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ABSTRACT 

Chemical processes impose a heavy burden on the world's natural resources, because 

they use raw materials to manufacture various products and require energy to drive 

them. Because these processes are also inefficient, much benefit to both industry and 

energy conservation can be derived from improvements in their design. 

This dissertation presents a technique that can be used to analyze the reactions that 

take place (often more than one, and in competition) in a reactor. This is done via the 

graphical representation of what occurs during a chemical process in terms of mass 

balance calculations used together with basic thermodynamic principles. This 

technique allows the researcher to identify which of the many possible reactions 

taking place in a reactor is/are likely to dominate in that particular chemical process, 

and the degree of transformation that is achievable.  

The graphical technique postulates that the chemical species involved create lines that 

define the reaction’s attainable boundaries in a G–H space. This makes it possible to 

evaluate the operating process; identify sources of inefficiency within it; establish 

systematic performance targets; and improve process performance. A collateral 

benefit is the contribution these improvements can make not only to the sustainability 

of the chemical processing industry but to conserving raw material sources and 

reducing negative environmental impacts.  

The most crucial element of the graphical technique is its use to locate the attainable 

region (AR) for chemical processes in a reactor. In this case it is a thermodynamically 

achievable region in the state space within which the reactor can function without 

violating thermodynamic boundaries, using only the process of reactions and mixing. 
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After finding the AR, we can interpret its boundary in terms of the likely limiting 

extents of reaction through mass balance calculations. By these means we can deduce 

the process reaction pathways. The technique is two-dimensional, allowing for easy 

and rapid interpretation of the results, such as the effects of changing the process feed 

and operating conditions. It also provides insight into the likely reactions achievable 

in the reactor under different process conditions. 

This approach was applied to the simultaneous methanol synthesis from syngas and 

water gas shift (WGS) reactions. The graphical plots show that the introduction of 

either water or CO2 or both to the feed opens up the mass balance region, resulting in 

WGS activity, which generates more reaction path alternatives, as does the reverse 

(RWGS) reaction. They also demonstrate that the change in Gibbs free energy across 

the reactor and the reaction pathways leading to the product are interlinked. The 

quantities involved y can be useful to the engineer in setting performance targets for 

chemical processes.  

The examples of graphical analysis supplied in this dissertation show that reaction 

path analysis could become an important tool in the preliminary stages of process 

design, because it can identify the most desirable reaction routes. 
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CHAPTER 1 

INTRODUCTION 

1.1 BACKGROUND AND MOTIVATION 

Energy is a fundamental need of a modern economy, because it is an essential 

constituent of nearly all goods and services. However, its use entails heavy 

environmental, financial, and security costs that cannot be quantified in economic 

terms alone. A strategic method for reducing the cost of energy while retaining its 

benefits is to use it more efficiently. (OTA, 1993)  

Chemical processes consume a high proportion of the world's natural resources, both 

as a source of the energy required to drive the processes, and as providing the raw 

materials on which the processes work to form various products. The chemical and 

petrochemical industries are responsible for 30% of global industrial energy use, and 

16% of direct CO2 emissions to the environment. More than half of this energy 

demand is dedicated to feedstock, which cannot be trimmed down through energy 

efficiency measures. (IEA, 2007) It follows that the responsibility for cutting back on 

the amount of energy needed for chemical processes rests on improving the efficiency 

of the processes used. This approach offers a number of benefits, particularly in the 

context of averting climate change. In other words, a reduction in fossil fuel 

consumption/utilization, as well as the recycling or sequestration of CO2, could 

contribute to a fall in the greenhouse gas emissions, especially carbon dioxide (CO2), 

which are regarded as the major contributor to global warming. Any reduction in 

fossil fuel consumption and improvement in the recycling of CO2 will contribute to a 
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drop in carbon emissions. This objective, and a global recognition of the need to 

reduce emissions and counter the depletion of non-renewable resources, has prompted 

the international community to endorse schemes such as the Kyoto Protocols to 

address the greenhouse effect and the consequent threat it is believed to pose to the 

world’s environment in terms of climate change. (EIA, 1999; McMillen et al., 1993) 

In order to develop energy-efficient chemical processes that focus on reduced raw 

material and energy requirements and the alleviation of adverse environmental 

effects, engineers are directing their design skills towards innovative operational 

systems that take into account such precepts as: The more reversible a process is, the 

less energy it will consume. Although a reversible system is not practical; it is purely 

hypothetical, as it would take an infinite amount of time to bring a reversible process 

to completion. However, it is essential for the thermodynamic analysis and 

understanding of processes. More effective systems will not only achieve the aims 

outlined above, but contribute to the industrial sustainability of the chemical 

processes. (Moran and Shapiro, 2006; OECD, 1998, 2001; IEA, 2008)  

Sustainability, simply put, ‘implies meeting present needs without conceding the 

capability of upcoming generations to meet their own needs’. (WCED, 1987; Song, 

2002) In other words, when an engineer designs a system, an important consideration 

is whether it will be viable in the future. For this reason, there is a need for designers 

to develop technology and equipment that generates energy in cleaner (more 

environmentally-friendly) ways. 

The production of methanol is yet another means of securing sustainable energy. The 

greatest challenge to its viability lies in the CO2 that is produced during the course of 

the synthesis reaction that forms methanol. However, the Carnol process utilizes CO2 
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to produce methanol as a promising liquid alternative to fossil fuel consumption, and 

it has the advantage of lower emissions. Thus the use of renewable methanol can 

contribute to a substantial reduction of CO2 emissions when renewable sources of 

energy are used as energy input and as such can be considered as a bridge to 

sustainability in the long term. (Choi et al., 2008; McMillen et al., 1993; Song, 2006; 

Specht et al., 1998; Steinberg, 1996) 

1.2 RESEARCH AIMS AND METHODOLOGY 

The subject of the research described in this dissertation is to consider what measures 

could render the production of methanol more efficient. The main objective of this 

project was to evaluate a chemical process, in this case the synthesis of methanol from 

syngas, using a simple graphical technique which could be useful to gain insight into 

the inner workings of a chemical system. This technique could be an important tool 

for chemical process designers, wishing to achieve not only optimal efficiency but a 

reduction in materials, energy consumption and carbon dioxide emissions, in this way 

fostering environmental and industrial sustainability. 

The more efficient a process is, the greater the proportion of the feed material is 

transformed into desired products using only a minimum amount of energy, which in 

turn reduces the amount of undesirable by-products (such as carbon dioxide). Many 

researchers have worked in the area of methanol synthesis. A number of them 

measured methanol synthesis rates, using only CO and H2, CO2 and H2, or CO, CO2 

and H2 feeds as the starting mixture, with the aim of gaining insight into what 

happens during the course of the reaction. However unlike other researchers, this 

work tends to look at what is the best possible pathway for methanol synthesis in 

order to minimize emissions (CO2) and energy or work input given a particular feed. 
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The approach chosen to fulfil the aims of this research involves the use of 

performance targets for a chemical process that are based on mass, energy and 

entropy (the second law of thermodynamics). The project presents a case study where 

methanol synthesis occurs simultaneously with the WGS reaction, and applies the 

thermodynamic properties and phase behaviour of the chemical systems to evaluate 

the process work targets. Previous work by Patel et al (2005) has shown that 

thermodynamic analysis is a very influential tool for the setting and evaluation of 

process targets. We use analysis of the mass, energy and Gibbs Free Energy of the 

process to quantify inefficiencies.  

Because material, energy and work balances can be formulated to give greater clarity 

on the inner workings of the process, it can proffer interesting insight into the design 

of new processes as well as ideas for enhancing the performance of older ones if 

properly used. Thus, it can serve as guide during the conceptual design of 

processes/reactors. (Shinnar, 1988; Smith, 2005) It is important that the new process 

design is capable of answering questions such as: What is the lowest amount of 

undesirable by-products a process can produce? and What is the relationship between 

the change in Gibbs Free Energy across the reaction and the reaction pathways and 

products?  This is equivalent to asking how much of the feedstock can be turned into 

desirable products by the process, (in other words, whether its objective function is 

maximising or minimising). It is important to be able to define targets (that is, predict 

achievable quantities) for chemical processes. For example, assessing whether a 

process is efficient or not can only be done by comparing the results (for example, the 

process yields Y tons of CO2 per ton of product) with the target for that process. 
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The purpose of this research is to extend the approach described above, and in 

particular to look at how it can be used to compare the reactions of a combined 

simultaneous process with regard to their kinetic models.  This allows us to synthesize 

flow-sheets that are reversible and which meet the process targets by implementing 

mass and energy integration. It also provides guidance on what design decisions 

would be best suited to developing new processes that are more effective and make 

lower demands on raw material and energy usage. 

Through the unique methods developed at Centre of Material and Process Synthesis 

(COMPS), these concepts can be used to provide practical insights into processes, 

establish rigorous performance targets, improve the performance of processes, 

conserve natural resources and reduce negative effects on the environment. The 

different methanol synthesis processes are evaluated to ascertain which is most 

feasible and has the lowest work requirement, and the information gained could lead 

to the design of an optimal process using the Attainable Region (AR) method 

developed by Hildebrandt, Glasser and Feinberg (Glasser et al., 1987; Hildebrandt 

and Glasser, 1990; Hildebrandt et al., 1990; Feinberg and Hildebrandt, 1997; Glasser 

and Hildebrandt, 1997). The approach also provides useful information for evaluating 

processes through likely limiting extents with respect to the reaction pathways, and 

comparison between the research findings and their theoretical targets in order to 

identify any possible energy savings that can be made. 

1.3 SIGNIFICANCE AND IMPACT OF THIS RESEARCH 

For the reasons already given, the research described in this dissertation aims to 

contribute to the current debate on how to improve the efficiency of chemical 

processes and recycle CO2 emissions. Ideally, the process described will contribute to: 
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 the reduction of CO2 emissions, which degrade the environment and accelerate 

the threat of climate change; 

 the use of smaller amounts of raw materials and energy, to increase process 

efficiency and lower costs, thus ensuring industrial sustainability; 

 the substitution of alternate sources of fuel from biomass, coal, or gases; and  

 the adoption of methanol fuel as an efficient source of energy that is 

renewable, economically competitive and has a low environmental impact.  

The importance of this research cannot be over-emphasized. Not only was the work 

supervised by experienced scientists in the field of process engineering, but it formed 

part of a much larger programme geared toward sustainability in the chemical 

industry. The results described in this document will be industrially relevant. 

1.4 THESIS OUTLINE 

The outline of the entire thesis is as follows. 

Chapter One contains a discussion of the background and motivation of the study; the 

challenges posed by threats to environmental sustainability; the objectives of the 

research; the research problem; the research methodology used; the contribution to 

knowledge this work is expected to make; and the potential impact of the research 

findings. 

Chapter Two comprises the literature review, which is presented in three parts. The 

first gives an overview of process design; and the second focuses mainly on 

thermodynamic analysis. The third discusses the methanol synthesis process, and 

covers an overview of the process description; the mechanism of CO and CO2 
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synthesis; and the role of water and the WGS reaction in the methanol synthesis 

process. 

Chapter Three explains in detail the methodology/approach used, the theory involved, 

the use of mass balances and extent calculations to map the extent plot, and its 

subsequent conversion to a G–H plot. In a bid to achieve the AR for the reactor, we 

consider the energy and work balances in the GH space, and the effect of operational 

parameters and the feed composition on the GH plot.  

Chapter Four discusses the estimated results of the methanol synthesis process under 

different process conditions. The analysis is made in terms of the reactor’s AR, the 

likely reaction pathway, and the reactions taking place within the reactor. This is 

succeeded by a second analysis of current industrial practice for methanol synthesis. 

Chapter Five gives a summary of the research undertaken, and makes 

recommendations for further development of the process used in the study, and its 

applicability to other chemical industrial processes. 
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CHAPTER 2 

LITERATURE REVIEW 

2.1 PROCESS DESIGN 

In the chemical industry advances are made through innovative developments, like 

the introduction of new processes, and via the upgrading of existing processes by 

generating engineering alternatives and choosing the most favourable option. 

