagation.
Variations of its rate coefficient strongly influence the flame propagation.

The reaction CO + HO2 → CO2 + OH is minor in flames, and the recombination
reaction CO + O + M → CO2 + M requires high pressures as well as high O atom
concentration to be significant.

Considerable amounts of CO are also produced through reaction

CHO + M ⇀↽ CO + H + M. (6.42)

However, more exact rate measurements seem to be desirable for this important reaction.
Results of the flame velocities simulations for H2-CO-air mixtures are presented in

Fig. 6.6. The red line represents the simulations for mixtures containing 50% CO and
50% H2 at p = 1 bar and Tu = 298 K. The blue line represents the simulations for
mixtures containing 95% CO and 5% H2 at p = 1 bar and Tu = 298 K. The red and
blue points are McLean’s experimental data [124], and the pink points are Scholte’s
experimental data [125]. Simulations are in satisfactory agreement with the experiments,
but give slightly high values for fuel-rich mixtures.

The next step in our hierarchy is the methane (CH4) mechanism. Methane is a very
important practical fuel and is produced during the combustion of most other hydrocar-
bons. The reaction mechanism of hydrocarbon oxidation at high temperatures has been
discussed by many workers ( [126–138]). Even though there are some uncertain chemical
aspects, differences in the number of species and elementary reactions, and other details,
general features of the CH4 oxidation mechanism are believed to be established. The
most important reactions in the mechanism, in case of the flame, can be identified also
using sensitivity analysis. Sensitivity analyses with respect to flame velocity for lean,
stoichiometric and rich methane-air flames are shown on Fig. 6.7. It can be seen that in
this case H + O2 → O + OH reaction again is the most sensitive in all conditions.
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Figure 6.6: Flame velocities for H2-CO-air mixtures, Tu = 298K, p = 1bar.

The results of the simulations of flame velocities for CH4-air mixtures can be seen in
Fig. 6.8. Due to strain effects, the adiabatic burning velocity of methane-air was for a
long time reported to have its maximum at 42 cm/s, but more recent experiments have
revealed that 36−37 cm/s is a value that much better represents the burning velocity of
a strain-free flame. In fact, when the old measurements are recalculated (extrapolated)
using a more recent and insightful strain model, the results of the old measurements
become lower and coincide with recent measurements [139].

The agreement between calculated and measured values is excellent; note that the
measurements have been carried out using experimental techniques that produce non-
stretched flames [140–143]. One of these techniques is the heat flux method, which is
used for smaller alkanes at atmospheric pressure. This method is based on measuring the
net heat loss from the flame to the burner and tuning the inlet velocity of the unburnt
gas mixture to a value where no net heat loss to the burner is observed. This leads to an
adiabatic state of the flame. The flame is effectively adiabatic when the heat loss equals
the heat gain, resulting in a zero net heat flux and therefore a constant temperature
across the burner plate.

Simulation results of our proposed mechanism (the mechanism is given in the Ap-
pendix) for methane ignition are shown on Fig. 6.9. Ignition-delay times for a CH4-
O2-90% Ar mixture at a pressure of 0.39 bar were calculated. In Fig. 6.9, the blue line
represents the simulations in rich conditions (φ = 2), for a mixture containing 2.5% CH4

and 5% O2, at temperatures between 1833 K and 2101 K. The red line represents the
simulations in stoichiometric conditions (φ = 1), for a mixture containing 3.33% CH4,
6.66% O2, at temperatures between 1688 K and 2000 K. The green line represents the
simulations in lean conditions (φ = 0.5), for a mixture containing 2% CH4 and 8% O2, at
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Reactions:

1. H + O2 → O + OH

2. OH + CO → H + CO2

3. CHO + M1 → H + CO + M1

4. OH + H2 → H + H2O

5. OH + CH3 → H2O +1 CH2

6. OH + CHO → H2O + CO

7. OH + H2O2 → HO2 + H2O

8. CHO + O2 → HO2 + CO

9. CH4 + M4 → H + CH3 + M4

10. O + OH → H + O2

11. H + O2 + M3 → HO2 + M3

12. H + CHO → H2 + CO

13. H + CO2 → OH + CO

14. H + H2O → OH + H2

15. CH + H2 + M1 → CH3 + M1

16. H + HCCO →3 CH2 + CO

17. CH3+CH3+M1 → C2H6+M1

18. 3CH2 + CH3 → H + C2H4

lean

stoichiometric

rich

Figure 6.7: Sensitivity analysis in a methane-air flame: lean (top), stoichiometric (middle) and
rich (bottom) conditions, Tu = 298K, p = 1bar.

temperatures between 1698 K and 2325 K. The points are the experimental data [144].
A good agreement between simulations and experiments has been obtained.

The ignition-delay times are also sensitive to the rate coefficients of the reactions of
H, O and OH with CH4. It is known that for CH4, which is the smallest hydrocarbon
fuel, the general sequence of oxidation processes at high-temperature, as shown in [51],
is:

CH4 → CH3 → CH2O → CO → CO2.

The link between these chains is shown by the fact that CO is part of CH2O oxidation,
which is also part of the CH4 oxidation. In the oxidation process of CH4 to CO2 and
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Figure 6.8: Flame velocities for CH4-air mixtures, Tu = 298K, p = 1bar.

H2O the fuel decomposition is slow, the radical concentration at the beginning of the
reaction being small. The chain initiating step in methane ignition at high temperatures
is the methane thermal decomposition

CH4 + M → CH3 + H + M. (6.43)

Another important step is the attack of the radicals (O, OH, H and H2O) on the fuel:

CH4 + O → CH3 + OH (6.44)

CH4 + H → CH3 + H2 (6.45)

CH4 + OH → CH3 + H2O (6.46)

CH4 + HO2 → CH3 + H2O2. (6.47)

These reactions convert CH4 to CH3, so that the CH3 concentration is the highest among
the radicals during ignition-delay. Together with the reactions

CH3 + O2 → CH2O + OH (6.48)

CH3 + O2 → CH3O + O (6.49)

CH3 + O → CH2O + H (6.50)

the they control fuel disappearance and CH2O generation [51]. The reaction of CH3

radicals with O2 is one of the most important propagation reaction in the combustion
chemistry of CH4. This endothermic reaction (∆H0

298 = 120 kJ/mole) is a branching
step, followed by decomposition of the methoxy radicals into formaldehyde and OH.
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Figure 6.9: Ignition-delay time for CH4-O2-Ar mixtures, 0.39 bar. Green: φ = 0.5, 2% CH4,
8% O2; Red: φ = 1, 3.33% CH4, 6.66% O2; Blue: φ = 2.5, 2.5% CH4, 5% O2. Points:
experimental results, lines: simulations.

The formation of formaldehyde and methoxy radicals from CH3 and O2 reaction are
important under the radical-poor situation (ignition), while the formation of formalde-
hyde from CH3 and O reaction dominates in the radical-rich situation, that is, in flame
fronts. This reaction is very fast (∆H0

298 = −293 kJ/mole) and one of the main sinks of
CH3 radicals in flame propagation. Therefore, flame propagation is sensitive to the rate
coefficient of this step.
Reaction (6.49) is also an important chain-branching reaction, because methoxy radicals
are unstable at flame temperatures and quickly decompose via

CH3O + M → CH2O + H + M. (6.51)

Along time, many authors have suggested that the CH3O + O formation channel is
the dominant one [145–148]. The second channel of formaldehyde formation (∆H0

298 =
−223 kJ/mole) was favored by many workers too [149–155]. In our mechanism, the rec-
ommended value by Golden has been taken for this reaction. The two high-temperature
product channels were also proposed by Golden [156]:

CH3 + O2 → CH2O + OH,

having the rate expression k1 = 68.6T 2.86 exp(−4916/T ) in cm3 mole−1 s−1, and

CH3 + O2 → CH3O + O,

having the rate expression k2 = 6.08 × 107T 1.54 exp(−14005/T ) in cm3 mole−1 s−1.

70



6.3 Results and discussion

The first channel, formation of formaldehyde, has been found to be the dominant one
over the entire experimental temperature range. Usually CH3 radicals do not signif-
icantly decompose to form other radicals as CH2 or CH. Instead, their reaction and
CH2O reaction define the kinetics of CH4 oxidation.

Thermal decomposition of CH2OH leads to the formation of formaldehyde and H
atoms, and therefore accelerates the oxidation process for both, flame and ignition-delay
time:

CH2OH + M → CH2O + H + M. (6.52)

The similarities in combustion behavior of different hydrocarbons are mainly due to
the fact that larger hydrocarbon molecules and radicals quickly decompose to smaller
molecules and radicals.

Performing the reaction flow analysis, we can get a better understanding of the path
of chemical reactions and information about the percentage of species consumed (or
formed) in the reactions system. Different reaction paths are followed, depending on the
stoichiometry even though the chemical mechanism is the same. This can be seen in
Figs. 6.10-6.12 in an example of integral flow analysis for a methane-air flame at pressure
of 1 bar and Tu of 298 K.
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Figure 6.10: Integral flow analysis in a stoichiometric methane-air flame, Tu = 298K, p = 1bar.
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Figure 6.11: Integral flow analysis in a lean methane-air flame, Tu = 298K, p = 1bar.

Methane oxidation starts when the bond between carbon and hydrogen breaks to form
radicals, for example Reaction ( 6.43) and

CH4 + O2 → CH3 + HO2. (6.53)

These two initiating reactions are of a minor influence for combustion, but important
for the ignition. Reaction (6.43) is less important for the flame because of the large
activation energy of the thermal decomposition of methane. But this thermal decompo-
sition of methane strongly influences its ignition. As can be seen on the reaction flow
analysis, O, H and OH radicals react with the methane molecule, and this leads at an
increment of CH3 radicals via Reactions ( 6.44, 6.45, 6.46). The sensitivity of flame
propagation to their rate coefficient is small, but ignition-delay times are sensitive at
their rate coefficients.