(Cisternas, 1999) As changes occur in the availability and cost of raw materials and in 

product demand, engineers continually search for alternative technologies that offer 

better optimizing processes and satisfy the demands of the ever more stringent 

environmental regulations. (Sachmidt, 1998) 

Chemical engineers, who are responsible for the economical operation of chemical 

plants, have dedicated substantial time to the study and assessment of engineering 

systems that affect the economics of processes. (Hlavacek, 1978; McMillen et al., 

1993) Hence, over the years process design, which creates structures for systems to 

convert raw materials into useful products through synthesis and analysis, has become 

an increasingly important area of chemical engineering. (Cisternas, 1999) With the 

aid of process simulation software (such as Aspen Plus), operational models and 

simulation algorithms, engineers are able to calculate and simulate results that 

generate accurate data concerning a particular process plant. (Costal et al., 2005)  

Synthesis and analysis are the two key steps in the designing of a chemical process. 

Whereas synthesis comprises establishing and clarifying the structure of the process 

from the inputs and outputs, analysis involves ascertaining the outputs resulting from 
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the process structure and the inputs, and is typically related to modelling or simulating 

a particular process. (Patel et al., 2007)  Simply put, analysis entails studying the 

process alternatives to assess their behavior, and then selecting the process that serves 

the design objective best. Hence, synthesis and analysis can be seen as 

complementary activities in the design of processes. 

However, a significant component of synthesizing processes from the available 

equipment is the ‘high dimensionality’ of achievable designs. (Hlavacek, 1978) As it 

is impracticable to consider all the physical characteristics of any engineering 

problem, the designer of a process has to simplify. This means that the size of the 

problem is broken down into manageable parts or sub-systems that can be dealt with 

more easily. (Peng et al., 1997) 

Process synthesis is the most innovative stage of process design because during the 

hypothetical phase it entails developing possible process solutions or ways of 

modifying existing ones. The decisions made by the process engineer can 

substantially affect the performance and operating cost of a process, the capital 

needed to launch it commercially, the quality of the products, its operational safety, 

and its environmental impact. (Hlavacek, 1978; Cisternas, 1999; Patel et al., 2007)  

In recent years, reaction path synthesis has become an essential tool of process 

synthesis, because of its effectiveness in recognizing the most desirable reaction route 

when several are being assessed. (Cisternas, 1999) In 1968, Rudd was the first to 

propose a method for the synthesis of processes. Since then several works have been 

published on the subject, among them research on the systematic development of new 

reaction paths via different techniques by Rotstein et al., (1982), Stephanopoulos et 

al., (1982), and Stephanopoulos and Townsend (1986). The synthesis approach they 
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presented, which falls within the scope of orderly evaluation, was based on using 

algebraic and thermodynamic tests to screen out alternative reaction schemes that 

were unacceptable on the grounds of low equilibrium conversion. Stephanopoulos and 

associates posited the thermodynamic properties of reactions as the basis of path 

synthesis. (Brown et al., 1991; Peng et al., 1997) In addition, Rotstein et al. (1982) 

made a technical advance in identifying some ‘topological or algebraic properties’ 

that chemical reactions share within the Gibbs free energy change and temperature 

(ΔG,T) sphere of influence, and used them to assess the thermodynamic achievability 

of a number of reactions and to identify different reaction paths concurrently. Fornari 

et al., (1989) extended this tool to systems having two degrees of freedom. (Peng et 

al., 1997) 

While the overall objective of process designers is to optimize the effectiveness of 

new or existing processes, they tend to encounter a number of obstacles, among them 

economic constraints, design complexity, safety and environmental considerations, 

and inadequacy in the efficiency of equipment. They also face changing demands, as 

those working in the field of process synthesis are expected to find new chemical 

reaction pathways/routes that can better serve the demands created by alterations in 

economic and environmental conditions, and the need both to conserve the rapidly-

depleting supply of raw materials and to save energy. 

2.2 THERMODYNAMIC ANALYSIS 

The performance of chemical reactors is of paramount interest to chemical engineers, 

because it is the heart of any chemical process through which raw materials are 

converted into the desired products. The objective function of chemical engineers is to 

analyze systems in which chemical reactions are taking place (chemical reactors) and 
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apply the outcome of the analysis to the development of cost- and energy-efficient 

processes. This is achieved by studying the behaviour of the chemical species reacting 

in the system so as to evaluate operating parameters, such as temperature and 

pressure, which affect the overall process. (Hill, 1977; Patel et al., 2005) 

Given a reactive system with known reactants and products, the number of possible 

reactions that could be employed to form desired products might be infinite, but only 

a few of them are realizable physically. (Lien and Perris, 1996) Thermodynamics is 

essential to the determination of reaction yield, since chemical reactions occur as a 

result of changes in the enthalpy and Gibbs free energy of the system, brought about 

by the formation, destruction, or rearrangement of chemical bonds. Thus 

thermodynamic analysis can be added to the mechanism of reaction and the economic 

potential of the product as criteria to evaluate an overall reaction. This enables 

process engineers to categorize them into feasible (that is, achievable) and infeasible 

(impracticable) overall reactions. The latter can be achievable only through a number 

of feasible division reactions. (Peng et al., 1997) Hence, what makes thermodynamics 

an essential tool for the determination of reaction yield is that it sets boundaries on a 

reaction's achievable yield. A reaction is said to be thermodynamically feasible if a 

process yield, as specified by thermodynamics, ensures economic feasibility. 

(Holiastos and Manousiouthakis, 1998) 

The advantage of using thermodynamic relations to analyze chemical reactions is that 

they do not require precise kinetic data. The relative magnitudes of the reaction rates 

and the range of temperatures over which these relations apply can be estimated, 

(Shinnar and Feng, 1985) which makes thermodynamic analysis a powerful tool for 

process improvements and development, both for chemists as well as process and 
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chemical reactor designers. (Shinnar, 1988) However, its greatest flaw lies in the fact 

that though it is exceptionally general in its applicability for solving many significant 

problems, it is unable to answer explicitly questions arising from the problems. For 

example it can tell that a process will occur, but not how fast it will occur and as such 

it cannot be used alone, in the determination of transport process or for the design of a 

reactor/process. Furthermore, thermodynamics does not provide the deep insite into 

chemical and physical phenomena that is afforded by micro-scopic models and 

theories. (Annamalai and Puri, 2002) 

Previous research has shown that thermodynamic analysis can be of particular service 

in setting and evaluating process targets, because it provides extremely accurate 

information on a reaction’s path synthesis and attainable yield, which can be applied 

to identifying the optimal process. This is generally done via the mass and energy 

balances and Gibbs Free Energy analysis of the process, which quantify process 

inefficiencies. Various scientific studies have shown that addressing these 

shortcomings is essential to process optimization (May and Rudd, 1976; Glasser and 

Hildebrandt, 1997; Patel et al., 2007). 

The methodical examination of chemical reactions started with Damkohler’s work on 

reactions and mass transfer in Germany in the 1930s and 1940s. Van Heerden in 

Holland studied temperature variations in reactors, while Danckwerts and Denbigh in 

England focused on mixing, flow patterns and multiple steady states. (Sachmidt, 

1998) Denbigh (1956) first drew attention to the use of the second law of 

thermodynamics as important to chemical reactor and process design. Since then, 

many other researchers have published reports on the same subject. (Aris and Mah, 

1963; Hendry et al., 1973; Riekert, 1974; Umeda et al., 1979; Berg, 1980;  Nishida et 
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al., 1981; Shinnar et al., 1981; Rotstein et al., 1982; Shinnar et al., 1982; Shinnar and 

Feng, 1985; Stephanopoulos and Townsend, 1986; Shinnar, 1998). In 1976 May and 

Rudd proposed a method to synthesize thermodynamically feasible Solvay clusters 

using the principle of mass conservation, and the conditions imposed on the free 

energy change of reaction. This led to the testing of the thermodynamic feasibility of 

a reaction on a single free energy reaction diagram, as long as the reaction can form a 

nested polygon that exhibits the appropriate model of free energy differences 

intersections. (May and Rudd, 1976) 

Horn (1965) was the first to introduce the ‘attainable region’ (AR) approach to 

analyzing processes, which was taken further by Glasser et al., (1987) who  

developed a geometric technique to establish the AR for chemical systems. This is 

used to determine the ‘limits on the distribution of products which one can obtain by 

any combination of reaction and mixing’. Over the years that followed, Glasser and 

Hildebrandt refined this technique to describe how the AR for two quantities that 

follow linear mixing laws can be generated. (May and Rudd, 1976; Glasser et al., 

1987; Feinberg and Hildebrandt, 1997; Glasser and Hildebrandt, 1997) 

As soon as the stoichiometric coefficients of all the chemical species in an overall 

reaction are established, it is easy to determine the Gibbs free energy change and 

conversion ratio of raw materials to products at a specified temperature by means of 

mass balance calculations. (Peng et al., 1997) For an overall reaction to be 

thermodynamically feasible, the Gibbs free change must be less than zero (that is, 

negative), while that with the value of ΔG that is always greater than zero in the 

specified temperature range is regarded as infeasible. (Chen et al., 2009; Li et al., 

2000; Hardiman, 2001) Even though negative values of ΔG point toward favourable 
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reactions, very large negative values might indicate very low stability in the basic 

reactants/products and as such are not preferred. (Cisternas, 1998) However, an 

environmentally suitable and thermodynamically viable overall reaction with 

maximal economic potential can be identified by solving the optimization problem. 

(Crabtree and El-Hawalgi, 1994; Peng et al., 1997) 

The enthalpy change in reaction (H) provides information that is necessary for any 

engineering analysis of the system in terms of the first law of thermodynamics, and 

can control any ‘reaction selection process’. It decides whether heat is absorbed or 

liberated for any given extent of reaction (that is, its exothermicity or endothermicity 

respectively). (Levenspiel, 1999) It can also be used to determine the consequences of 

a change in temperature on the equilibrium constant/equilibrium conversion and thus 

on the reaction yield. A reduction in temperature results in raised equilibrium 

conversion in exothermic reactions, as do an increase in pressure in gas reactions, 

which increases conversion when the number of moles decrease with reaction. 

(Cisternas, 1999; Levenspiel, 1999) Other advantages Gibbs free energy change can 

offer are determining how changes in the process variables can influence the yield of 

the reaction, quantifying the thermodynamic inefficiencies in chemical processes, and 

determining whether or not chemical equilibrium exists in the particular system being 

studied (Equilibrium in any system is reached when ΔG = 0 for a particular reaction). 

(Hardiman, 2001) 

Since enthalpy (H) and Gibbs free energy (G) are state functions, changes in these 

quantities will not depend on the number of stages by means of which the reaction 

takes place. The standard enthalpy change of formation of a compound from its 

elements and the standard free energy of formation (Gibbs free energy), are denoted 
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by the symbols H
0

f and G
0

f respectively. (Hill, 1977; Hlavacek, 1978; Fornari et 

al., 1989; Holiastos and Manousiouthakis, 1998). 

Nevertheless, given the relation between equilibrium constant (K), ΔG
0 

and ΔH
0
 in 

addition to the dependence of each on temperature (T) and pressure (P), a 

methodology based on mass balance calculations can be developed to analyze and 

understand the thermodynamic feasibility or lack of it for any reaction under 

consideration. The aim is to find a thermodynamic region in which the reaction 

becomes feasible under different process conditions based on Gibbs free energy, since 

the latter is a function of process conditions. (Holiastos and Manousiouthakis, 1998) 

2.3 METHANOL SYNTHESIS 

Methanol (CH3OH), which is also known as methyl or ‘wood’ alcohol, can be made 

from an array of carbonaceous materials. When it first became an item of commercial 

value in the later part of the nineteenth century it was prepared from biomass. In 

contrast, almost all the methanol produced today is made from natural gas, but it can 

also be synthesized from an array of renewable resources such as biomass and carbon 

dioxide-rich waste. This makes it possible for the production of methanol to act as a 

bridge between traditional and renewable technology. Currently, most of the methanol 

manufactured is synthesized in large-scale plants from syngas (H2, CO, and CO2). 

[Biegler et al., 2002] The process involves the production of syngas by the steam 

reforming or partial oxidation (Lee and LeBlanc, 1993) of methane, its subsequent 

conversion to methanol, and further refining of the crude methanol to the desired 

specification. (McMillen et al., 1993; Grue and Bendtsen, 2003)  
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Methanol can also be manufactured from hydrogen and carbon dioxide, by first 

converting the most of the CO2 to CO using RWGS, which makes it suitable for the 

conventional methanol synthesis process. However, this requires adjustment of the 

CO2 content and stoichiometric number to 2.05 to maximize the methanol yield. 