The CH3 radicals react with the oxygen molecules producing methoxy radical and
formaldehyde by Reactions (6.48) and (6.49). CH3O reacts quickly to form formalde-
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Figure 6.12: Integral flow analysis in a rich methane-air flame, Tu = 298K, p = 1bar.

hyde via Reaction (6.51). This thermal decomposition represents the main consumption
channel for methoxy radicals, followed by reactions with H atoms and molecular oxygen.
This reaction is so fast that it has a very small sensitivity. The formaldehyde formed
reacts rapidly to generate HCO, formyl by reactions:

CH2O + OH → HCO + H2O (6.54)

CH2O + H → HCO + H2 (6.55)

CH2O + O → HCO + OH. (6.56)

The formyl is converted to carbon monoxide, for example:

HCO + OH → CO + H2O (6.57)

HCO + O2 → CO + HO2. (6.58)

Oxidation of methane finishes with the oxidation of CO to CO2.

In the stoichiometric flame, methane is mainly oxidized directly, whereas methyl rad-
icals formed in the rich flame recombine to form ethane (C2H6), which is then oxidized.
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Figure 6.13: Ignition-delay times for C2H2-O2-Ar mixtures (0.5% C2H2, 0.8% O2, 98.7% Ar),
p = 0.64 bar-0.78 bar.

This suggests that a satisfactory mechanism for CH4 oxidation also demands an addi-
tional mechanism for C2H6 oxidation. Thus, the oxidation of C2 species has also an
important role in hydrocarbon combustion. As we mentioned before, another sensitive
and very important reaction both for flame propagation and ignition, since it competes
with the oxidation reaction of CH3, is

CH3 + CH3 + M ⇀↽ C2H6 + M. (6.59)

This recombination reaction becomes very important at high temperature, especially in
fuel-rich mixtures where it is an important source of C2 hydrocarbons, leading eventually
to the formation of soot in rich CH4 flames. It is the principal path by which the methyl
radicals disappear.

Reactions of C2H6 lead to formation of ethyl radical (C2H5), ethylene (C2H4), and
acetylene (C2H2).

Acetylene is a practical fuel and it is an important contributor to the formation and
growth of soot. The C2H2 reactions are generally important for fuel-rich hydrocarbon
combustion. Our simulations results of ignition-delay times on acetylene oxidation are
shown on the logarithmic plot, Fig. 6.13. The line represents the ignition-delay time
simulations for a mixture containing 0.5% C2H2, 0.8% O2, 98.7% Ar, at pressures be-
tween 0.64 bar and 0.78 bar and temperatures between 1580 K–2010 K. The points are
the experimental data [157]. The results are not in a good agreement with the exper-
imental data, as it can be seen we obtained longer ignition-delay times at comparable
conditions.
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Figure 6.14: Flame velocities for C2H2-air mixtures, Tu = 298K, p = 1bar.

C2H2 and its oxidation reactions are part of the reaction mechanisms for most other
hydrocarbon fuels. Under oxidation conditions, the reaction of C2H2 with O2,

C2H2 + O2 ⇀↽ HCCO + OH , (6.60)

is very important for the ignition-delay time. The flame speed is not affected by this
reaction because the fuel is already consumed by reactions with O and H atoms:

C2H2 + O ⇀↽ 3CH2 + CO (6.61)

C2H2 + O ⇀↽ HCCO + H (6.62)

C2H2 + H ⇀↽ C2H + H2. (6.63)

The flame speeds is very sensitive to the rate coefficient of the reaction

C2H2 + OH ⇀↽ C2H + H2O. (6.64)

This step can partly explain the PAH formation via C2H in rich hydrocarbon fuels,
[158–161].
The calculated flame velocities for C2H2-air mixtures at p = 1 bar and Tu = 298 K are
shown on Fig. 6.14. The line represents our simulations and the points represent the
experimental data. The numerical results are in good agreement with the experimental
data [162].

The mechanisms of C2H4 and C2H6 oxidation are also necessary to understand the CH4

oxidation mechanism, because these species are formed in the course of CH4 oxidation.
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Figure 6.15: Ignition-delay time for C2H4-O2-Ar mixtures (1% C2H4, 1.5% O2, 97.5% Ar),
p = 3bar.

Ethylene is a primary fuel itself and an important intermediate produced during the
combustion of CH4, C2H6, and other higher hydrocarbons.

The reaction
C2H4 + OH ⇀↽ C2H3 + H2O (6.65)

is very sensitive for flame and ignition-delay time simulations. Together with

C2H4 + H ⇀↽ C2H3 + H2, (6.66)

it accounts for C2H4 consumption in flames and during ignition.
The results of ignition-delay times on ethylene oxidation are shown on the logarithmic

plot in Fig. 6.15. The line represents the ignition-delay time simulations for a mixture
containing 1% C2H4, 1.5% O2, 97.5% Ar, at a pressure of 3 bar and temperatures between
1111 K-2000 K. The points are the experimental data [163]. Comparisons between the
simulations and experimental data were found to be satisfactory.

It can be observed that at high-temperatures the ignition-delay times have the ten-
dency to be shorter at comparable conditions.

The calculated flame velocities for C2H4-air mixtures at p = 1 bar and Tu = 298 K are
shown in Fig. 6.16. The calculated results are in good agreement with the experimental
data [162, 164–169].

It is known that for larger hydrocarbons, the chain-initiation step is the one in which
the C-C bond is broken to form hydrocarbon radicals, the C-C bond being weaker than
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Figure 6.16: Flame velocities for C2H4-air mixtures, Tu = 298K, p = 1bar.

the C-H bonds. However, at high temperatures, some C-H bonds are also broken, as in

C2H6 + H → C2H5 + H2. (6.67)

Usually, the radicals resulting from removal of one of the H atoms from the fuel fragment
to olefines and smaller radicals. For example, in case of C2H5, the olefin is C2H4 and an
H atom becomes the chain center, as in

C2H5 + M → C2H4 + H + M. (6.68)

The result is that the total radical concentration is higher, reactions are faster, and
ignition occurs more quickly. Thus, the initial fuel is consumed early in the induction
zone, a situation which differs from the methane case.

Reactions of C2H5 radicals are important because of the rate-determining charac-
ter of the competition between thermal decomposition, oxidation and recombination of
C2H5 [4]. The thermal decomposition reaction (6.68) of C2H5 is an important rate-
determining step for both flame propagation and ignition-delay time; this is so because
of the formation of hydrogen atoms. The reactions

C2H5 + H → CH3 + CH3, (6.69)

C2H5 + C2H5 → C2H4 + C2H6 (6.70)
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Figure 6.17: Ignition-delay time for C2H6-O2-Ar mixtures (2.22% C2H6, 7.78% O2,90% Ar),
p = 0.3 bar.

have a chain-terminating character because of the low reactivity of the CH3 radical
compared to C2H5 [Reaction (6.69)] and because of the stability of the molecules formed
when compared to C2H5 [Reaction (6.70)].

Fig. 6.17 shows calculated ignition-delay times for a mixture containing 2.22% C2H6,
7.78% O2 and 90% Ar, at 0.3 bar and a temperature range of 1333 K-2000 K. The points
are the experimental data [163]. A good agreement between simulations and experiments
has been obtained.

For C2H6-air mixtures, the calculated flame velocities do not give a satisfactory agree-
ment, see Fig. 6.18. A discrepancy can be observed for the rich-mixture. The points
represent the experimental data [125, 162,165,166,170].

The disagreement is caused by the uncertainty of the Reaction (6.59). Its reverse
path is the dominant one and has a significant terminating effect in situation, where the
ethyl radicals are presented in large concentrations, as in the C2H6 flames. In general,
the characteristics of the oxidation of C2H6 and larger aliphatics are similar to CH4

oxidation, but CH4 presents some different characteristics from all other hydrocarbons.
The dissociation energy of the C-H bond in CH4 is 435 kJ/mole ( [171–174]). It is much
higher than the C-C bond dissociation in C2H6 (370 kJ/mole), and higher than the C-H
bond dissociation energy in C2H6 (410 kJ/mole). For this reason it is more difficult to
ignite CH4 than other hydrocarbons.

An understanding of C3 and C4 hydrocarbons combustion mechanisms can be gained
by consideration of the importance of formation of C2H5 radicals. As C2H5 is more
reactive than CH3, flames of fuels producing C2H5 propagate faster than those of fuels
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Figure 6.18: Flame velocities for C2H6-air mixtures, Tu = 298K, p = 1bar.

producing CH3 (for example, methane-air and ethane-air flames). In ignition processes
the rate of formation of CH3 and C2H5 also plays an important role because C2H5

leads rapidly to chain-branching by thermal decomposition into C2H4 and H atoms
[Reaction (6.68)]. The relative rates of formation of CH3 and C2H5 are influenced by
three processes [11]:

1. attack of H, O and OH on alkanes and formation of alkyl radical isomers;

2. thermal decomposition of the alkyl radical isomers to form smaller alkyl radicals,
or H atoms, by alkene elimination;

3. reactions of propene and butene, which are formed by alkyl radical thermal de-
composition.

In the case of propane, one observes the same three stages as in case of methane: the
fuel decomposition, an intermediate stage with a steady concentration of radicals and
intermediate products, and a final self-accelerated stage. The chain-initiation step is one
in which the C-C bond is broken to form hydrocarbon radicals:

C3H8 + M → CH3 + C2H5 + M. (6.71)

The results for the ignition-delay time and flame velocity simulations for C3H8 are shown
in Figs. 6.19 and 6.20, respectively.