(McMillen et al., 1993) 

The volume of methanol manufactured industrially is exceptionally large, because it 

is one of the bulk chemicals most in demand due to its wide range of application.  

Methanol may be converted to gasoline by the Mobil process (NZIC, 1998) and can 

also be converted to electrical power (AMI reported in 1998 that its efficiency was 

above 34%, which is higher than that of the existing gasoline engines). Methanol is 

also frequently used as an intermediate or raw material in the synthesis of other 

various chemicals, such as formaldehyde, dimethyl terephthalate, methylamines and 

methyl halides, methyl methacrylate, acetic acid, gasoline. (NZIC, 1998) It can 

function as a solvent for domestic and industrial purposes, because it combines 

readily with an array of organic liquids as well as with water. (Law et al., 2008), and 

serve as an automotive fuel. From the ecologically-aware and technical points of 

view, methanol is the preferred replacement for the petroleum currently used for 

internal combustion engines and in fuel cells.  

Engineers believe that methanol can be the vehicle for a transition from resource-

depleting energy to renewable sources of power that would drastically reduce the cost 

and the environmental burden created at present by the need for transportation fuel 

and electric power generation. It could also herald a shift to more efficient 

technologies. (AMI, 1998, 2000; Specht et al., 1998) Current estimates are that 
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methanol could supply up to half of the world’s energy demands by the end of the 

twenty-first century. (OTA, 1993; McMillen et al., 1993; EIA, 1997) 

The synthesis of methanol for commercial use began in the 1920s, when BASF 

chemists (using BASF equipment for ammonia synthesis) in Germany first 

synthesized it in 1923 as part of the German research drive for high-pressure 

operations using hydrogen and synthesis gas. The drive led to a number of influential 

technological advances, among them the Haber–Bosch ammonia synthesis process, 

the hydro-desulphurization processes, (Bergius, 1920) and the Fischer–Tropsch (Hans 

Fischer and Franz Tropsch, 1923) and methanol synthesis processes. (Tijm et al., 

2001) The early process developed by BASF to produce methanol operated at high 

temperatures (roughly 320–450°C) and pressures (up to 250–350 bars), using a zinc-

oxide/chromium-based catalyst (ZnO/Cr2O3). (Satterfield, 1991; Tijm et al., 2001) 

Known as a ‘high pressure’ process, it remained the dominant technology for over 45 

years. However, in the mid-1960s, Imperial Chemical Industries (ICI) in the United 

Kingdom made a major breakthrough using a copper-based catalyst. They developed 

catalysts that could operate at relatively low pressures (35–55 bars/35-80), and 

temperatures (200–300°C). (Tijm et al., 2001) These ‘low pressure’ processes 

revolutionized the industrial production of methanol from synthesis gas. (Kung, 1980; 

Klier, 1982) 

Since its commercialization in 1923, the technology of methanol synthesis has 

undergone several changes, prompted by the need to reduce the industrial investment 

costs that determine the production cost. Today, methanol is commercially produced 

in industries from CO/CO2/H2 using the ICI or Lurgi processes, which operate at 

lower temperatures and pressures (250°C, 50 bars), using a copper-zinc-based oxide 
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catalyst CuO/ZnO/Al2O3 catalyst. (Nakamura, 1996) These amendments resulted in a 

significant decrease of the compression and heat exchange duty in the recycle loop, 

lower capital and energy costs, enhanced operational reliability and allowed greater 

flexibility to the designers responsible for determining the size of the production 

plant. The lower reaction temperature also improved the selectivity of the product by 

suppressing the co-production of light hydrocarbons. (Satterfield, 1991; McMillen, 

1993; Kirk, 1998; Larkin, 1999; Hardiman, 2001; Lange, 2001; Tijm et al., 2001; 

Reubroycharoen et al., 2003). 

The efficacy of methanol synthesis is limited by thermodynamics because it is a 

strongly exothermic reaction that occurs over a catalyst bed and proceeds under 

volume contraction (that is, it results in volume reduction). This means that better 

conversion is achieved at low temperatures and high pressures. (Herman et al., 1981; 

Graaf et al., 1986; McMillen, 1993; Hardiman, 2001; Lange, 2001; Tijm et al., 2001; 

Banister and Rumbold, 2005) However, although the equilibrium conditions favour 

low temperatures and high pressures, methanol reactors are operated at temperatures 

in the range of 200–300°C to guarantee catalyst activity and effective utilization of 

the heat of reaction. This results in low conversion, usually less than 20%, per pass, 

(Marchionna et al., 1997 ; Reubroycharoen et al., 2003) owing to the thermodynamic 

equilibrium limitations of the process. Because the reactor converts a limited quantity 

of syngas into methanol, a huge amount of unreacted gas needs to be recycled, and a 

flush with purge gas is required to remove impurities. (Herman et al., 1981; Graaf et 

al., 1986; Joo et al., 1999; Enick et al., 1999; Grue and Bendtsen, 2003)  

It follows that the use of a low-temperature and low-pressure process for methanol 

synthesis will not only use far less energy than the high-pressure equivalent, but will 
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greatly reduce the manufacturing cost by taking advantage of the inherent 

thermodynamic benefit gained at low temperature. (Tijm et al., 2001; Zeng et al., 

2002; Reubroycharoen et al., 2003) However, the reactions involved in the 

commercial synthesis of methanol are exothermic, and as a result the process requires 

substantial cooling duty. On the other hand, Le Chatelier’s principle or a more explicit 

equilibrium calculation both show that the RWGS reaction is endothermic, with the 

WGS reaction proceeding further when the temperatures are relatively low. Hence, 

there is a predisposition towards the conversion of carbon dioxide to carbon 

monoxide at higher temperatures, whilst the conversion of steam and CO to CO2 and 

hydrogen is favoured by thermodynamic equilibrium at low temperatures. (Benson, 

1981; Skrzypek et al., 1990) The equilibrium-limited nature and exothermicity of the 

methanol synthesis reaction suggest the possiblity of driving up productivity and 

cutting down the size of reactors through clever thermal management. (Banister and 

Rumbold, 2005) This would also result in vastly reduced costs, because at present 

most of the investment cost of methanol synthesis plants arises from the recycling of 

unconverted gas, the large energy demand and the cooling required. (Klier et al., 

1982; Joo et al., 1999; Lange, 2001; Tijm et al., 2001; Reubroycharoen et al., 2003; 

Grue and Bendtsen, 2003; Banister and Rumbold, 2005) 

The major improvements in the methanol synthesis process over the decades have 

concentrated mainly in the area of catalyst formulation to increase productivity and 

selectivity as well as the design of more efficient reactors to minimize both energy 

use and adverse environmental effects. (Hardiman, 2001) 
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2.3.1 Chemistry of Reactions/Process Description 

In their published work, Parameswaram (1987) and Lee et al. (1988, 1989) have 

provided authoritative descriptions of the chemistry of the conversion of syngas to 

methanol based on thermodynamic equilibrium and material balance calculations. 

They expressed the opinion that the chemistry must be coherent with the direction of 

the reversible reactions that are influenced by changes in Gibbs free energy and 

material balance calculations.  

In general, the synthesis of methanol from synthesis gas (CO/CO2/H2) for commercial 

purposes occurs over Cu/ZnO catalysts, although CO2 injection is sometimes 

considered as an alternative in some schemes. (Chinchen et al., 1987; Liu et al., 

1984/85; Lee et al. 1993; Muhler et al., 1994; Tijm et al., 2001) It is not only strongly 

influenced by thermodynamic factors but involves the hydrogenation of carbon oxides 

(both CO and CO2) with hydrogen. This is in agreement with the findings of Graaf et 

al., (1988)
 
as well as Lee et al., (2008). Therefore, the formation of methanol from 

syngas can be presumed to consist of the following two major reactions:  

CO methanol synthesis: CO + 2H2 → CH3OH (Δ H298K = −90.68 kJ/mol)   (1) 

CO2 methanol synthesis: CO2 + 3H2 → CH3OH + H2O (ΔH298 = −49.38  kJ/mol)  (2) 

In addition, the WGS/RWGS reactions occur simultaneously over the copper catalyst 

in the methanol synthesis reaction because of the hydrogenation of CO2. (Lange, 

2001; Tijm et al., 2001) 

RGWS/Water-gas shift reaction: CO + H2O ↔ CO2 + H2 (ΔH298K = ±41.12 kJ/mol) (3) 
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The WGS reaction is considered a very rapid reaction at the initial stage of synthesis. 

it is fairly exothermic to the right, and consequently the gas will become CO2-rich. 

CO2 exhibits the lowest conversion rate. (Choi and Stenger, 2002; Reubroycharoen et 

al., 2003) 

Both the methanol synthesis (Equations 1 and 2), and the WGS (Equation 3) reactions 

take place simultaneously. However, to simplify the thermodynamics analysis in this 

dissertation, we take only the independent reactions (1 and 3) into account, since 

Equation (2) is merely a summation of Equations (1) and (3): 

CO + 2H2 → CH3OH       (1) 

CO2 + H2 ↔ CO + H2O      (3) 

CO2 + 3H2 → CH3OH + H2O      (2) 

In the presence of CO2 and/or water (which is usually the case), the synthesis is 

believed to occur mainly through reaction (2), followed by the WGS reaction (3) to 

regenerate the CO2, (Liu et al., 1984/85; Chinchen et al., 1987; Lee et al., 1993; 

Muhler et al., 1994) which suggests that CO2 and not CO is the main source of carbon 

for the synthesis. (Yoshihara et al., 1995) The results of transient experiments with 

Cu/ZnO/A12O3 catalysts carried out by Chinchen et al. (1987) are in agreement with 

this assumption. Therefore, the WGS reaction can be said to play a significant role in 

methanol synthesis by increasing the consumption of CO.  

However, over the years there has been great controversy among researchers in the 

field over both the role of CO2 in the reaction mechanism and the nature of the active 

site on the surfaces of the catalysts used in the synthesis, since their contribution is 

not properly reflected in the reaction models. (Lee et al., 1989; Yoshihara et al., 1995; 



22 

 

Nakamura et al., 1998; Lange, 2001; Reubroycharoen et al., 2003; Lee et al., 2008; 

and others)  

Although methanol is the only alcohol that lends itself to very selective synthesis 

from CO and H2, (Ebbeson et al., 2000), the selectivity for methanol is so low that 

sufficient water builds up to cause thermodynamic equilibrium limitations to the 

methanol synthesis reaction. (Lee et al., 1989) All three of the reactions involved in 

the methanol synthesis process are limited by chemical equilibrium. (Law et al., 

2008). Although most methanol catalysts convert CO rather than CO2, the rate of 

conversion from CO/H2 synthesis gas has been shown to increase considerably with 

the addition of either CO2 or H2O or both. (Herman et al., 1979) An area of particular 

interest is the conflicting effects on the methanol formation rate of the ratio of 

CO2/CO in the feed. (Lee et al., 1993)  

Reports from other researchers have shown that the rate of methanol formation is 

relatively low if there is insufficient CO or CO2 in the syngas feed (in the case of CO2 

this would usually be between 2.5–3.5%). Dynamic tests conducted by Klier et al. 

(1982) established that for methanol synthesis from CO/CO2/H2 feed, an optimal 

concentration of less than 10% CO2 is essential to facilitate CO hydrogenation or 

conversion. (Lee et al., 1989; McMillen, 1993; Wang, 2006) For this reason, carbon 

dioxide, CO2 is seen as a promoter of the synthesis at low concentrations, and a 

retardant at high concentrations. (Klier et al., 1982) Also, Chanchlani et al. (1992) 

observed that below 250°C, methanol synthesis rates demonstrated a slow, almost 

even rise with increasing CO2 concentration, while at higher temperatures the rate of 

synthesis accelerated. This was believed to be a result of the change in the 

significance of CO and CO2 as the main source of methanol in the synthesis, with 
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CO2 as the dominant source at the above mention condition. Denny and Whan (1978)
 

reported an increase in methanol yield at 250°C and a feed of CO2/CO/H2 in the ratio 

6:24:70, and concluded that the increase in methanol yield was not attributable to CO2 

hydrogenation. (Klier et al., 1982) However, Kung et al. (1984) postulated that the 

positive influence of CO2 recorded in their work might indicate that the 

hydrogenation of CO2 occurs faster than that of CO, or that the hydrogenation of CO 

is enhanced by co-adsorption of CO2. 