In Fig. 6.19, the blue line represents the simulations for a lean mixture containing
0.8% C3H8, 8% O2 and 91.2% Ar, at pressures between 6.6 bar and 8.6 bar and a tem-
perature range of 1292 K–1550 K. The red line represents the simulations for stoichio-
metric mixtures containing 1.6% C3H8, 8% O2, 90.4% Ar, at pressures between 2.25 bar
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Figure 6.19: Ignition-delay time for C3H8-O2-Ar mixtures. Blue: 0.8% C3H8, 8% O2, 91.2% Ar,
p = 6.6 bar-8.6 bar; Red: 1.6% C3H8, 8% O2, 90.4% Ar, p = 2.25 bar-2.62 bar; Green:
1.6% C3H8, 4% O2, 94.4% Ar, p = 7.24 bar-8.66 bar.

 50

 40

 30

 20

 10

 0
 9 8 7 6 5 4 3 2 1

% -fuel

fla
m

e
ve

lo
ci

ty
,
cm

/s

Figure 6.20: Flame velocities for C3H8-air mixtures, Tu = 298K, p = 1bar.
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Figure 6.21: Ignition-delay time for C4H10-O2-Ar mixtures (2.5% C4H10, 16.25% O2,
81.25% Ar), p = 9bar.

and 2.62 bar and a temperature range of 1300 K-1495 K. The green line represents the
simulations for rich mixtures containing 1.6% C3H8, 4% O2 and 94.4% Ar, at pressures
between 7.24 bar and 8.66 bar and a temperature range of 1354 K-1550 K. The points
are the experimental results [175].

A good agreement between simulations and experiments has been obtained, although
it can be seen that slightly long ignition-delay times have been obtained in the rich
mixtures case.

For C3H8-air mixtures, at p = 1 bar and Tu = 298 K, a good agreement is observed
between flame velocity simulations and experiments [125,162,165–167,176], as illustrated
on Fig. 6.20.

The results of the ignition-delay time and flame velocity simulations for C4H10 are
shown in Figs. 6.21 and 6.22, respectively.

Fig. 6.21 shows the simulations of ignition-delay times for a mixture containing 2.5%
C4H10, 16.25% O2 and 81.25% Ar, at 9 bar and temperature between 1235 K and 1370 K.
The points are the experimental values [177]. There is a very good agreement between
experimental data and simulations.

Comparison between calculated and experimental [125, 140, 166, 167, 176] flame ve-
locities and for C4H10-air mixtures at p = 1 bar and Tu = 298 K also shows a very good
agreement, see Fig. 6.22.
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Figure 6.22: Flame velocities for C4H10-air mixtures, Tu = 298K, p = 1bar.

In this case of propane and butane, as in methane and ethane case, the fuel is consumed
by the reactions of H, O and OH abstraction. The HO2 radical is unimportant due to its
low concentration. Due to the instability of the C3 and C4 alkyl radicals that are formed
after attack of H, O and OH radicals on the fuel, with respect to thermal decomposition
[Reaction (6.71)], the competing reactions with O or O2 and recombination reactions
are unimportant in flame propagation. For C3 and C4 hydrocarbon oxidation, the rate
coefficients for attack on specific C–H single bonds are important, because the formation
rates of different alkyl isomers (e.g., n-C4H9 and s-C4H9 for n-butane) are different.

Propene and butene are important intermediates in the decomposition of propyl and
butyl radicals and must be consumed somehow in the reaction zones of flames of C3- and
higher hydrocarbons. There is no evidence that the propene and butene reactions play a
rate controlling role in high-temperature combustion or ignition processes [51]. The re-
actions forming C3H4 and C4H2 are important in fuel-rich high temperature combustion,
C4H2 being also very important in the oxidation of C2H2.

The C3 and C4 reactions have minor influence on the propagation of all C1 and C2

fuels, and this explain the small effect they have on the calculated flame speeds. Their
influence on the C3H8 flames is also weak, demonstrating that the flame speed of higher
hydrocarbons depend more strongly on the kinetics involving the lower carbon species.
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7 Conclusion

In the present work, a reaction mechanism containing values of the rate coefficients
recommended by the most recent critical review of Baulch et al. 2005 [2] is proposed.
Only the mechansims of H2 and CO oxidation can be considered well understood in the
sense that elementary reaction rate studies are fully in accord with experimental results
of flame and ignition chemistry. To describe the combustion of hydrocarbons with a
detailed reaction mechanism, one has to adjust some of the elementary reaction rate
parameters within the experimental error limits. These data are then of great utility for
the study of combustion phenomena in practical situations.

The similarities in the combustion behaviour of different hydrocarbons are mainly
due to the fact that larger hydrocarbon molecules and radicals quickly decompose to
smaller molecules and radicals. Therefore, reaction flow analyses have been conducted
to elucidate the important chemical pathways over a wide range of conditions.

Flame velocities and ignition-delay times have similarities and essential differences.
One of the main differences is that in self-propagating flames, diffusive transport of
radicals before the main reaction zone makes the chain initiation irrelevant. As a result
of the high temperature in flame fronts, all reactions are faster, and because of the
higher radical concentrations, radical-radical reactions are more important than during
ignition.

Another difference between flames and ignition is the presence of pre-heat zones in
flames but not in ignition. For stable fuels like methane (CH4), little or no pyrolysis
occurs in this zone, but for other hydrocarbons considerable fuel degradation occurs; the
fuel fragments surviving this zone comprise mainly smaller hydrocarbons, alkenes, and
hydrogen. A major consequence of this is that, in the reaction zone, the composition
of flames burning larger hydrocarbons varies little with fuel. For this reason, flame
temperatures and burning velocities vary little for such fuels.

One of the objectives of this work was to compare our numerical simulations with
experimental data by using a reaction scheme containing hydrocarbons up to C4 in
order to provide a more accurate evaluation of the mechanism. Another objective was
to develop a kinetic reaction scheme by using the latest kinetic information published
by Baulch et al. 2005 [2].

Further validation of the reaction mechanism is provided by systematic comparison
of computed ignition-delay times with corresponding experimental results from shock
tube studies at high temperature. Ignition-delay times are strongly affected by fuel-
specific reactions. Because of the radical-poor situation the rate-limiting reactions tend
to be chain-branching and chain-terminating ones, whose competitions are displayed in
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7 Conclusion

sensitivity analises. Generalizations are difficult, because the experiments have been
done at different conditions of pressure, equivalence ratio, and diluation with noble
gas. In any case, the calculated results were found to be satisfactorily close to the
experimental data. The only substantial disagreement was for the C2H2-O2-Ar mixture,
for which the calculated ignition-delay times were considerably longer than the measured
ones.

Further insight into the high-temperature reaction mechanism governing the flame
propagation is provided by sensitivity analysis with respect to the flame speed of laminar
premixed methane and propane-air flames at atmospheric pressure. It clearly shows the
dominating influence of the reactions of H atoms with O2 and of CO with OH radicals.
Nevertheless, for a detailed description of these flames, one can not neglect any of the
reactions shown in the detailed mechanism (see Appendix).

Calculations of freely propagating one-dimensional flames have been performed. Be-
cause the stretch effects were neglected in the past in most experiments, simulations have
a tendency to predict slightly higher burning velocities for some of the hydrocarbon fuels
at comparable conditions.

The flame speed of C2 fuel species does not seem to depend sensitively on details of
the C3 and C4 sub-mechanisms. The flame simulations results are in a good agreement
for all the fuels considered.

The comparison between flame speeds and ignition-delay times over a wide range of
conditions (temperature, pressure and stoichiometry) provides a high degree of confi-
dence in the usefulness of the present mechanism.
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A H2, CO, C1, C2, C3 and C4

hydrocarbons oxidation mechanism

Elementary reactions in the H2-CO-C1-C2-C3-C4-O2 system for high-temperature com-
bustion (Heghes et al. 2005 [3], Warnatz and Heghes 2006 [4]); rate coefficients are
presented in the modified Arrhenius form k = AT b exp(−Ea/RT ); only the forward re-
action is considered; the reverse reaction may be calculated using thermodynamic data.
The estimated uncertainty of the reaction rate is given. The collision efficiencies used
are

M(1) = [H2] + 6.5[H2O] + 0.4[O2] + 0.4[N2] + 0.75[CO] + 1.5[CO2] + 3.0[CH4] + 0.35[Ar]

M(2) = [H2] + 2.5[H2O] + 0.4[O2] + 0.4[N2] + 0.75[CO] + 1.5[CO2] + 3.0[CH4] + 0.15[Ar]

M(3) = [H2] + 6.5[H2O] + 0.4[O2] + 0.4[N2] + 0.75[CO] + 1.5[CO2] + 3.0[CH4] + 0.29[Ar]

M(4) = [H2] + 6.5[H2O] + 0.4[O2] + 0.4[N2] + 0.75[CO] + 1.5[CO2] + 0.7[CH4] + 0.35[Ar]

The mechanism is presented in Table A.1.
The mechanism was developed on the basis of a previously available mechanism, see

[49].
The rate parameters of the reactions follow the recommendations of the CODATA

project [2].
The preexponential factor A is given in units of (cm3 mol−1)n−1 s−1 and the activation

energy Ea in kJ mol−1.
The double arrow, ⇀↽, shows that the reverse reaction may be calculated using the

thermodynamic data.
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A H2, CO, C1, C2, C3 and C4 hydrocarbons oxidation mechanism

A n Ea no.