2.3.2 Mechanism of CO and CO2 synthesis 

Though the mechanism for a given reaction can be described only after laboratory 

investigation (Li et al., 2000), there has been little agreement on fundamental aspects 

of the reactions involved in the methanol synthesis and the WGS reactions. 

Researchers all over the world have conducted series of experiments to ascertain the 

reaction pathway for methanol synthesis, and have come up with different results and 

conclusions. (Rozovskii, 1980; Chinchen et al., 1987, among many others) These 

debatable topics include:  

 whether the main source of carbon for methanol synthesis from CO-CO2-H2 

mixtures is CO or CO2;  

 whether the catalyst surface is where the critical stage of synthesis occurs;  

 which of the surface intermediates are involved in both reactions; and 

 whether there is a unique synergy between copper and zinc oxide that gives 

high activity in both reactions. (Chinchen et al., 1987)  

While some scientists believe that the synthesis of CO is the pathway, others hold the 

opposite opinion (that CO2 synthesis provides the pathway). Boomer and Morris 
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(1932) were the first to propose a mechanism that identified CO as the main source of 

carbon in methanol synthesis, and that the function of carbon dioxide was merely to 

control the activity of the copper in the catalyst, and is hydrogenated to methanol only 

after it has been transformed to CO by the RWGS reaction. (Herman et al., 1979; 

Klier et al., 1982; Lee et al., 1993) This is followed by the hydrogenation of carbon 

monoxide. (Peng et al., 1997) Extensive research by Russian scientists Kagan et al., 

(1975), Rozovskii et al. (1977), Rozovskii (1980) and Rozovskii (1989) resulted in 

the conclusion that methanol was made mainly from CO2.  

In 1987 Chinchen et al. attempted to resolve these uncertainties through extensive 

experimentation using isotope-labelling experiments under the practical industrial 

reaction conditions 50 bar and 250°C. (Klier et al., 1982) They reported that carbon in 

methanol synthesis with a CO/CO2/H2 feed, dioxide is the main source of carbon; that 

hydrogenolysis of adsorbed formate is most likely to be the rate-limiting step; and that 

the conversion of CO to methanol and the WGS takes place to a lesser degree than the 

synthesis itself. Even more, they found that different surface intermediates are 

involved in the methanol synthesis and WGS reactions. Bowker et. al. (1981) also 

declared that CO2 was the predominant reactant in the methanol synthesis mechanism. 

They also found that at higher CO2/CO ratios, methanol was formed almost entirely 

from CO2. Lee et. al. (1993) reported that the rate of methanol synthesis tended in 

most cases to be more rapid with CO2/H2 than with CO/H2, especially at low 

temperatures. This led to the conclusion that the main source of methanol with 

CO/CO2/H2 feed is CO2. (Chinchen et al., 1987; Lee et al., 1993) These results agreed 

entirely with those of Rozovskii (1980) and Rozovskii 1989), obtained under similar 

operating conditions. (Lee et al., 1993)  
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Notwithstanding this body of evidence, the subject remains contentious because the 

three main reactions involved in the methanol synthesis process seem to compete with 

one another in the course of the hydrogenation process, via various intermediates. 

(Chanchlani et al., 1992; Joo et al., 1999). Conversely, some of these inconsistencies 

between various sets of experimental results can be attributed to the choice of, and 

varieties of, the experimental conditions used. For example, how the catalyst was 

prepared might affect the results because the nature of the catalyst used (whether bulk 

or surface) is dictated by the reaction conditions. Another source of disagreement 

would be differences in individual interpretations of the experimental findings. 

(Spencer, 1981) It is pertinent to note here that these studies were carried out under 

different process conditions and using dissimilar catalytic media and parameters, 

which might account for variations in the CO and CO2 specificality/selectivity affinity 

of the catalyst mediums.  

Accordingly, the thermodynamic analysis provided in this dissertation will throw 

more light on the process pathway and reaction sequence of the methanol synthesis 

reaction as well as that of other industrial-chemical processes. 

2.3.3 The Role of Water and the Water Gas shift Reaction 

Water plays a very important role in modifying the reaction environment, and 

consequently affects the rate of methanol synthesis [Parameswaran, 1987] through the 

WGS and RWGS reactions, which depend on the presence of water in the system. 

(Lee et al., 1993) An optimal water concentration in the reactor results in the highest 

achievable methanol synthesis rates. (Klier, 1982) However, an accumulation of water 

in the catalytic system may cause damage through leaching the catalyst components 

and promoting crystallite growth. The ideal concentration of water within the reactor 
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is determined by a balance between the rates of the CO2 hydrogenation and the WGS 

reactions. This optimum is largely dependent on the composition of the syngas in the 

reactor, and, to a lesser extent, on the reaction temperature. (Parameswaran, 1989; 

McMillen, 1993) 

Usually there is a difference between the ratios of carbon oxide to hydrogen in the 

syngas that is produced by steam reforming and that required for methanol synthesis. 

The need to adjust this ratio emphasises the importance of the WGS and RWGS 

reactions (Oudar, 1980) in methanol synthesis. The significance of these reactions in 

converting carbon monoxide to carbon dioxide was first acknowledged in the latter 

part of the twentieth century (Wainwright and Trimm, 1995). Ideally, the 

stoichiometry number (which is the ratio H2 – CO2:CO – CO2 and not the molar ratio 

H2:CO) of the synthesis gas required for methanol synthesis should be 2.0. However, 

a small increment in hydrogen that increases the stoichiometry number to 2.05 has 

been found to improve catalytic performance, leading to more efficient production of 

methanol. Generally, the syngas produced from fossil fuels using different gasifiers 

covers an array of feed gas compositions (CO-free, CO-rich or hydrogen-rich syngas), 

and consequently the stoichiometric value has to be adjusted. The WGS reaction is an 

efficient process operation that can be used to achieve the correct syngas feed balance 

for the efficient production of methanol. (Liebner, 1988; Amor, 1988; Unnasch, 1991; 

Lee and LeBlanc, 1993; McMillen, 1993; Geissler et al., 2001; Lange, 2001). 
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CHAPTER 3 

METHODOLOGY 

Fundamental to the determination of reaction yield are thermodynamics. They provide 

an appreciative knowledge of the degree and nature of energy transformations, as well 

as relations between properties such as energy, in terms of temperature and pressure. 

Hence, thermodynamic analysis if properly utilized can predicts what happen in a 

chemical reactor, since the properties of substances can be determined using relevant 

state equations. Taking into account their relationship and dependence on temperature 

(T) and pressure (P), one can develop a methodology to analyze and consequently 

understand the performance of chemical systems. The objective was to find a region 

within which any reaction becomes thermodynamically feasible, even under different 

process conditions, since free energy is a function of these conditions. (Annamalai, 

and Puri, 2002; Holiastos and Manousiouthakis, 1998; Sachmidt, 1998) We therefore 

carried out an analysis of the thermodynamics of the process by calculating the 

changes in enthalpy, ΔH
0
 and ΔG

0
 of the reactions, and the mass balances involved in 

the synthesis of methanol. It is assumed that the synthesis is completely in a gas 

phase, with pure feed and product streams as shown in Figure 1. The system was 

considered to be in an ideal gas state, and hence the ideal gas property values were 

obtained from aspen property for this analysis.  

 

Figure 1: A schematic representation of a process showing feed and process streams. 

Reactor

Pure Product StreamPure Feed Stream
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Although there is a great gap between what the catalyst systems currently used in 

commercial methanol synthesis allow and what thermodynamic analysis requires, 

(Peng et al., 1997) we offer an approach to improving the performance of this 

chemical process that aims to bridge that gap. 

Chemical reactors such as gasifiers, reformers, and those used for methanol and 

Fischer–Tropsch (FT) synthesis are complex pieces of equipment in which many 

kinds of reaction may take place. The performance of reactors is limited by the mass 

balance (basically, the composition of each species in the reactor), which must remain 

positive. Another limiting factor is the energy balance, which is generally related to 

the value of H, and determines whether heat needs to be added or removed. 

Entropy/work balance, which is linked to the G of the process, corresponds with the 

amount of work that needs to be added to (G ≥ 0) or removed from (G ≤ 0) the 

reactor. Generally, the requirement is that the G of all the reactions (excluding the 

mixing) should be less than, or equal to, zero (G ≤ 0). The only mechanism we have 

for adding work in most reactors is via mixing. Although the increment of work is 

usually very small, the ∆G of mixing, which might cause the limiting line to become 

convex or concave was excluded in this study. 

The issue of selectivity becomes important when more than one reaction occurs in the 

reactor, because this raises the questions, Which of the reactions is dominant? and 

How do temperature and pressure affect this favoured status? These need to be 

investigated and answered before the conceptual design of a chemical process can be 

put in hand.  



29 

 

This chapter examines the interaction between competing reactions in a reactor in 

terms of mass balances and thermodynamic analysis. Since there are often many 

contending reactions, we offer a simple way to assess which of the many possible 

reactions are likely to dominate by applying a simple graphical technique that uses 

thermodynamics to locate ARs.  In this case, ‘AR’ is a thermodynamically achievable 

region in the state space within which the reactor can function without violating 

thermodynamic boundaries. By looking at the reactions taking place in the reactor and 

determining how G is minimized, we are able to ascertain the reaction pathways 

(which provide one of the ways in which we explain process chemistry). More so at 

equilibrium, the Gibbs free energy is expected to achieve a minimum when the state is 

defined by the various constraints such as temperature and pressure (Chen et al., 

2009). 

We also investigated the effect on the methanol synthesis process of variations in the 

operational parameters, such as temperature, pressure, and different proportions of 

CO, CO2, H2 and H2O in the feeds, by analyzing the data we obtained. We calculated 

thermodynamic mass, energy, and entropy balances for the system, and paid 

particular attention to the effects of the different constraints on the process. (Tsirlin et 

al., 2006) This enabled us to compare the theoretical targets, reaction pathways and 

likely limiting extents with those achievable industrially.  

3.1 EFFECT OF OPERATING PRESSURE AND TEMPERATURE CHANGES 

ON A REACTION 

Part of our investigation concerned the effect on a reaction of the operating pressure 

and temperature used for the process. We used Le Chatelier's principle, ‘if any one 

condition affecting any equilibrium is changed, the equilibrium shifts so as to 
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minimize the change’, to predict how an alteration in the pressure, volume, 

concentration or temperature would affect the chemical equilibrium.  

According to Le Chatelier’s principle, the addition of heat to a reacting system 

increases its temperature, and the stress of the added heat can be relieved only if the 

equilibrium conditions shift in a direction that absorbs the heat. 

However, since the system was considered to be in an ideal gas state, then it should 

obey the ideal gas equation of state, given as 

PV = nRT         4 

The defining equation for enthalpy, applied to an ideal gas model, leads to the 

conclusion that H, as well as U (the internal energy), is a function of temperature 

only. From the defining equation, 

 H = U + PV         5 

The derivation of H with respect to pressure at constant temperature can be formed as 

  
  

  
 

 
   

  

  
 

 
   

     

  
 
 
       5.1 

But for an ideal gas,            , and from PV = nRT,              ,  

Therefore this leads to              Similarly, results can be found for  

          .  

Assuming that the system is closed and mechanically reversible, then the molar or 

specific enthalpy can be expressed as a function of temperature and pressure. Hence, 
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         6 

The constant pressure heat capacity of a substance is defined as;               

          hence 

           
  

  
 

 
         6.1 

For an ideal gas at constant pressure,            , therefore we can write the 

enthalpy of an ideal gas as, 

                 6.2 

On integrating, 

          
  

  
        6.3 

Thus the ideal gas heat capacity at constant pressure is a function of temperature only. 

CP value can be calculated from the relation, 

                             7 

where A, B, C, and D are parameter values given in tables for common compounds. 

Substituting Cp as a function of temperature for temperature limits of T0 and T; 

  
  

 

 

  
             

 

 
  

        
 

 
  

         
 

  
 
   

 
  8 

where        . However, because               , the equation may be 

rewritten as 
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           8.1 

where the quantity in square bracket is        , and is defined as the mean capacity. 

 
     

 
    

 

 
        

 

 
  

           
 

   
     9 

Or simply, 

                        10 

Thus taking into account the dependence of the heat capacity themselves on 

temperature, the heat of reaction, H, over a wide range of temperature can be 

calculated. 

ΔH = H(product) – H(reactant)        11 

differentiating with respect to temperature at constant pressure, 

  
     

  
 
 

   
         

  
 
 

   
          

  
 
 

               11.1 

But since            , therefore  

  
     

  
 
 

             
              

                   11.2 

Given a general chemical equation, 

v1A + v2B + … → vnC + vmD + …      12 

Recalling equation (6.2), the standard heat of reaction can be expressed 

mathematically as 



33 

 

    
     

            13 

where i is the reactant or product, vi is the stoichiometric coefficient and A, B, C, D is 

the chemical formula of the species. We have that 

        
          

                     13.1 

The term       
    is the standard heat of reaction, defined by equation 9 as ΔH

0
. The 

standard heat capacity change of reaction is defined similarly as  

    
          

 
                  13.2 

As a result of this, 

dΔH
0 

= ΔCp
0
dT                  13.3 

This is the fundamental equation relating heat of reaction to temperature. Upon 

integrating, 

        
     

   
 

 

 

  
         14 

where ΔH
0 

and ΔHi
0 

are heats of reactions at temperature T and a reference 

temperature T0 respectively. Given the temperature and the heat capacity of each 

reactant and product, then the integral is given by the analog equation (8) as; 
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where by definition,           , with similar definitions for ΔB, ΔC and ΔD. 
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The mean heat capacity change of reaction is then defined in accordance with 

equation (9) as; 

 
    

  
 

 
     

  

 
        

  

 
  

           
  

   
    16 

Subsequently, the enthalpy change in a reaction, ΔH with respect to temperature at a 

constant P, can be determined by the expression: 

ΔH
0 

= ΔHi
0 

+ (ΔCp
0
)H(T – T0)       17 

In terms of the heat capacities of the substances involved, equation (17) gives the rate 

of change of the heat of reaction ΔH in accordance with the temperature.  

Likewise, pressure changes in the system will cause a shift in the equilibrium to 

counteract them. Change in the operating pressure of the system at a constant 

temperature can have significant effect on the ∆G of the reactions. The WGS reaction, 

however, has been known to continue for longer at a relatively low temperature that 

favours high conversion of CO and steam to hydrogen and carbon dioxide. (Chen et 

al., 2009) The effect of increasing or decreasing the operating pressure at a constant 

temperature on the WGS equilibrium is negligible (± 0.0001), which indicates that the 

process is insensitive to pressure changes, as predicted by Le Chatelier’s principle. 

Therefore, increasing the operating pressure of the process will affect the ∆G of the 

methanol reaction only. 

The standard free energy G, is a state function, and can be shown how it varies with 

temperature and pressure by writing the total differential 
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However,  

                                      18.2 

Assuming a reversible process, TdS = δq, and reversible work, PdV = –δw. From first 

law of thermodynamics (dU = δq + δw), we have that dU = TdS – PdV, or dU – TdS 

+ PdV = 0. Therefore, 

                             18.3 

Thus, for a reversible process, with only PV work, 

   
  

  
 
 

             19 

  
  

  
 

 
           20 

For an ideal gas, integration of (20) can be performed to give the free energy change 

when pressure is changed from P1 to P2 at constant temperature. Thus for n moles of a 

gas, 

                
  

 

  

  
      

  

  
    21 

For standard states therefore, 

           
 

                    21.1 

Therefore, the molar Gibbs energy of an ideal gas is dependent on its partial 

pressures, according to the relation 

G = G
0
 + nRT ln (P/P

0
)                21.2 
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where G is the free energy at some pressure, P; G
0
 is the free energy in the standard 

state; R is the universal gas constant (R = 8.3145 J/mol-K or 0.0083145kJ/mol-K); T 

is absolute temperature; and P
0
 is the ambient pressure (1 standard atm/bar). 

The change in free energy of a compound in a reaction is dependent on temperature 

according to the relation of equation (19) 

  
     

  
 
 

             22 

But at constant temperature, the change of free energy, enthalpy and entropy for any 

reaction is related by      ΔG = ΔH – TΔS or                 

 Substituting for ΔS in equation (22), 

  
     

  
 
 

  
       

 
   

  

 
  

  

 
                 22.1 

   
       

  
 
 

   
  

 
                  22.2 

At constant pressure therefore, the free energy change of a chemical reaction,  

 
       

  
   

  

     (Gibbs–Helmholtz equation)             22.3 

where T is the absolute temperature; ∆G is the change in Gibbs free energy at 

constant pressure, P; and with ∆H as the enthalpy change (which is considered to be 

independent of temperature).  

The Gibbs–Helmholtz equation is thus a useful thermodynamic expression for 

calculating changes in the Gibbs energy of a system as a function of temperature, T. 

The equation states that ‘the change in the G/T ratio at constant pressure as a result of 
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an infinitesimally small change in temperature is a factor (H/T
2
)’. This, when 

rearranged, gives: 

 
      

  
  

       

  
          

 

  
  

 

  
      24 

This can also be expressed as: 

 
      

  
   

    

  
        

 

  
  

 

  
       25 

This equation makes it possible to calculate the Gibbs free energy change for a 

chemical reaction at any temperature T2 when the standard Gibbs free energy change 

of formation and the standard enthalpy change of formation for the individual 

components at 25°C and 1 bar are all that is known. The results obtained from 

pressure variations at constant temperature of the different G values were analyzed 

and discussed by means of Equation 25 above. 

3.2 INTRODUCTION TO THE THEORETICAL CONTEXT 

3.2.1 Stoichiometric Subspace 

In thermodynamics, the values of ∆H and ∆G of a reaction can be calculated from the 

∆H
0

f and ∆G
0

f of different species in the reaction mixture. If reactions are denoted as 

j, this statement can be generalize for species (i) in reactions j (j = 1, 2, …, J) as: 

∆H (reaction j) = (Σνj∆Hij) products − (Σνj∆Hij) reactants    26 

∆G (reaction j) = (Σνj∆Gij) products – (Σνj∆Gij) reactants    27 

where, νj represents the respective stoichiometric coefficients. 
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Thus, when we are considering a chemical process involving a single reaction, such 

that we have the chemical reaction in equation (12) rewritten as  

vaA + vbB + … – vcC – vdD + … = 0      28 

the stoichiometric relation can be expressed on the basis of the number of moles for 

each atomic/chemical species present as: (Shinnar,1988) 

∑ νiNi = 0         29 

If Ɛ is considered to be the extent of the reaction, which is a measure of the degree of 

conversion of the reactants, it implies that at any given point in time, the molar extent 

of the reaction (Ɛ) can be determined by the amount of reactant and product present in 

the reactor. Hence, when the extent tends towards the reactants we can have a 

negative, or, when the reaction tends towards the products, a positive steady state for 

the reaction, depending on how one expresses the stoichiometry. In this examination 

of reactant performance, – 2 to + 2 were chosen as the extent of reaction in order to 

ascertain the reactant performance. 

The molar extent (Ɛ) is a useful measure of the progress of a reaction or the degree of 

transformation achievable in a chemical reactor. It is a time-dependent extensive 

variable that is proportional to the mass of the system being investigated. This 

information can also be written as a mass balance for each of the chemical species. 

Given that there are I chemical species, for each specie I a mass balance for the 

reaction can be written as given in the equation below: 

Ni = Ni
0 

+ ΣνijƐ ( i = 1, ..., I)      30 

where Ɛ is the extent of reaction. 
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Since we require a positive molar flow rate of the reactants, then 

Ni = Ni
0 

+ ΣνijƐ ≥ 0  (for all i)      31 

where Ni
0
 is the molar flow rate of specie input to the reactor; Ni is the molar flow 

rate of specie at some point in the reactor or the output; and νij is the stoichiometric 

coefficients of species I in the reaction.  

The inequality of all species thus ‘determines the achievable area in the space of 

constraints’ described by the vector N, within which the system can operate 

thermodynamically without violating the laws governing mass balance. (Tsirlin et al., 

2006) Because the extent is not tied to any particular species, changes in the mole 

numbers of two species can be related to one another by eliminating Ɛ between two 

expressions that may be derived from Equation 30. This can be expressed as an extent 

plot, which will subsequently be transformed into a GH plot. 
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CHAPTER 4 

RESULTS, ANALYSIS AND DISCUSSION 

4.1 STOICHIOMETRIC SUBSPACE FOR A SINGLE REACTION 

We start our application of the extent plot described in the previous chapter by taking 

the methanol synthesis reaction and using stoichiometric feed as an example. 

CO + 2H2 → CH3OH   (∆H = − 90.3 kJ/mol and ∆G = −25.1 kJ/mol) 

Mass Balance for Species (stoichiometric feed) 

For carbon monoxide (CO) species; 

NCO = NCO
0 

– Ɛ ≥ 0        32 

where NCO is CO output or product in moles, N
0
CO is CO fed into the process in 

moles, and Ɛ is the extent of reaction. 

1 – Ɛ ≥ 0, since NCO
0
 = 1, therefore Ɛ ≤ 1. 

For hydrogen (H2) species: 

NH2 = NH2

0 
– 2Ɛ ≥ 0        33 

where NH2 is H2 output or product in moles, N
0

H2 is H2 fed into the process in moles. 

2 – 2Ɛ ≥ 0, since NH2

0
 = 2, therefore Ɛ ≤ 1. 

For methanol (CH3OH) species: 
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NCH3OH = NCH3OH
0 

+ Ɛ ≥ 0       34 

where NCH3OH is methanol output or product in moles, and N
0

CH3OH is methanol fed 

into the process in moles. Since NCH3OH
0
 = 0, therefore Ɛ ≥ 0. 

The above mass balance result can be expressed as an extent plot, as shown in Figure 

2 below. 

 

Figure 2: A single reaction represented by an extent plot. 

In the above Figure, the feed is located at the origin (0), where the extent of reaction 

is zero, and any point along the line between the feed and the products. For example, 

points A (Ɛ = 0.4) and B (Ɛ = 0.6), which represent 40% and 60% conversion of the 

feed respectively, show a process output for the given feed whose overall mass 

balance is an incomplete reaction. The reactants are completely converted to the 

product at extent Ɛ, equalling 1 for the given feed. 
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= 2 

and NCH3OH = 0)
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4.1.1 Transforming Stoichiometric Subspace to G – H Space 

Since the molar extent of the reaction (Ɛ) can be determined by the amount of 

reactants and products in the reactor, the ∆H and ∆G of the reaction at any time can 

be expressed as:  

∆H = Ɛ∆Hf          35 

∆G = Ɛ∆Gf          36 

where, Hf and Gf are the enthalpy change of formation of a compound from its 

elements (i.e. the enthalpy or heat of formation of the compound), and the standard 

free energy of formation (Gibbs free energy), respectively. 

From the above relations, a linear relationship will be obtained for each of the 

chemical species (CO, CO2, H2, H2O and CH3OH) present if Ɛ is eliminated and Ni 

for each species in terms of ΔH and ΔG is evaluated. Therefore, the limits of each 

species (Ni=0 i=1,…I) taking part in the reaction can be represented in a G–H space 

(∆G–∆H plot, hereafter referred to as the GH domain), because it is an area of activity 

influenced by ∆G and ∆H. A linear relationship can be obtained between ∆H and ∆G 

by varying the extent of reaction for the process, and this can then be represented in a 

G−H plot as shown in Figure 3. 
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Figure 3: Representation of a chemical process using the G–H plot for one reaction, 

at 25°C and 1 bar. 

In Figure 3, the feed is located at the origin (0) where the extent of reaction is zero. 