1. H2–CO oxidation

1.1. H2–O2 reactions (no HO2, H2O2)

O2 + H ⇀↽ OH + O 2.06·1014 −0.097 62.85 1

H2 + O ⇀↽ OH + H 3.82·1012 0.0 33.26 2

H2 + O ⇀↽ OH + H 1.02·1015 0.0 80.23

H2 + OH ⇀↽ H2O + H 2.17·108 1.52 14.47 3

OH + OH ⇀↽ H2O + O 3.35·104 2.42 −8.06 4

H + H + M(1) ⇀↽ H2 + M(1) 1.02·1017 −0.6 0.0 5

O + O + M(1) ⇀↽ O2 + M(1) 5.40·1013 0.0 −7.4 6

H + OH + M(2) ⇀↽ H2O + M(2) 5.56·1022 −2.0 0.0 7

1.2. HO2 formation/consumption

H + O2 + M(3) ⇀↽ HO2 + M(3) 1.30·1012 0.56 0.0 8

LOW 2.37·1019 −1.2 0.0

TROE 0.5 0.0 0.0 0.0

H + O2 + M(3) ⇀↽ HO2 + M(3) 1.75·1017 0.0 0.0

LOW 2.37·1019 −1.2 0.0

TROE 0.5 0.0 0.0 0.0

HO2 + H ⇀↽ OH + OH 4.46·1014 0.0 5.82 9

HO2 + H ⇀↽ H2 + O2 1.05·1014 0.0 8.56 10

HO2 + H ⇀↽ H2O + O 1.44·1012 0.0 0.0 11

HO2 + O ⇀↽ OH + O2 1.63·1013 0.0 −1.86 12

HO2 + OH ⇀↽ H2O + O2 9.28·1015 0.0 73.25 13

1.3. H2O2 formation/consumption

HO2 + HO2
⇀↽ H2O2 + O2 4.22·1014 0.0 50.14 14

HO2 + HO2
⇀↽ H2O2 + O2 1.32·1011 0.0 −6.82

OH + OH + M(1) ⇀↽ H2O2 + M(1) 1.57·1013 0.0 0.0 15

LOW 5.98·1019 −0.8 0.0

TROE 0.5 0.0 0.0 0.0

H2O2 + H ⇀↽ H2 + HO2 1.69·1012 0.0 15.71 16

H2O2 + H ⇀↽ H2O + OH 1.02·1013 0.0 14.97 17

H2O2 + O ⇀↽ OH + HO2 4.22·1011 0.0 16.63 18

H2O2 + O ⇀↽ H2O + O2 4.22·1011 0.0 16.63 19

H2O2 + OH ⇀↽ H2O + HO2 1.64·1018 0.0 123.05 20

H2O2 + OH ⇀↽ H2O + HO2 1.92·1012 0.0 1.79

continues on next page
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continued from previous page

1.4. CO reactions

CO + O + M(1) ⇀↽ CO2 + M(1) 1.54·1015 0.0 12.56 21

CO + OH ⇀↽ CO2 + H 1.00·1013 0.0 66.93 22

CO + OH ⇀↽ CO2 + H 9.03·1011 0.0 19.12

CO + OH ⇀↽ CO2 + H 1.01·1011 0.0 0.25

CO + HO2
⇀↽ CO2 + OH 1.50·1014 0.0 98.7 23

CO + O2
⇀↽ CO2 + O 2.50·1012 0.0 200.0 24

2. C1–hydrocarbons oxidation

2.1. C reactions

CH + H ⇀↽ C + H2 1.20·1014 0.0 0.0 25

C + O2
⇀↽ CO + O 6.02·1013 0.0 2.66 26

2.2. CH reactions

CH + O ⇀↽ CO + H 4.00·1013 0.0 0.0 27

CH + OH ⇀↽ CHO + H 3.00·1013 0.0 0.0 28

CH + O2
⇀↽ CHO + O 1.69·1013 0.0 0.0 29

CH + CO ⇀↽ HCCO 2.80·1011 0.0 −7.1 30

CH + CO2
⇀↽ CHO + CO 6.38·107 1.51 −2.99 31

CH + H2O ⇀↽ CH2O + H 4.58·1016 −1.42 0.0 32

CH + H2O ⇀↽ 3CH2 + OH 4.58·1016 −1.42 0.0 33

2.3. CHO reactions

CHO + M(1) ⇀↽ CO + H + M(1) 1.14·1014 0.0 65.02 34

CHO + H ⇀↽ CO + H2 9.03·1013 0.0 0.0 35

CHO + O ⇀↽ CO + OH 3.01·1013 0.0 0.0 36

CHO + O ⇀↽ CO2 + H 3.01·1013 0.0 0.0 37

CHO + OH ⇀↽ CO + H2O 1.08·1014 0.0 0.0 38

CHO + O2
⇀↽ CO + HO2 7.59·1012 0.0 1.7 39

CHO + CHO ⇀↽ CH2O + CO 3.00·1013 0.0 0.0 40

2.4. CH2 reactions

3CH2 + H ⇀↽ CH + H2 1.20·1014 0.0 0.0 41
3CH2 + O → CO + H + H 1.23·1014 0.0 2.24 42
3CH2 + O ⇀↽ CO + H2 8.19·1013 0.0 2.24 43
3CH2 + O2

⇀↽ CO + OH + H 1.81·1012 0.0 0.0 44
3CH2 + O2

⇀↽ CO2 + H2 1.81·1012 0.0 0.0 45

continues on next page
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A n Ea no.

continued from previous page

3CH2 + 3CH2
⇀↽ C2H2 + H2 1.81·1014 0.0 49.88 46

3CH2 + 3CH2
⇀↽ C2H2 + H + H 1.63·1015 0.0 49.88 47

3CH2 + CH3
⇀↽ C2H4 + H 7.23·1013 0.0 0.0 48

1CH2 + M(1) ⇀↽ 3CH2 + M(1) 6.02·1012 0.0 0.0 49
1CH2 + H2

⇀↽ CH3 + H 1.26·1016 −0.56 66.5 50
1CH2 + O2

⇀↽ CO + OH + H 3.10·1013 0.0 0.0 51

2.5. CH2O reactions

CH2O + M(1) ⇀↽ CHO + H + M(1) 4.87·1015 0.0 316.35 52

CH2O + M(1) ⇀↽ CO + H2 + M(1) 2.83·1015 0.0 266.96 53

CH2O + H ⇀↽ CHO + H2 4.10·108 1.47 10.23 54

CH2O + O ⇀↽ CHO + OH 4.16·1011 0.57 11.56 55

CH2O + OH ⇀↽ CHO + H2O 1.39·1013 0.0 2.53 56

CH2O + HO2
⇀↽ CHO + H2O2 4.10·104 2.5 42.73 57

CH2O + O2
⇀↽ CHO + HO2 2.44·105 2.5 152.56 58

CH2O + CH3
⇀↽ CHO + CH4 3.19·101 3.36 18.04 59

2.6. CH2OH reactions

CH2OH + M(1) ⇀↽ CH2O + H + M(1) 2.80·1014 −0.73 137.31 60

LOW 1.50·1034 −5.39 151.46

TROE 0.96 67.2 1855.0 7543.0

CH2OH + H ⇀↽ CH2O + H2 2.44·1013 0.0 0.0 61

CH2OH + H ⇀↽ CH3 + OH 1.05·1013 0.0 0.0 62

CH2OH + O2
⇀↽ CH2O + HO2 2.89·1016 −1.5 0.0 63

CH2OH + O2
⇀↽ CH2O + HO2 7.23·1013 0.0 15.63

2.7. CH3 reactions

CH3 + M(1) ⇀↽ 3CH2 + H + M(1) 2.92·1016 0.0 379.0 64

CH3 + M(1) ⇀↽ CH + H2 + M(1) 1.89·1016 0.0 355.84 65

CH3 + O ⇀↽ CH2O + H 6.74·1013 0.0 0.0 66

CH3 + OH → CH3O + H 1.20·1010 0.0 58.11 67

CH3 + OH ⇀↽ 1CH2 + H2O 3.00·1013 0.0 11.64 68

CH3 + OH + M(1) ⇀↽ CH3OH + M(1) 4.34·1015 −0.79 0.0 69

LOW 1.10·1038 −6.21 5.58

TROE 0.25 210.0 1434.0 0.0

CH3 + HO2
⇀↽ CH3O + OH 1.60·1013 0.0 0.0 70

CH3 + O2
⇀↽ CH2O + OH 6.86·101 2.86 40.87 71

CH3 + O2 → O + CH3O 6.08·107 1.54 116.44 72

CH3 + O2 + M(1) ⇀↽ CH3O2 + M(1) 7.83·108 1.2 0.0 73

LOW 1.55·1026 −3.3 0.0

TROE 0.36 0.0 0.0 0.0

continues on next page
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CH3 + CO + M(1) ⇀↽ CH3CO + M(1) 5.06·1011 0.0 28.77 74

LOW 3.11·1014 0.0 15.88

TROE 0.5 0.0 0.0 0.0

CH3 + 1CH2
⇀↽ C2H4 + H 7.23·1013 0.0 0.0 75

CH3 + CH3 + M(1) ⇀↽ C2H6 + M(1) 3.61·1013 0.0 0.0 76

LOW 3.63·1041 −7.0 11.6

TROE 0.62 73.0 1180.0 0.0

2.8. CH3O reactions

CH3O + M(1) ⇀↽ CH2O + H + M(1) 6.80·1013 0.0 109.49 77

LOW 4.66·1025 −3.0 101.68

TROE 0.45 0.0 0.0 0.0

CH3O + H → CH3 + OH 1.63·1013 0.0 2.49 78

CH3O + H ⇀↽ CH2O + H2 3.79·1013 0.0 2.49 79

CH3O + O → O2 + CH3 1.13·1013 0.0 0.0 80

CH3O + O ⇀↽ OH + CH2O 3.76·1012 0.0 0.0 81

CH3O + OH ⇀↽ CH2O + H2O 1.81·1013 0.0 0.0 82

CH3O + O2
⇀↽ CH2O + HO2 2.17·1010 0.0 7.3 83

CH3O + CH2O ⇀↽ CH3OH + CHO 1.15·1011 0.0 5.2 84

2.9. CH3O2 reactions

CH3O2 + HO2
⇀↽ CH3O2H + O2 2.28·1011 0.0 −6.24 85

CH3O2 + CH3
⇀↽ CH3O + CH3O 1.50·1013 0.0 −5.0 86

CH3O2 + CH3O2 → CH2O + CH3OH + O2 3.43·1010 0.0 −3.24 87

CH3O2 + CH3O2 → CH3O + CH3O + O2 2.29·1010 0.0 −3.24 88

CH3O2 + H2O2
⇀↽ CH3O2H + HO2 2.40·1012 0.0 41.8 89

CH3O2 + CH2O ⇀↽ CH3O2H + CHO 1.30·1011 0.0 37.7 90

CH3O2 + CH4
⇀↽ CH3O2H + CH3 1.81·1011 0.0 77.8 91

CH3O2 + CH3OH ⇀↽ CH3O2H + CH2OH 1.81·1011 0.0 57.7 92

2.10. CH4 reactions

CH4 + M(4) ⇀↽ CH3 + H + M(4) 2.46·1016 0.0 439.0 93

LOW 4.70·1047 −8.2 492.18

TROE 0.0 1350.0 1.0 7834.0

CH4 + H ⇀↽ H2 + CH3 6.14·105 2.5 40.12 94

CH4 + O ⇀↽ OH + CH3 4.40·105 2.5 27.52 95

CH4 + OH ⇀↽ H2O + CH3 1.37·106 2.18 11.22 96

CH4 + HO2
⇀↽ H2O2 + CH3 4.70·104 2.5 87.88 97

CH4 + O2
⇀↽ CH3 + HO2 4.88·105 2.5 219.24 98

CH4 + CH ⇀↽ C2H4 + H 1.32·1016 −0.94 0.24 99

CH4 + 3CH2
⇀↽ CH3 + CH3 8.40·1012 0.0 −2.08 100
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2.11. CH3OH reactions