∆G and ∆H are also zero, because at this point there is no net reaction taking place in 

the system, and the location of the products corresponds with the net ∆G and ∆H 

values of the reacting system. As in the extent plots, we can see in the Figure that the 

points along the line between the feed and the products, for example points A (Ɛ = 

0.4) and B (Ɛ = 0.6), represent a process output whose overall mass balance is an 

incomplete reaction (40% and 60% conversion respectively) for the given feed. The 

reaction is expected to follow the path of the arrow from the feed within the mass 

balance region (which in this case is along the line) and to terminate at the product 

with an extent of 1, with the net ∆G and ∆H values for the reaction. 
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4.2 ENERGY BALANCE AND WORK BALANCE IN THE G–H SPACE 

Since the value of H  determines whether heat needs to be added or removed from 

the reacting system, and G corresponds to the amount of work that needs to be 

added (G ≥ 0) or removed  (G ≤ 0), a simple energy and work balance analysis can 

be plotted. (See Figures 4 and 5 below.) 

 

Figure 4: Energy balance analysis using the G−H plot. 
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Figure 5: Work balance analysis using the G−H plot. 

The conclusion we can derive from both analyses is that for a complete conversion of 

the feed materials (with an extent of reaction, 1), the methanol synthesis reaction at 

25C and 1 bar is feasible and requires the rejection of heat. 

4.3 EFFECT OF CHANGES IN OPERATING CONDITIONS ON G−H SPACE 

FOR A SINGLE REACTION 

The effect of the operating parameters such as temperature and pressure on a reaction 

can also be illustrated on a G–H plot. This makes it possible for us to analyze the 

effects of the different H and G values on temperature variation at constant pressure. 

Temperature range of 250 – 350C was chosen to show the performance at the 

industrial temperature of methanol synthesis reaction as compared to ambient 

condition. 
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As can be seen in Figure 6 below, variations in the temperature of the operating 

system had an effect on both the ∆H and the ∆G of the reaction, making the reaction 

less successful at higher temperatures. With the value of ∆H slightly decreasing with 

temperature increase, while that of G increases tremendously. 

 

Figure 6: Representation of a chemical process using the G–H plot to show the 

effects of temperature variations on a single reaction at 1 bar, using a feed consisting 

of 1 mol CO and 2 mols H2. 

From the Figure we observe that when the temperature increases, so does the positive 

slope of the reaction, making G more positive and moving the mass balance region 

into positive ∆G space. Therefore the higher temperatures are not conducive to 

forward reaction, because thermodynamically it will choose to remain at the feed 

point due to its lower ∆G. To make the reaction feasible at higher temperatures, we 

need to put some work into the system in the form of pressure. 

At higher pressures however, the results of pressure variations while the temperature 

of the system remains constant can be found to have a significant effect, but only on 
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the G of the reaction. Increasing the pressure to 20, 50 and 90 bars, we obtained the 

plots shown in Figures 7 and 8 for 25°C and 250°C respectively. 

 

Figure 7: Representation of a chemical process using the G–H plot to show the 

effects of pressure variations on a single reaction at 25°C, using a feed consisting of 1 

mol CO and 2 mols H2. 

As we can see in this Figure 7, while ∆H remains constant with the increase in 

pressure, the ∆G of the reaction increased considerably becoming more negative, 

thereby deepening the slope of the line, and resulting in a more spontaneous forward 

reaction. In other words, when the pressure increases, so does the negative slope of 

the reaction. Therefore the higher pressure appears to favour the forward reaction, 

because thermodynamically it will choose the path with a maximum change in G, due 

to its lower ∆G. And the reaction at 90 bars would be expected to be more 

thermodynamically stable.  
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Figure 8: Representation of a chemical process using the G–H plot to show the 

effects of pressure variations on a single reaction at 250°C, using a feed consisting of 

1 mol CO and 2 mols H2. 

The plot above shows that although at higher temperatures the reaction is not feasible 

thermodynamically at 1 bar, the situation can be reversed (that is, made 

thermodynamically feasible). This is achieved by increasing the pressure at a high 

temperature. The slope changes from positive through zero to negative, allowing the 

reaction to proceed from the feed to the product in the direction of the arrow. 

Variation of temperature and pressure has caused the mass balance line to rotate, with 

the length in the H direction remaining more constant than that of the G, causing this 

rotation. It can be seen that at much higher temperatures, the system will require 

much more work input in form of pressure to make the reaction feasible. For example 

at 350°C the reaction is not feasible even at 90 bars, as is illustrated in Figure 9, with 

the value of ∆H changing to –100.6kJ/mol as a result of the change in temperature. 
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Figure 9: Representation of a chemical process using the G–H plot to show the 

effects of pressure variations on a single reaction at 350°C and 90 bars, using a feed 

consisting of 1 mol CO and 2 mols H2 only. 

4.4 STOICHIOMETRIC SUBSPACE AND GH SPACE INVOLVING TWO 

REACTIONS 

At this point we can consider a more complex case in which: 

 more than one chemical reaction takes place in the reactor (because many 

reactions can be combined in a single unit),  

 one or two chemical species is/are present in both reactions, and  

 the extent of reactions is Ɛj for reactions j (in this case, j = 1, 2).  

The extents of these reactions can be used to calculate values for ∆H and ∆G of the 

combined process while obtaining those for ∆Hj and ∆Gj from the published literature. 

In agreement with Hess’s law; 

∆H = Ɛ1∆H1 + Ɛ2∆H2        37 
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∆G = Ɛ1∆G1 + Ɛ2∆G2        38 

In a more general form, this equation can be expressed as: 

∆H = ΣνijƐj∆Hj        39 

∆G = ΣνijƐj∆Gj        40 

where, Ɛ1 and Ɛ2 are the extents of reactions 1 and 2; ∆H1, ∆G1 and ∆H2, ∆G2 are the 

enthalpy (∆H) and Gibbs free energies of reactions 1 and 2 respectively; and ΔH and 

ΔG stand for the enthalpy and Gibbs free energy of  the combined process. 

As an example of the use of the graphical technique, we now consider the 

simultaneous reactions that occur in the synthesis of methanol from syngas, in an 

attempt to ascertain the performance of both reactants and species during methanol 

synthesis. One is an exothermic reaction that is subject to thermodynamic limitations, 

while the other is the WGS reaction, which appears to be the rate-limiting step of the 

methanol synthesis reaction. These are represented by the chemical equations 41 and 

42 below, which presuppose the use of a stoichiometric feed of carbon monoxide and 

hydrogen only, in the ratio of 1:2 (a two-component feed).  The two reactions involve 

five chemical species and values of ∆Hj and ∆Gj that are theoretically obtained from 

Equations 37 and 38. We chose −2 to +2 as the extent of reaction.  

The equations for the reactions involved in methanol synthesis and WGS are as 

follows.  

CO + 2H2 → CH3OH  ...Ɛ1 (∆H (1) = − 90.3 kJ/mol and ∆G (1) = −25.1 kJ/mol) 41 

CO + H2O ↔ CO2 + H2 ...Ɛ2 (∆H (2) = − 41.1 kJ/mol and ∆G (2) = −28.6 kJ/mol) 42. 
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4.4.1  Mass Balance Calculations for Chemical Species 

The mass balance for carbon monoxide (CO) species when both reactions are 

considered can be expressed as: 

NCO = N
0

CO – Ɛ1 – Ɛ2 ≥ 0                 43 

N
0

CO – Ɛ1 ≥ Ɛ2                   43.1  

where NCO = CO output or product in moles; N
0

CO = CO fed into the process in 

moles; and Ɛ1 and Ɛ2 are the extent of reactions 1 and 2 respectively. Since the 

concentration of CO fed into the process in moles equals 1 (N
0

CO = 1), it follows that: 

Ɛ2 ≤ 1 – Ɛ1                   43.2 

The mass balance for hydrogen (H2) species when both reactions are considered can 

be expressed as: 

NH2 = N
0

H2 – 2Ɛ1 + Ɛ2 ≥ 0       44 

N
0

H2 + Ɛ2 ≥ 2Ɛ1                   44.1 

where NH2 = H2 output or product in moles; N
0

H2 = H2 fed into the process in moles; 

and Ɛ1 and Ɛ2 are the extent of reactions 1 and 2 respectively. Since the moles of H2 

feed into the process equal 2 (N
0

H2 = 2), it follows that: 

Ɛ2 ≥ 2Ɛ1 – 2                  44.2 

The mass balance for water (H2O) species, when both reactions are considered, can be 

expressed as: 
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NH2O = N
0

H2O – Ɛ2 ≥ 0        45 

N
0

H2O ≥ Ɛ2                   45.1 

where NH2O = H2O output or product in moles; N
0

H2O = H2O fed into the process in 

moles; and Ɛ2 is the extent of reactions 2. Since the moles of H2O fed into the process 

equal 0 (N
0

H2O = 0), it follows that: 

Ɛ2 ≤ 0                   45.2 

The mass balance for carbon dioxide (CO2) species, when both reactions are 

considered, can be expressed as: 

NCO2 = N
0
CO2 + Ɛ2 ≥ 0        46 

Ɛ2 ≥ – N
0
CO2                   46.1 

where NCO2
 = CO2 output or product in moles; N

0
CO2

 = CO2 fed into the process in 

moles; and Ɛ2 is the extent of reactions 2. Since the moles of CO2 fed into the process 

equal zero (N
0

CO2 = 0), it follows that: 

Ɛ2 ≤ 0                   46.2 

The mass balance for methanol (CH3OH) species, when both reactions are considered, 

can be expressed as: 

NCH3OH = N
0

CH3OH + Ɛ1 ≥ 0       47 

Ɛ1 ≥ – N
0
CH3OH                   47.1 
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where NCH3OH = CH3OH output or product in moles; N
0

CH3OH = CH3OH fed into the 

process in moles; and Ɛ1 is the extent of reactions 1. Since the moles of CH3OH fed 

into the process equal 0 (N
0

CH3OH = 0), it follows that: 

Ɛ1 ≥ 0                    47.2 

We obtain Figure 10 when the mass balance result for the different chemical species 

(Ni) is shown on the extent plot. 

 

Figure 10: Extent plot for two reactions using a feed of 1mol CO and 2 mol H2 only. 

Evaluating ε1 and ε2 gives a linear relationship for each of the chemical species (CO, 

CO2, H2, H2O and CH3OH) in the combined process. The limits of each species (Ni = 

0, i=1, ..., I), when represented in the extent plot, are expected to give rise to a 

polygon, with a number of sides equal to the number of chemical species present. But 

this is not always the case, because there can be a relationship between the mass 

balance limiting lines, the quantity fed and the feed component that causes some of 
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the lines to collapse into each other, as can be seen in this Figure. In this instance, the 

mass balance region collapses into a straight line from point a to point b of Figure 10 

as a result of the mass balance calculations on the two species (CO and H2) fed into 

the process. This straight line represents all the possible extents of the given feed, as 

shown in Figure 10. 

 4.4.2 Transforming the Extent Plot to G–H Space 

When performing a mass balance for the chemical species, one can calculate the point 

at which the molar flow rate in the reactor is greater than, or equal to, zero (Ni ≥ 0), 

which enables one to obtain a linear relationship for the respective species for 

different feeds. If we eliminate Ɛ1, Ɛ2, and Ni for each species (CO, CO2, H2, H2O and 

CH3OH) in terms of the ∆H and ∆G evaluated for the combined process, we can plot 

a linear relationship that would meet the requirements of the ARs for each of them. 

The resultant ∆H and ∆G limits of each species (Ni = 0, i=1, ..., I) in the combined 

process can then be represented in a G−H space, as in Figure 11. The plot in Figure 

11, compared with that of the single reaction involving the methanol synthesis shown 

in Figure 3, gives the same result, with the reaction proceeding from point a (the feed) 

to b (the product), where there is complete conversion of the reactants. What this 

means is that only the methanol synthesis reaction could be carried out in the absence 

of either the water or the CO2 that facilitates the WGS shift reaction, and that if 

neither is present the AR will always be a straight line that does not give the system 

room for reaction path alternatives. 
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Figure 11: Representation of a chemical process using the G–H plot to show two 

reactions, methanol synthesis and WGS, at 25°C and 1 bar, using a feed of 1mol CO 

and 2 mol H2 only. 

4.5 FEED ANALYSIS ON THE G–H SPACE 

Using a three-component feed consisting of CO (1 mol), H2 (2 mols) and 0.5 mols of 

H2O, we performed a mass balance for the different chemical species, eliminating Ɛ1, 

Ɛ2, and the resulting Ni for each species in terms of the ∆H and ∆G of the combined 

process evaluated for the given feed. Our objective was to ascertain the performance 

of the reactant and species. The result, represented in a G–H domain, is shown in 

Figure 12. 
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Figure 12: Representation of a chemical process using the G–H plot for two 

reactions, methanol synthesis and WGS, at 25°C and 1 bar, using a feed consisting of 

CO (1 mol), H2 (2 mols) and H2O (0.5 mol). 

The G–H plot shown in Figure 13 below records the results of using a four-

component feed consisting of CO (1 mol), H2 (2 mols), H2O (0.5 mols) and 1 mol 

CO2, and performing a mass balance for each of the chemical species. We eliminated 

Ɛ1, Ɛ2 and the resulting Ni for each species in terms of the ∆H and ∆G of the combined 

process evaluated for the given feed. This experiment was also carried out to chart the 

behaviour of the reactants and species. 
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Figure 13: Representation of a chemical process using the G–H plot for two 

reactions, methanol synthesis and WGS, at 25°C and 1 bar, using a feed consisting of 

CO (1 mol), H2 (2 mols), H2O (0.5 mols) and CO2 (1 mol). 

It is clearly shown in Figures 12 and 13 that the introduction of either water or CO2, 

or both in the feed increases the mass balance region. This results in WGS activity, 

and therefore generates more reaction pathways. Put another way, the introduction of 

extra feed components (and the amount fed) will not only change the shape and size 

of the mass balance region, but will also result in a greater number of reaction path 

options. 

Building on these results, we can use a feed consisting of CO (1 mol), CO2 (1 mol), 

H2 (3 mols) and H2O (0.5 mol) to explain the reactor’s AR, and to identify how G is 

minimized within the reactor. The mass balance calculations as well as the resulting 

∆H and ∆G values can be calculated to evaluate the ARs for the given feed, and in 

this way to plot the activities of the reactant and species. 
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4.5.1  Mass Balance for Chemical Species 

For carbon monoxide (CO) species, derived from Equation 43, 

NCO = N
0

CO – Ɛ1 – Ɛ2 ≥ 0 

N
0

CO – Ɛ1 ≥ Ɛ2 

where NCO = CO output or product in moles; N
0

CO = CO fed into the process in 

moles; and Ɛ1 and Ɛ2 are the extent of reactions 1 and 2 respectively. The concentration 

of CO fed into the process in moles equals 1 (N
0

CO = 1), therefore: 

Ɛ2 ≤ 1 – Ɛ1  

For hydrogen (H2) species, derived from Equation 44, 

NH2 = N
0

H2 – 2 Ɛ1 + Ɛ2 ≥ 0 

N
0

H2 + Ɛ2 ≥ 2Ɛ1 

where, NH2 = H2 output or product in moles; N
0

H2 = H2 fed into the process in moles; 

and Ɛ1 and Ɛ2 are the extent of reactions 1 and 2 respectively. As the moles of H2 fed 

into the process equal 3 (N
0

H2 = 3), it follows that: 

Ɛ2 ≥ 2Ɛ1 – 3 

For water (H2O) species, derived from Equation 45, 

NH2O = N
0

H2O – Ɛ2 ≥ 0 

N
0

H2O ≥ Ɛ2 
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where, NH2O = H2O output or product in moles; N
0

H2O = H2O fed into the process in 

moles; and Ɛ2 is the extent of reaction 2. The moles of H2O fed into the process equal 

0.5 (N
0

H2 = 0.5), so: 

Ɛ2 ≤ 0.5 

For carbon dioxide (CO2) species, derived from Equation 46, 

NCO2 = N
0
CO2 + Ɛ2 ≥ 0 

Ɛ2 ≥ – N
0
CO2

 

where NCO2
 = CO2 output or product in moles; N

0
CO2

 = CO2 fed into the process in 

moles; and Ɛ2 is the extent of reaction 2. Since the moles of CO2 fed into the process 

equal 1(N
0

CO2 = 1), it follows that: 

Ɛ2 ≤ – 1 

For methanol (CH3OH) species, derived from Equation 47, 

NCH3OH = N
0

CH3OH + Ɛ1 ≥ 0 

Ɛ1 ≥ – N
0
CH3OH 

where NCH3OH = CH3OH output or product in moles; N
0

CH3OH = CH3OH fed into the 

process in moles; and Ɛ1 is the extent of reaction 1. Since the moles of CO2 fed into 

the process equal 1 (N
0

CO2 = 1), we can reason that: 

Ɛ1 ≥ 0 
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However, when the above mass balance result for the different chemical species (Ni) 

was represented on an extent plot, a polygon with a number of sides equal to the 

number of chemical species present was generated. See Figure 14 below.  

 

Figure 14: Extent plot for two reactions, methanol synthesis and WGS, using a feed 

of 1mol CO, 3mols H2, 1mol CO2 and 0.5mol H2O. 

In the Figure we can see that the pentagonal region marked by a, b, c, d, and e is the 

mass balance AR, which represents all the possible extents for the given feed. As such 

it is the region of feasible methanol synthesis reaction. 

4.5.2 Transforming To G−H Space 

When performing a mass balance for the respective chemical species, we use the 

following equations. 

For carbon monoxide (CO) species, 

NCO = 1 – Ɛ1 – Ɛ2 ≥ 0 
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For hydrogen (H2) species, 

NH2 = 3 – 2Ɛ1 + Ɛ2 ≥ 0 

For water (H2O) species, 

NH2O = 0.5 – Ɛ2 ≥ 0 

For carbon dioxide (CO2) species, 

NCO2 = 1 + Ɛ2 ≥ 0 

For methanol (CH3OH) species, 

NCH3OH = 0 + Ɛ1 ≥ 0  

The limits for each species (Ni = 0, i=1, ..., I) can therefore be represented in a G−H 

space. 

If the ∆H and ∆G results for the combined processes of the different chemical species 

(Ni) is plotted on the G−H space, as in Figure 11, a polygon with the same number of 

sides as in the extent plot is generated, as a result of the mass balance calculations on 

the species. However, since the region bounded by the lines will represent all the 

possible combinations of the species participating in the reactions, these lines define 

the attainable boundaries in a G−H plot. Within them is the region of feasible 

methanol synthesis that will not violate thermodynamic relations, and can then be 

referred to as the mass balance (AR).  

As already noted, in the context of this dissertation the AR refers to the 

thermodynamically achievable region in the state space within which the reactor can 
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function without violating thermodynamic boundaries, using only the process of 

reactions. The AR should contain the feed point, it should be equal to zero at the 

intersection of the species, and it should represent all the possible combinations of the 

species taking part in the reactions. 

 

Figure 15: Representation of a chemical process using the G–H plot for two 

reactions, methanol synthesis and WGS, at 25°C and 1 bar, using a feed consisting of 

CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 mol). 

In Figure 15, we can see that the mass balance region (the area in which a positive 

number of moles of respective species is indicated by arrows, and marked by the 

vertices a, b, c, d and e) corresponds with the sides of the extent plot in Figure 14. 

This is the area where there are feasible reactions, because the conditions required to 

optimize the process in a steady state system are satisfied and all the species are 

positive. (In other words, this region contains the feed point, it is zero on the 

boundaries, and it represents all the possible combinations of the species involved in 

the reactions.) It can therefore be referred to as the mass balance AR. 
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Looking at the edges of the region, from Figure 15, we can observe that: 

At point a, where NCH3OH = 0, NH2O = 0 and Ɛ1 = 0, and recalling Equations 45 and 47, 

NCH3OH
0
 + Ɛ1 = NH2O

0
 – Ɛ2 = 0       48; 

but, since NCH3OH
0
 = 0, Ɛ1 = 0 and  NH2O

0
 = ½, therefore, Ɛ2 = ½ 

we have Ɛ1 = 0 and Ɛ2 = ½ at point a. 

At point b of Figure 15, NCO = 0 and NH2O = 0, and recalling Equations 43 and 45, 

NCO
0
 − Ɛ1 − Ɛ2 = NH2O

0
 − Ɛ2       49 

Since NCO
0
 = 1, and NH2O

0
 = ½ 

Ɛ1 = 1 − ½ = ½, hence we have that Ɛ1 = ½ 

Substituting Ɛ1 value into equations 43.1, gives Ɛ2 = ½. Thus, we have Ɛ1 = ½ and Ɛ2 = 

½, and the overall equation will be; 

CO + H2 + ½H2O → ½CH3OH + ½CO2 + ½H2     50 

At point c of Figure 15, NCO = 0 and NH2 = 0, and from Equations 31 and 32, 

 NCO
0
 − Ɛ1 − Ɛ2 = NH2

0
 − 2Ɛ1 + Ɛ2 = 0      51 

Since NCO
0
 = 1 and NH2

0
 = 3, 

Therefore, from Equation 43.2, 

Ɛ2 = 1 − Ɛ1                              51.1 



64 

 

Substituting Equation 51.1 for the value of Ɛ2 into equation 51, then 

3 − 1 − 2Ɛ1 + Ɛ1 + 2(1 − Ɛ1) = 0 

4 − 3Ɛ1 = 0 

therefore Ɛ1 = 1⅓. And from equation 51.1, Ɛ2 = 1 – 4/3 = −⅓ 

thus, Ɛ1 = 1⅓ (4/3) and Ɛ2 = −⅓, and the overall equation will be: 

1CO + 3H2 + ⅓CO2 → 1⅓CH3OH + ⅓H2O      52 

At point d of Figure 15, NCO2
 = 0 and NH2 = 0, and from Equations 44 and 46, 

NH2

0
 − 2Ɛ1 + Ɛ2 = NCO2

0
 + Ɛ2 = 0      53. 

Since NCO2

0
 = 1 and NH2

0
 = 3, then 3 − 2Ɛ1 = 1 

2Ɛ1 = 3 – 1, therefore Ɛ1 = 2/2 = 1 

Substituting the value of Ɛ1 into Equation 44 or from Equation 46, it follows that: 

Ɛ2 = −1 

thus, Ɛ1 = 1 and Ɛ2 = −1. 

At point e of Figure 15, NCO2
 = 0, NCH3OH = 0 and Ɛ1 = 0, and from Equations 46 and 

47, 

NCO2

0
 + Ɛ2 = NCH3OH

0
 + Ɛ1 = 0       54 

Since NCH3OH
0
 = 0, NCO2

0
 = 1 and Ɛ1 = 0, from Equation 54, Ɛ2 = −1 
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therefore Ɛ1 = 0 and Ɛ2 = −1. 

One can deduce from this that between points e and a (the NCH3OH = 0 line), we have 

only the WGS reaction taking place until all the water is used up, because Ɛ1 = 0 and 

Ɛ2 = ½. Between points a and b (the water-limiting line), some methanol production 

takes place. At b where Ɛ1 = ½ and Ɛ2 = ½, the water and the carbon monoxide (CO) 

appear to have been completely consumed in the synthesis reaction process, because 

at this point, NH2O = 0 and NCO = 0. And there seems to be a characteristic change in 

the behaviour of the reactants after this point, making the ΔG more positive. Between 

points b and c (the CO limiting line), there is further methanol synthesis through CO2 

hydrogenation, and the system starts producing CH3OH and H2O under the process 

conditions mentioned above, as is seen from the result at point c. At point c, where Ɛ1 

= 1⅓ and Ɛ2 = −⅓, maximum production of methanol is expected, and the equilibrium 

system starts to operate in the reverse direction (the RWGS), under the process conditions 

mentioned producing water and CO, as indicated by the negative sign Ɛ2. At point d, 

where Ɛ1 = 1 and Ɛ2 = −1, the production of methanol runs along side the RWGS 

reaction producing water and CO. At point e, where Ɛ1 = 0 and Ɛ2 = −1, there is no 

production of methanol as only the RWGS reaction occurs. 

Looking at Figure 16 below, we can deduce that if one started the process at the feed 

and ended at point a, the apparent overall reaction would be, ½CO + ½H2O ↔ ½CO2 

+ ½H2. If the reaction were to end at point b following the path of the arrow, then the 

overall reaction would be 1CO + ½H2 + ½H2O → ½CO2 + ½CH3OH. However, if the 

reaction proceeded to point c, then the overall reaction would be 1CO + 3H2 + ⅓CO2 

→ 1⅓CH3OH + ⅓H2O. This can be done under the process conditions described 
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above only if some work in the form of pressure has been added to the system to 

counteract the increase in G. 