CH3OH + H ⇀↽ CH2OH + H2 2.75·109 1.24 18.79 101

CH3OH + H ⇀↽ CH3O + H2 6.87·108 1.24 18.79 102

CH3OH + O ⇀↽ CH2OH + OH 1.98·1013 0.0 22.2 103

CH3OH + O ⇀↽ CH3O + OH 4.94·1012 0.0 22.2 104

CH3OH + OH ⇀↽ CH2OH + H2O 5.27·106 1.92 −1.2 105

CH3OH + OH ⇀↽ CH3O + H2O 9.30·105 1.92 −1.2 106

CH3OH + HO2
⇀↽ CH2OH + H2O2 6.20·1012 0.0 81.1 107

CH3OH + O2
⇀↽ HO2 + CH2OH 2.05·1013 0.0 189.1 108

CH3OH + CH3
⇀↽ CH4 + CH2OH 9.94·100 3.45 33.42 109

CH3OH + CH3
⇀↽ CH4 + CH3O 2.02·101 3.45 33.42 110

CH3OH + CH3O ⇀↽ CH2OH + CH3OH 1.50·1012 0.0 29.3 111

CH3OH + CH2O → CH3O + CH3O 1.53·1012 0.0 333.2 112

2.12. CH3O2H reactions

CH3O2H ⇀↽ CH3O + OH 6.00·1014 0.0 177.1 113

CH3O2H + O ⇀↽ OH + CH3O2 2.47·1013 0.0 19.95 114

CH3O2H + OH ⇀↽ H2O + CH3O2 1.08·1012 0.0 −1.83 115

3. C2–hydrocarbons oxidation

3.1. C2H reactions

C2H + O ⇀↽ CO + CH 5.96·1013 0.0 0.0 116

C2H + O2
⇀↽ HCCO + O 3.25·1014 −0.35 0.0 117

C2H + O2
⇀↽ CO2 + CH 2.92·1015 −0.35 0.0 118

C2H + CH4
⇀↽ C2H2 + CH3 2.17·1010 0.94 2.73 119

3.2. HCCO reactions

HCCO + H ⇀↽ 3CH2 + CO 1.06·1013 0.0 0.0 120

HCCO + O → CO + CO + H 1.53·1014 0.0 0.0 121

HCCO + 3CH2
⇀↽ C2H3 + CO 3.00·1013 0.0 0.0 122

3.3. C2H2 reactions

C2H2 + M(1) ⇀↽ C2H + H + M(1) 3.60·1016 0.0 446.0 123

C2H2 + H ⇀↽ C2H + H2 2.01·109 1.64 126.79 124

C2H2 + O ⇀↽ 3CH2 + CO 1.48·108 1.4 9.23 125

C2H2 + O ⇀↽ HCCO + H 9.40·108 1.4 9.23 126

continues on next page

90



A n Ea no.

continued from previous page

C2H2 + OH ⇀↽ H2O + C2H 6.42·1014 0.0 56.54 127

C2H2 + O2
⇀↽ HCCO + OH 2.00·108 1.5 126.0 128

C2H2 + C2H ⇀↽ C4H2 + H 7.83·1013 0.0 0.0 129

3.4. CH2CO reactions

CH2CO + M(1) ⇀↽ 3CH2 + CO + M(1) 1.00·1016 0.0 248.0 130

CH2CO + H ⇀↽ CH3 + CO 3.25·1010 0.85 11.89 131

CH2CO + O ⇀↽ CH2O + CO 3.61·1011 0.0 5.65 132

CH2CO + O → CHO + H + CO 1.81·1011 0.0 5.65 133

CH2CO + O ⇀↽ CHO + CHO 1.81·1011 0.0 5.65 134

CH2CO + OH ⇀↽ CH3 + CO2 6.24·1011 0.0 4.24 135

CH2CO + OH ⇀↽ CH2O + CHO 3.37·1010 0.0 4.24 136

3.5. C2H3 reactions

C2H3 + M(1) ⇀↽ C2H2 + H + M(1) 7.80·108 1.62 155.06 137

LOW 3.24·1027 −3.4 149.82

TROE 0.35 0.0 0.0 0.0

C2H3 + H ⇀↽ C2H2 + H2 4.22·1013 0.0 0.0 138

C2H3 + O ⇀↽ C2H2 + OH 3.01·1013 0.0 0.0 139

C2H3 + O ⇀↽ CH3 + CO 3.01·1013 0.0 0.0 140

C2H3 + O ⇀↽ CHO + 3CH2 3.01·1013 0.0 0.0 141

C2H3 + OH ⇀↽ C2H2 + H2O 5.00·1012 0.0 0.0 142

C2H3 + O2
⇀↽ CH2O + CHO 7.71·1012 0.0 −1.0 143

C2H3 + O2
⇀↽ CH2CHO + O 8.15·1012 0.0 −1.04 144

C2H3 + O2
⇀↽ C2H2 + HO2 4.65·1011 0.0 −1.04 145

3.6. CH3CO reactions

CH3CO + H ⇀↽ CH2CO + H2 2.00·1013 0.0 0.0 146

3.7. CH2CHO reactions

CH2CHO + H ⇀↽ CH2CO + H2 2.00·1013 0.0 0.0 147

3.8. C2H4 reactions

C2H4 + M(1) ⇀↽ C2H2 + H2 + M(1) 2.92·1017 1.0 327.49 148

C2H4 + M(1) ⇀↽ C2H3 + H + M(1) 7.40·1017 0.0 404.06 149

C2H4 + H + M(1) → C2H5 + M(1) 3.98·109 1.28 5.4 150

LOW 1.18·1019 0.0 3.2

TROE 0.76 40.0 1025.0 0.0

C2H4 + H ⇀↽ C2H3 + H2 2.35·102 3.62 47.14 151
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C2H4 + O ⇀↽ CH2CHO + H 4.74·106 1.88 0.76 152

C2H4 + O ⇀↽ CHO + CH3 8.13·106 1.88 0.76 153

C2H4 + O ⇀↽ CH2CO + H2 6.77·105 1.88 0.76 154

C2H4 + OH ⇀↽ C2H3 + H2O 6.48·1012 0.0 24.9 155

C2H4 + CH ⇀↽ C3H4 + H 1.32·1014 0.0 −1.44 156

C2H4 + 1CH2
⇀↽ C3H6 7.24·1013 0.0 0.0 157

C2H4 + CH3
⇀↽ C2H3 + CH4 6.02·107 1.56 69.6 158

3.9. CH3CHO reactions

CH3CHO + M(1) ⇀↽ CH3 + CHO + M(1) 2.10·1016 0.0 342.0 159

LOW 7.83·1017 0.0 342.0

TROE 0.5 0.0 0.0 0.0

CH3CHO + H ⇀↽ CH3CO + H2 2.05·109 1.16 10.06 160

CH3CHO + H ⇀↽ CH2CHO + H2 2.05·109 1.16 10.06 161

CH3CHO + O ⇀↽ CH3CO + OH 5.26·1012 0.0 7.6 162

CH3CHO + O ⇀↽ CH2CHO + OH 5.84·1011 0.0 7.6 163

CH3CHO + OH ⇀↽ CH3CO + H2O 2.69·108 1.35 −6.58 164

CH3CHO + OH ⇀↽ CH2CHO + H2O 2.02·107 1.35 −6.58 165

CH3CHO + HO2
⇀↽ CH3CO + H2O2 4.10·104 2.5 42.69 166

CH3CHO + O2
⇀↽ CH3CO + HO2 1.20·105 2.5 157.14 167

CH3CHO + 3CH2
⇀↽ CH3CO + CH3 2.50·1012 0.0 15.9 168

CH3CHO + CH3
⇀↽ CH3CO + CH4 3.49·10−10 6.21 6.82 169

3.10. C2H5 reactions

C2H5 + M(1) → C2H4 + H + M(1) 4.10·1013 0.0 166.8 170

LOW 3.65·1018 0.0 139.68

TROE 0.75 97.0 1379.0 0.0

C2H5 + H ⇀↽ CH3 + CH3 4.22·1013 0.0 0.0 171

C2H5 + O ⇀↽ CH3CHO + H 5.32·1013 0.0 0.0 172

C2H5 + O ⇀↽ CH2O + CH3 3.98·1013 0.0 0.0 173

C2H5 + O2
⇀↽ C2H4 + HO2 2.41·1010 0.0 0.0 174

C2H5 + CH3
⇀↽ C2H4 + CH4 9.03·1011 0.0 0.0 175

C2H5 + C2H5
⇀↽ C2H4 + C2H6 1.40·1012 0.0 0.0 176

3.11. C2H5O reactions

C2H5O ⇀↽ CH3CHO + H 2.00·1014 0.0 97.0 177

C2H5O ⇀↽ CH2O + CH3 8.00·1013 0.0 90.0 178

C2H5O + H ⇀↽ CH3CHO + H2 1.00·1014 0.0 0.0 179

C2H5O + O ⇀↽ CH3CHO + OH 1.21·1014 0.0 0.0 180

C2H5O + OH ⇀↽ CH3CHO + H2O 1.00·1014 0.0 0.0 181

C2H5O + O2
⇀↽ CH3CHO + HO2 6.00·1010 0.0 7.0 182
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3.12. CH3CHOH reactions

CH3CHOH ⇀↽ CH3CHO + H 1.00·1014 0.0 105.0 183

CH3CHOH + H ⇀↽ CH3CHO + H2 3.00·1013 0.0 0.0 184

CH3CHOH + O ⇀↽ CH3CHO + OH 1.20·1014 0.0 0.0 185

CH3CHOH + OH ⇀↽ CH3CHO + H2O 1.51·1013 0.0 0.0 186

CH3CHOH + O2
⇀↽ CH3CHO + HO2 8.43·1015 −1.2 0.0 187

CH3CHOH + O2
⇀↽ CH3CHO + HO2 4.82·1014 0.0 20.1

3.13. CH2CH2OH reactions

CH2CH2OH ⇀↽ C2H4 + OH 1.00·1014 0.0 140.0 188

CH2CH2OH + H ⇀↽ CH3CHO + H2 5.00·1013 0.0 0.0 189

3.14. C2H5OH reactions

C2H5OH ⇀↽ CH3 + CH2OH 3.10·1015 0.0 337.2 190

C2H5OH ⇀↽ C2H5 + OH 5.00·1016 0.0 381.6 191

C2H5OH ⇀↽ C2H4 + H2O 1.00·1014 0.0 320.9 192

C2H5OH + H ⇀↽ CH3CHOH + H2 4.40·1012 0.0 19.1 193

C2H5OH + H ⇀↽ C2H5 + H2O 5.90·1011 0.0 14.4 194

C2H5OH + O ⇀↽ CH3CHOH + OH 5.42·105 2.5 7.73 195

C2H5OH + O ⇀↽ C2H5O + OH 3.01·104 2.5 7.73 196

C2H5OH + O ⇀↽ CH2CH2OH + OH 3.01·104 2.5 7.73 197

C2H5OH + OH ⇀↽ CH3CHOH + H2O 2.14·107 1.78 −3.53 198

C2H5OH + OH ⇀↽ C2H5O + H2O 9.03·105 1.78 −3.53 199

C2H5OH + OH ⇀↽ CH2CH2OH + H2O 1.13·106 1.78 −3.53 200

C2H5OH + HO2
⇀↽ CH3CHOH + H2O2 6.30·1012 0.0 81.1 201

C2H5OH + CH3
⇀↽ CH3CHOH + CH4 4.70·1011 0.0 40.57 202

C2H5OH + CH3
⇀↽ CH2CH2OH + CH4 3.61·1010 0.0 39.91 203

C2H5OH + CH3
⇀↽ C2H5O + CH4 9.03·1010 0.0 39.32 204

C2H5OH + CH3O ⇀↽ CH3CHOH + CH3OH 2.00·1011 0.0 29.3 205

C2H5OH + CH2O ⇀↽ C2H5O + CH3O 1.53·1012 0.0 333.2 206

C2H5OH + C2H5O ⇀↽ C2H5OH + CH3CHOH 2.00·1011 0.0 29.3 207

3.15. C2H6 reactions

C2H6 + H ⇀↽ C2H5 + H2 9.82·1013 0.0 38.58 208

C2H6 + O ⇀↽ C2H5 + OH 1.00·109 1.5 24.4 209

C2H6 + OH ⇀↽ C2H5 + H2O 9.15·106 2.0 4.16 210

C2H6 + HO2
⇀↽ C2H5 + H2O2 1.10·105 2.5 70.5 211

C2H6 + O2
⇀↽ C2H5 + HO2 7.29·105 2.5 205.69 212
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C2H6 + 3CH2
⇀↽ C2H5 + CH3 2.20·1013 0.0 36.3 213

C2H6 + CH3
⇀↽ C2H5 + CH4 5.60·1010 0.0 39.41 214

C2H6 + CH3
⇀↽ C2H5 + CH4 8.43·1014 0.0 93.12

C2H6 + CH ⇀↽ C2H4 + CH3 1.08·1014 0.0 −1.1 215

4. C3–hydrocarbons oxidation

4.1. C3H2 reactions

C3H2 + O2
⇀↽ CHO + HCCO 1.00·1013 0.0 0.0 216

C3H3 + OH ⇀↽ C3H2 + H2O 2.00·1013 0.0 0.0 217

4.2. C3H3 reactions

C3H3 + O → CO + C2H3 3.80·1013 0.0 0.0 218

C3H3 + O2 → HCCO + CH2O 6.00·1012 0.0 0.0 219

4.3. C3H4 reactions

C3H4 + O ⇀↽ CH2O + C2H2 1.00·1012 0.0 0.0 220

C3H4 + O ⇀↽ CHO + C2H3 1.00·1012 0.0 0.0 221

C3H4 + OH ⇀↽ CH2O + C2H3 1.00·1012 0.0 0.0 222

C3H4 + OH ⇀↽ CHO + C2H4 1.00·1012 0.0 0.0 223

C3H4 + M(1) ⇀↽ H + C3H3 + M(1) 1.00·1017 0.0 293.0 224

C3H4 + H ⇀↽ CH3 + C2H2 2.00·1013 0.0 10.0 225

C3H4 + H ⇀↽ H2 + C3H3 1.00·1012 0.0 6.3 226

C3H4 + C2H ⇀↽ C2H2 + C3H3 1.00·1013 0.0 0.0 227

C3H4 + CH3
⇀↽ C3H3 + CH4 2.00·1012 0.0 32.2 228

4.4. C3H5 reactions

C3H5
⇀↽ C3H4 + H 3.98·1013 0.0 293.1 229

C3H5 + H ⇀↽ C3H4 + H2 1.81·1013 0.0 0.0 230

C3H5 + O2
⇀↽ C3H4 + HO2 1.02·1012 0.0 94.78 231

C3H5 + OH ⇀↽ C3H4 + H2O 6.02·1012 0.0 0.0 232

C3H6 + O2
⇀↽ C3H5 + HO2 1.90·1012 0.0 163.8 233

C3H5 + CH3
⇀↽ C3H4 + CH4 3.61·1011 0.0 0.0 234

C3H5 + C3H5
⇀↽ C3H6 + C3H4 6.02·1010 0.0 0.0 235

CH3 + C2H2
⇀↽ C3H5 6.00·1011 0.0 32.4 236

4.5. C3H6 reactions

C3H6
⇀↽ C3H5 + H 1.00·1013 0.0 326.0 237

C3H6
⇀↽ C2H3 + CH3 1.10·1021 −1.2 408.8 238

C3H6 + H ⇀↽ C3H5 + H2 5.00·1012 0.0 6.3 239
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C3H6 + O ⇀↽ C2H4 + CH2O 5.90·1013 0.0 21.0 240

C3H6 + O ⇀↽ C2H5 + CHO 3.60·1012 0.0 0.0 241

C3H6 + O ⇀↽ CH3 + CH3CO 5.00·1012 0.0 2.5 242

C3H6 + OH ⇀↽ C2H5 + CH2O 7.90·1012 0.0 0.0 243

C3H6 + OH ⇀↽ CH3 + CH3CHO 5.10·1012 0.0 0.0 244

C3H6 + OH ⇀↽ C3H5 + H2O 4.00·1012 0.0 0.0 245

C3H6 + CH3
⇀↽ CH4 + C3H5 8.91·1010 0.0 35.6 246

C3H6 + C2H5
⇀↽ C3H5 + C2H6 1.00·1011 0.0 38.5 247

4.6. n-C3H7 reactions

n-C3H7
⇀↽ CH3 + C2H4 9.60·1013 0.0 129.8 248

n-C3H7
⇀↽ H + C3H6 1.25·1014 0.0 154.9 249

n-C3H7 + O2
⇀↽ C3H6 + HO2 1.00·1012 0.0 20.9 250

4.7. i-C3H7 reactions

i-C3H7
⇀↽ H + C3H6 6.30·1013 0.0 154.5 251

i-C3H7
⇀↽ CH3 + C2H4 2.00·1010 0.0 123.5 252

i-C3H7 + O2
⇀↽ C3H6 + HO2 1.99·1010 0.0 −10.72 253

4.8. C3H8 reactions

C3H8 + M(1) ⇀↽ CH3 + C2H5 + M(1) 4.00·1023 −1.87 377.41 254

LOW 2.24·1019 0.0 271.87

TROE 0.76 1946.0 38.0 0.0

C3H8 + H ⇀↽ H2 + n-C3H7 1.30·1014 0.0 40.6 255

C3H8 + H ⇀↽ H2 + i-C3H7 1.00·1014 0.0 34.9 256

C3H8 + O ⇀↽ n-C3H7 + OH 3.00·1013 0.0 24.1 257

C3H8 + O ⇀↽ i-C3H7 + OH 2.60·1013 0.0 18.7 258

C3H8 + OH ⇀↽ n-C3H7 + H2O 3.70·1012 0.0 6.9 259

C3H8 + OH ⇀↽ i-C3H7 + H2O 2.80·1012 0.0 3.6 260

C3H8 + HO2 → n-C3H7 + H2O2 1.14·1013 0.0 81.2 261

n-C3H7 + H2O2 → C3H8 + HO2 2.33·1012 0.0 41.1 262

C3H8 + HO2 → i-C3H7 + H2O2 3.40·1012 0.0 71.2 263

i-C3H7 + H2O2 → C3H8 + HO2 4.16·1011 0.0 31.1 264

C3H8 + CH3 → CH4 + n-C3H7 4.00·1011 0.0 39.8 265

n-C3H7 + CH4 → CH3 + C3H8 3.12·1012 0.0 68.9 266

C3H8 + CH3 → CH4 + i-C3H7 1.30·1012 0.0 48.6 267

i-C3H7 + CH4 → CH3 + C3H8 1.01·1013 0.0 77.7 268

C3H8 + O2 → n-C3H7 + HO2 2.52·1013 0.0 205.2 269

n-C3H7 + HO2 → C3H8 + O2 2.08·1012 0.0 0.0 270

C3H8 + O2 → i-C3H7 + HO2 2.00·1013 0.0 199.3 271
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i-C3H7 + HO2 → C3H8 + O2 2.08·1012 0.0 0.0 272

C3H8 + CH3O → n-C3H7 + CH3OH 3.00·1011 0.0 29.3 273

n-C3H7 + CH3OH → C3H8 + CH3O 1.22·1010 0.0 38.5 274

C3H8 + CH3O → i-C3H7 + CH3OH 3.00·1011 0.0 29.3 275

i-C3H7 + CH3OH → C3H8 + CH3O 1.22·1010 0.0 38.5 276

5. C4–hydrocarbons oxidation

5.1. C4H2 reactions

C4H2 + O ⇀↽ C3H2 + CO 7.89·1012 0.0 5.64 277

C4H2 + OH ⇀↽ C3H2 + CHO 6.68·1012 0.0 −1.71 278

5.2. C4H6 reactions

C4H6
⇀↽ C2H3 + C2H3 4.03·1019 −1.0 411.0 279

C2H3 + C2H4
⇀↽ C4H6 + H 7.83·1010 0.0 0.0 280

C4H6 + O ⇀↽ C2H4 + CH2CO 1.00·1012 0.0 0.0 281

C4H6 + O ⇀↽ CH2O + C3H4 1.00·1012 0.0 0.0 282

C4H6 + OH ⇀↽ C2H5 + CH2CO 1.00·1012 0.0 0.0 283

C4H6 + OH ⇀↽ CH2O + C3H5 2.00·1012 0.0 0.0 284

C4H6 + OH ⇀↽ C2H3 + CH3CHO 5.00·1012 0.0 0.0 285

5.3. C4H7 reactions

C4H7
⇀↽ C4H6 + H 1.20·1014 0.0 206.4 286

C4H7
⇀↽ C2H4 + C2H3 1.00·1011 0.0 154.9 287

C4H7 + H ⇀↽ C4H6 + H2 3.16·1012 0.0 0.0 288

C4H7 + O2
⇀↽ C4H6 + HO2 1.00·1011 0.0 0.0 289

C4H7 + C4H7
⇀↽ C4H6 + 1-C4H8 3.16·1012 0.0 0.0 290

C4H7 + CH3
⇀↽ C4H6 + CH4 1.00·1013 0.0 0.0 291

C4H7 + C2H3
⇀↽ C4H6 + C2H4 4.00·1012 0.0 0.0 292

C4H7 + C2H5
⇀↽ C4H6 + C2H6 4.00·1012 0.0 0.0 293

C4H7 + C2H5
⇀↽ 1-C4H8 + C2H4 5.00·1011 0.0 0.0 294

C4H7 + C2H5
⇀↽ trans-2-C4H8 + C2H4 5.00·1011 0.0 0.0 295

C4H7 + C2H5
⇀↽ cis-2-C4H8 + C2H4 5.00·1011 0.0 0.0 296

C4H7 + C3H5
⇀↽ C4H6 + C3H6 4.00·1013 0.0 0.0 297

5.4. 1-C4H8 reactions

1-C4H8
⇀↽ trans-2-C4H8 4.00·1011 0.0 251.0 298

1-C4H8
⇀↽ cis-2-C4H8 4.00·1011 0.0 251.0 299

1-C4H8
⇀↽ C3H5 + CH3 8.00·1016 0.0 307.4 300

1-C4H8
⇀↽ C2H3 + C2H5 2.00·1018 −1.0 405.2 301

1-C4H8
⇀↽ H + C4H7 4.11·1018 −1.0 407.7 302
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1-C4H8 + H ⇀↽ C4H7 + H2 5.00·1013 0.0 16.3 303

1-C4H8 + O ⇀↽ CH3CHO + C2H4 1.26·1012 0.0 3.6 304

1-C4H8 + O ⇀↽ CH3 + C2H5 + CO 1.62·1013 0.0 3.6 305

1-C4H8 + O ⇀↽ C3H6 + CH2O 2.50·1012 0.0 0.0 306

1-C4H8 + O ⇀↽ C4H7 + OH 1.30·1013 0.0 18.8 307

1-C4H8 + OH ⇀↽ CH3CHO + C2H5 1.00·1011 0.0 0.0 308

1-C4H8 + OH ⇀↽ CH3 + C2H6 + CO 1.00·1010 0.0 0.0 309

1-C4H8 + OH ⇀↽ n-C3H7 + CH2O 6.50·1012 0.0 0.0 310

1-C4H8 + OH ⇀↽ C4H7 + H2O 1.75·1013 0.0 29.1 311

1-C4H8 + CH3
⇀↽ C4H7 + CH4 1.00·1011 0.0 30.6 312

1-C4H8 + O2
⇀↽ C4H7 + HO2 4.00·1012 0.0 167.4 313

1-C4H8 + HO2
⇀↽ C4H7 + H2O2 1.00·1011 0.0 71.4 314

1-C4H8 + C2H5
⇀↽ C4H7 + C2H6 1.00·1011 0.0 33.5 315

1-C4H8 + C3H5
⇀↽ C4H7 + C3H6 8.00·1010 0.0 51.9 316

1-C4H8 + C4H7
⇀↽ C4H7 + trans-2-C4H8 3.98·1010 0.0 51.9 317

1-C4H8 + C4H7
⇀↽ C4H7 + cis-2-C4H8 3.98·1010 0.0 51.9 318

5.5. trans-2-C4H8 reactions

trans-2-C4H8
⇀↽ H + C4H7 4.11·1018 −1.0 407.7 319

trans-2-C4H8
⇀↽ CH3 + C3H5 6.50·1014 0.0 298.3 320

trans-2-C4H8 + H ⇀↽ C4H7 + H2 5.00·1012 0.0 14.6 321

trans-2-C4H8 + O ⇀↽ C2H4 + CH3CHO 1.00·1012 0.0 0.0 322

trans-2-C4H8 + O ⇀↽ i-C3H7 + CHO 6.03·1012 0.0 0.0 323

trans-2-C4H8 + OH ⇀↽ C4H7 + H2O 1.01·1014 0.0 12.8 324

trans-2-C4H8 + OH ⇀↽ C2H5 + CH3CHO 1.51·1013 0.0 0.0 325

trans-2-C4H8 + CH3
⇀↽ C4H7 + CH4 1.00·1011 0.0 34.3 326

5.6. c-2-C4H8 reactions

cis-2-C4H8
⇀↽ trans-2-C4H8 1.00·1013 0.0 259.4 327

cis-2-C4H8
⇀↽ C4H6 + H2 1.00·1013 0.0 274.1 328

cis-2-C4H8
⇀↽ C4H7 + H 4.07·1018 −1.0 407.3 329

cis-2-C4H8
⇀↽ C3H5 + CH3 1.25·1015 0.0 298.3 330

cis-2-C4H8 + H ⇀↽ C4H7 + H2 1.00·1012 0.0 14.6 331

cis-2-C4H8 + OH ⇀↽ C4H7 + H2O 1.26·1014 0.0 12.8 332

cis-2-C4H8 + OH ⇀↽ C2H5 + CH3CHO 1.40·1013 0.0 0.0 333

cis-2-C4H8 + O ⇀↽ i-C3H7 + CHO 6.03·1012 0.0 0.0 334

cis-2-C4H8 + O ⇀↽ C2H4 + CH3CHO 1.00·1012 0.0 0.0 335

cis-2-C4H8 + CH3
⇀↽ C4H7 + CH4 1.00·1011 0.0 34.3 336
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5.7. p-C4H9 reactions

p-C4H9
⇀↽ C2H5 + C2H4 2.50·1013 0.0 120.6 337

p-C4H9
⇀↽ 1-C4H8 + H 1.26·1013 0.0 161.6 338

p-C4H9 + O2
⇀↽ 1-C4H8 + HO2 1.00·1012 0.0 8.4 339

5.8. s-C4H9 reactions

s-C4H9
⇀↽ 1-C4H8 + H 2.00·1013 0.0 169.2 340

s-C4H9
⇀↽ trans-2-C4H8 + H 5.00·1013 0.0 158.7 341

s-C4H9
⇀↽ cis-2-C4H8 + H 5.00·1013 0.0 158.7 342

s-C4H9
⇀↽ C3H6 + CH3 4.00·1014 0.0 139.0 343

s-C4H9 + O2
⇀↽ 1-C4H8 + HO2 2.00·1012 0.0 18.8 344

s-C4H9 + O2
⇀↽ trans-2-C4H8 + HO2 2.00·1013 0.0 17.8 345

s-C4H9 + O2
⇀↽ cis-2-C4H8 + HO2 2.00·1013 0.0 17.8 346

5.9. C4H10 reactions

C2H5 + C2H5
⇀↽ C4H10 8.00·1012 0.0 0.0 347

C4H10 → n-C3H7 + CH3 1.00·1017 0.0 357.6 348

n-C3H7 + CH3 → C4H10 2.00·1013 0.0 0.0 349

C4H10 + H → p-C4H9 + H2 5.63·107 2.0 32.2 350

p-C4H9 + H2 → C4H10 + H 9.12·1012 0.0 60.6 351

C4H10 + H → s-C4H9 + H2 1.75·107 2.0 20.9 352

s-C4H9 + H2 → C4H10 + H 1.54·1013 0.0 66.5 353

C4H10 + O → p-C4H9 + OH 1.13·1014 0.0 32.9 354

p-C4H9 + OH → C4H10 + O 1.48·1013 0.0 51.3 355

C4H10 + O → s-C4H9 + OH 5.62·1013 0.0 21.8 356

s-C4H9 + OH → C4H10 + O 7.35·1012 0.0 40.2 357

C4H10 + OH → p-C4H9 + H2O 4.13·107 1.7 3.2 358

p-C4H9 + H2O → C4H10 + OH 7.17·107 1.7 93.3 359

C4H10 + OH → s-C4H9 + H2O 7.23·107 1.6 −1.0 360

s-C4H9 + H2O → C4H10 + OH 1.28·108 1.6 89.1 361

C4H10 + HO2 → p-C4H9 + H2O2 1.14·1013 0.0 81.2 362

p-C4H9 + H2O2 → C4H10 + HO2 4.58·1012 0.0 41.1 363

C4H10 + HO2 → s-C4H9 + H2O2 6.80·1012 0.0 71.2 364

s-C4H9 + H2O2 → C4H10 + HO2 1.63·1012 0.0 31.0 365

C4H10 + CH3 → p-C4H9 + CH4 1.30·1012 0.0 48.6 366

p-C4H9 + CH4 → C4H10 + CH3 1.01·1013 0.0 77.7 367

C4H10 + CH3 → s-C4H9 + CH4 8.00·1011 0.0 39.8 368

s-C4H9 + CH4 → C4H10 + CH3 6.24·1012 0.0 68.9 369
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C4H10 + O2 → p-C4H9 + HO2 2.50·1013 0.0 205.2 370

p-C4H9 + HO2 → C4H10 + O2 2.50·1012 0.0 −9.2 371

C4H10 + O2 → s-C4H9 + HO2 4.00·1013 0.0 199.3 372

s-C4H9 + HO2 → C4H10 + O2 4.07·1012 0.0 −15.2 373

C4H10 + CH3O → p-C4H9 + CH3OH 3.00·1011 0.0 29.3 374

p-C4H9 + CH3OH → C4H10 + CH3O 1.22·1010 0.0 209.4 375

C4H10 + CH3O → s-C4H9 + CH3OH 6.00·1011 0.0 29.3 376

s-C4H9 + CH3OH → C4H10 + CH3O 2.44·1010 0.0 209.4 377

6. Iso mechanism

6.1. i-C4H7 reactions

i-C4H7
⇀↽ C3H4 + CH3 1.00·1013 0.0 213.6 380

6.2. i-C4H8 reactions

i-C4H8
⇀↽ C3H5 + CH3 5.00·1018 −1.0 307.4 381

i-C4H8
⇀↽ i-C4H7 + H 1.00·1017 0.0 368.5 382

i-C4H8 + H ⇀↽ i-C4H7 + H2 1.00·1013 0.0 15.9 383

i-C4H8 + O ⇀↽ i-C4H7 + OH 2.50·105 2.6 −4.7 384

i-C4H8 + O ⇀↽ i-C3H7 + CHO 7.23·105 2.3 −4.4 385

i-C4H8 + OH ⇀↽ i-C4H7 + H2O 9.60·1012 0.0 5.2 386

i-C4H8 + OH ⇀↽ i-C3H7 + CH2O 1.50·1012 0.0 0.0 387

i-C4H8 + CH3
⇀↽ i-C4H7 + CH4 6.03·1011 0.0 37.23 388

6.3. i-C4H9 reactions

i-C4H9
⇀↽ C3H6 + CH3 2.00·1013 0.0 125.34 389

i-C4H9
⇀↽ i-C4H8 + H 1.00·1014 0.0 151.88 390

i-C4H9 + O2
⇀↽ i-C4H8 + HO2 2.41·1010 0.0 0.0 391

6.4. t-C4H9 reactions

t-C4H9
⇀↽ H + i-C4H8 8.30·1013 0.0 159.63 392

t-C4H9
⇀↽ C3H6 + CH3 1.00·1016 0.0 193.0 393

t-C4H9 + O2
⇀↽ i-C4H8 + HO2 6.02·1010 0.0 −13.22 394

t-C4H9 + t-C4H9
⇀↽ i-C4H10 + i-C4H8 7.23·1016 −1.73 0.0 395

6.5. i-C4H10 reactions

i-C4H10
⇀↽ CH3 + i-C3H7 1.10·1026 −2.61 377.98 396

i-C4H10
⇀↽ t-C4H9 + H 1.00·1015 0.0 390.7 397

i-C4H10
⇀↽ i-C4H9 + H 1.00·1015 0.0 410.4 398
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i-C4H10 + H ⇀↽ t-C4H9 + H2 6.02·105 2.4 10.81 399

i-C4H10 + H ⇀↽ i-C4H9 + H2 1.81·106 2.54 28.27 400

i-C4H10 + O ⇀↽ t-C4H9 + OH 1.56·105 2.5 4.66 401

i-C4H10 + O ⇀↽ i-C4H9 + OH 4.28·105 2.5 15.25 402

i-C4H10 + OH ⇀↽ t-C4H9 + H2O 5.73·1010 0.51 0.27 403

i-C4H10 + OH ⇀↽ i-C4H9 + H2O 2.29·108 1.53 3.24 404

i-C4H10 + HO2
⇀↽ i-C4H9 + H2O2 3.01·104 2.55 64.85 405

i-C4H10 + HO2
⇀↽ t-C4H9 + H2O2 3.61·103 2.55 44.07 406

i-C4H10 + CH3
⇀↽ t-C4H9 + CH4 9.04·10−1 3.46 19.24 407

i-C4H10 + CH3
⇀↽ i-C4H9 + CH4 1.36·100 3.65 29.9 408

i-C4H10 + O2
⇀↽ i-C4H9 + HO2 4.04·1013 0.0 213.1 409

i-C4H10 + O2
⇀↽ t-C4H9 + HO2 3.97·1013 0.0 184.08 410

i-C4H10 + CH3O2
⇀↽ i-C4H9 + CH3O2H 3.01·104 2.55 64.85 411

i-C4H10 + CH3O2
⇀↽ t-C4H9 + CH3O2H 3.61·103 2.55 44.07 412

Table A.1.: Small hydrocarbons mechanism.

Reaction Ref. Reaction Ref. Reaction Ref. Reaction Ref. Reaction Ref.

6 [107] 206 [178] 268 [179] 317 [180] 365 [179]

21 [107] 207 [178] 269 [179] 318 [180] 366 [179]

23 [11] 213 [179] 270 [179] 319 [180] 367 [179]

24 [11] 216 [131] 271 [179] 320 [180] 368 [179]

28 [131] 217 [131] 272 [179] 321 [180] 369 [179]

30 [89] 218 [179] 273 [179] 322 [180] 370 [179]

70 [89] 219 [179] 274 [179] 323 [180] 371 [179]

74 [89] 220 [179] 275 [179] 324 [180] 372 [179]

82 [107] 221 [179] 276 [179] 325 [180] 373 [179]

84 [107] 222 [179] 277 [181] 326 [180] 374 [179]

86 [107] 223 [179] 278 [182] 327 [180] 375 [179]

89 [107] 224 [179] 279 [180] 328 [180] 376 [179]

90 [179] 225 [179] 281 [180] 329 [180] 377 [179]

91 [107] 226 [179] 282 [180] 330 [180] 380 [183]

92 [184] 227 [179] 283 [180] 331 [180] 381 [183]

107 [11] 228 [179] 284 [180] 332 [180] 382 [183]

108 [179] 229 [179] 285 [180] 333 [180] 383 [183]

111 [107] 233 [89] 286 [180] 334 [180] 384 [183]

112 [179] 236 [89] 287 [180] 335 [180] 385 [183]
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113 [89] 237 [36] 288 [180] 336 [180] 386 [183]

122 [92] 238 [185] 289 [180] 337 [180] 387 [183]

123 [11] 239 [36] 290 [180] 338 [180] 388 [186]

128 [92] 240 [36] 291 [180] 339 [180] 389 [187]

130 [11] 241 [36] 292 [180] 340 [180] 390 [188]

142 [131] 242 [36] 293 [180] 341 [180] 391 [187]

146 [11] 243 [36] 294 [180] 342 [180] 392 [187]

147 [89] 244 [36] 295 [180] 343 [180] 393 [11]

157 [89] 245 [36] 296 [180] 344 [180] 396 [187]

168 [11] 246 [36] 297 [180] 345 [180] 397 [183]

177 [189] 247 [36] 298 [180] 346 [180] 398 [183]

178 [89] 248 [179] 299 [180] 347 [89] 399 [187]

179 [190] 249 [179] 300 [180] 348 [179] 400 [187]

180 [190] 250 [179] 301 [180] 349 [179] 401 [187]

181 [190] 251 [179] 302 [180] 350 [179] 402 [187]

182 [89] 252 [179] 303 [180] 351 [179] 403 [187]

183 [178] 255 [11] 304 [180] 352 [179] 404 [187]

184 [178] 256 [11] 305 [180] 353 [179] 405 [187]

185 [191] 257 [11] 306 [180] 354 [179] 406 [187]

186 [191] 258 [11] 307 [180] 355 [179] 407 [187]

188 [178] 259 [11] 308 [180] 356 [179] 408 [187]

189 [192] 260 [11] 309 [180] 357 [179] 409 [187]

190 [193] 261 [179] 310 [180] 358 [179] 410 [187]

191 [109] 262 [179] 311 [180] 359 [179] 411 [187]

192 [193] 263 [179] 312 [180] 360 [179] 412 [187]

193 [194] 264 [179] 313 [180] 361 [179]

194 [194] 265 [179] 314 [180] 362 [179]

201 [178] 266 [179] 315 [180] 363 [179]

205 [178] 267 [179] 316 [180] 364 [179]

Table A.2: Non-CODATA references table.
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