 

Figure 16: Representation of a chemical process using the G–H plot for two 

reactions, methanol synthesis and WGS, at 25°C and 1 bar, using a feed consisting of 

CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 mol), showing the pathways and 

expected reactions. 

4.6 THE REACTOR’S ATTAINABLE REGION 

However, since it is a general requirement that the G of all the reactions (excluding 

the mixing) occurring across the reactor should be less than, or equal to, zero (G ≤ 

0), then its AR for the given feed can be represented as shown in Figure 17.  
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Figure 17: Plot of a reactor’s AR for methanol synthesis in G–H space at 25 C and 1 

bar, using a feed consisting of CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 

mol). 

The assumption is that the reaction path will follow the maximum change in G, since 

a large area of negative Gibbs free energy will point to the relative stability of 

intermediates, as discussed in the case of Solvay clusters, (May and Rudd, 1976). The 

overall reaction at point b (with a value of – 26.7114 kJ/mol as read from Figure 17) 

will be more thermodynamically stable, and yield the maximum possible conversion 

under the given process conditions. It can also be seen from Figure 17 that the 

reactor’s AR is part of the mass balance region. The synthesis reaction starting from 

the feed point at origin 0, would be expected to go through point a and stop at point b, 

with an overall reaction of 1CO + ½H2 + ½H2O → ½CO2 + ½CH3OH, at the 

mentioned process condition. The gas composition at this stage would be 1½ moles 
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CO2, ½ moles CH3OH and 3 moles H2. Hence, this reaction would be the most likely 

to occur of all the possibilities obtained in the reactor under the process conditions. 

From the above, one can deduce what the reaction pathway will be, and predict its 

boundary in terms of the likely limiting extents of reaction. This in turn helps us to 

find the reactor’s AR, and to see the results of changes in the process feed and 

operating conditions. 

4.7 EFFECT OF CHANGE IN OPERATING CONDITIONS AS SHOWN ON 

THE G–H SPACE FOR TWO REACTIONS 

A G–H plot for the combined methanol synthesis and WGS reactions, can be drawn 

up for any given temperature and pressure. The range of computed ∆H and ∆G values 

that result from the use of different pressure values for the ranges of ∆H and ∆G at 

25°C, 250°C and 300°C respectively are shown in Tables 3, 4 and 5 (Appendix C, D 

and E respectively), and their effect on the extent of reactions Ɛ1 and Ɛ2 with respect to 

the chemical species under consideration.  

4.7.1 Effect of Change in Operating Pressure for Two Reactions 

From the Gibbs energy–pressure relationship, equilibrium calculations and the results 

presented in Table 3, we can confirm that the WGS/equilibrium is insensitive to the 

effect of operating pressure at a constant temperature, as predicted by Le Chatelier’s 

principle. This deviation is revealed in the different values of ∆H and ∆G for the 

disparate species involved in the reaction. However, the operating pressure of the 

system can be found to have a significant effect on the ∆G of reaction 1, for the 

methanol synthesis. It is not surprising, therefore, that different ∆G values were 

obtained when we were taking the mass balance for each of the chemical species (as 
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shown in Table 3). Each of the results for pressure variation at constant temperature 

(25°C) is discussed below. 

Figure 18 was obtained when we increased the pressure to about 20 bars. 

 

Figure 18: G–H plot for methanol synthesis and WGS reactions at 25°C and 20 bars, 

using a feed consisting of CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 mol). 

From the above Figure, one can see the pentagon/region marked by a, b, c, d and e. 

(This area represents the mass balance as well as the AR, where there is a feasible 

reaction.) The most notable feature of the pentagon is that it seems to have been 

reduced in size, but the area below the ∆G = 0 line (the reactor’s AR) has increased in 

ratio as compared with a corresponding decrease in the mass balance region. 

However, the minimum Gibbs free energy is at point c (– 43.3557 kJ/mol, as read 

from Figure 18), with an overall reaction of 1CO + 3H2 + ⅓CO2 → 1⅓CH3OH + 

⅓H2O. The gas composition at point c would be ⅔ moles CO2, 1⅓ moles CH3OH and 

⅓ moles H2O. This gives maximum methanol production, because further methanol 

synthesis occurs as a result of CO2 hydrogenation. This is in marked contrast to the 
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case at 1 bar, where the synthesis reaction would be expected to stop at point b, with a 

large quantity of the feed having been converted to CO2 rather than the desired 

product, methanol (CH3OH), and leaving a considerable amount of unreacted 

hydrogen to recycle. 

When the pressure was increased to about 50 bars, the results shown in Figure 19 

were obtained.  

 

Figure 19: G–H plot for methanol synthesis and WGS reactions at 25°C and 50 bars, 

using a feed consisting of CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 mol). 

From this Figure, we can observe that although the minimum Gibbs free energy is still 

at point c (giving maximum methanol production), the value at c has changed to – 

49.7315 kJ/mol. Here, despite the narrowing of the pentagon/region marked by a, b, c, 

d and e, the ratio of the area below the ΔG = 0 line has grown. This implies that the 

reactor’s AR (the area where there is a minimum work requirement) has increased 

correspondingly. 
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Raising the pressure even further, to about 90 bars, creates the plot represented in 

Figure 20.  

 

Figure 20: G–H plot for methanol synthesis and WGS reactions at 25°C and 90 bars, 

using a feed consisting of CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 mol). 

The plot shown above demonstrates that although the minimum Gibbs free energy is 

still at point c, the value at c has now changed to – 53.3557 kJ/mol, with the ratio of 

the area below the ΔG = 0 line enlarging in parallel with the increase in pressure. 

Figures 18, 19 and 20 also make it clear that increasing the pressure adds to the lost 

work in the reactor for the reaction to be feasible, as deduced from the rising value of 

the minimum G. 

It can be seen in Figure 21 that even though the pentagon a, b, c, d and e has shrunk in 

size, the ratio of the area below the ΔG = 0 line continually expands with the rise in 

pressure, leading to a further methanol synthesis as a result of CO2 hydrogenation at 
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higher pressures. This is in agreement which Le Chatelier’s principle that higher 

pressure will push systems towards making products.   

 

Figure 21: Effect of pressure variations at 25°C on the G–H plot for methanol 

synthesis and WGS reactions, using a feed consisting of CO (1 mol), CO2 (1 mol), H2 

(3 mols) and H2O (0.5 mol). 

As seen on Figure 20, the minimum Gibbs free energy changes from – 26.7114 

kJ/mol at point b to – 53.3557 kJ/mol at point c'. At point b we have Ɛ1 = ½ and Ɛ2 = 

½, and the overall equation will be; CO + H2 + ½H2O → ½CH3OH + ½CO2 + ½H2, 

while at point c' we have Ɛ1 = 1⅓ (4/3) and Ɛ2 = − ⅓, and the overall equation will be: 

1CO + 3H2 + ⅓CO2 → 1⅓CH3OH + ⅓H2O. The Figure above shows that for a 

pressure to 90 bars, the methanol synthesis in the reactor follows the same path until 

the water in the system is used up. This is followed by a shift in pathway as the 

reaction goes through b' to C' with a further methanol synthesis from CO2 

hydrogenation occurring as a result of the increase in pressure and a corresponding 

expansion of the reactor’s AR region. 
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4.7.2 Effect of Change in Operating Temperature for Two Reactions 

4.7.2.1  GH domain at 250°C 

Figure 22 illustrates the effect of increasing the operating temperature to 250°C at 1 

bar. The ∆H and ∆G of reactions 1 and 2, as calculated from the Aspen property 

values given in Table 1, and using Equations 26 and 27 respectively, become:  

∆H(1) = ∆H
0

f (CH3OH) – [∆H
0

f (CO) + 2∆H
0

f (H2)] 

∆G(1) = ∆G
0

f (CH3OH) – [∆G
0

f (CO) + 2∆G
0

f (H2)] 

thus ∆Hreaction (1) = −98.2 kJ/mol and ∆Greaction (1) = 26.8 kJ/mol 

Similarly, 

∆H (2) = [∆H
0

f (CO2) + ∆H
0

f (H2)] – [(∆H
0

f (CO) + ∆H
0

f (H2)] 

∆G (2) = [∆G
0

f (CO2) + ∆G
0

f (H2)] – [(∆G
0

f (CO) + ∆G
0

f (H2)] 

therefore ∆Hreaction (2) = −39.5 kJ/mol and ∆Greaction (2) = −19.6 kJ/mol 

From the computed range of ∆H and ∆G values, one can plot the graph of ∆G against 

∆H for the process conditions detailed below.   
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Figure 22: G–H plot for methanol synthesis and WGS reactions at 250°C and 1 bar, 

using a feed consisting of CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 mol). 

As can be seen in the Figure, with an increase in the temperature, the region marked 

by points a, b, c, d, and e grows larger and becomes more positive. This is the AR 

mass balance region, which satisfies the conditions required to optimize the process in 

a steady state. However, there will not be any production of methanol under the above 

process conditions because the minimum Gibbs free energy, ΔG, is at point a (–10 

kJ/mol as read from Figure 22), where NCH3OH = 0 and NH2O = 0. Because the extent 

of reaction 1, Ɛ1, as deduced from Equation 48, equals zero (Ɛ1 = 0), only the WGS 

reaction will be feasible within the AR. Also, we can note that although the attainable 

mass balance region increased with the rise in temperature, the reactor’s AR reduced 

considerably at the higher temperature because more of the mass balance attainable 

region had moved into positive ΔG space.  
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4.7.2.1.1  Effect of Increasing Operating Pressure on the System at 250°C 

Since the effect of increasing or decreasing the operating pressure at a constant 

temperature on the WGS equilibrium is negligible, a rise in pressure will affect only 

the ∆G of reaction 1. Thus, taking the mass balance for each of the chemical species 

will give us different ∆G values for a given pressure. The results obtained are 

presented in Table 4 (Appendix D). Each of the results of pressure variation at 

constant temperature (250°C) is discussed below. 

If the pressure is increased to about 50 bars, we obtain the plot shown in Figure 23.  

 

Figure 23: G–H plot for methanol synthesis and WGS reactions at 250°C and 50 

bars, using a feed consisting of CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 

mol). 
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that raising the pressure at higher temperatures is another way to make the reaction 

feasible. Also, the area below the ΔG = 0 line has become larger. 

Increasing the pressure further still, to 90 bars, results in the plot shown below. 

 

Figure 24: G–H plot for methanol synthesis and WGS reactions at 250°C and 90 

bars, using a feed consisting of CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 

mol). 

From Figure 24, it can be seen that the minimum Gibbs free energy is still at point b. 

The value at b has changed to –15.62 kJ/mol, but there is no indication that it will 

shift to point c, because the free energy G becomes more positive. 

4.7.2.2  GH domain at 300°C 

Figure 25 charts the effect of raising the operating temperature to 300°C at 1 bar. The 

∆H and ∆G of reactions 1 and 2, as calculated from the Aspen property values in 

Table 1, and using Equations 26 and 27 respectively, become:  
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∆H (1) = ∆H
0

f (CH3OH) – [∆H
0

f (CO) + 2∆H
0

f (H2)] 

∆G (1) = ∆G
0

f (CH3OH) – [∆G
0

f (CO) + 2∆G
0

f (H2)] 

thus ∆Hreaction (1) = −99.5 kJ/mol and ∆Greaction (1) = 38.8 kJ/mol. 

Similarly, 

∆H (2) = [∆H
0

f (CO2) + ∆H
0

f (H2)] – [(∆H
0

f (CO) + ∆H
0

f (H2)] 

∆G (2) = [∆G
0

f (CO2) + ∆G
0

f (H2)] – [(∆G
0

f (CO) + ∆G
0

f (H2)] 

therefore; ∆Hreaction (2) = −39.1 kJ/mol and ∆Greaction (2) = −17.7 kJ/mol. 

From the computed range of ∆H and ∆G values, one can plot the graph of ∆G against 

∆H for 300°C and 1bar. As shown in Figure 25, the region marked by a, b, c, d and e 

is the mass balance AR, where a feasible reaction can take place.  

 

Figure 25: G–H plot for methanol synthesis and WGS reactions at 300°C and 1 bar, 

using a feed consisting of CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 mol). 
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The plot in Figure 25 shows that elevating the temperature of the system to 300°C at 1 

bar pushes the pentagon marked by a, b, c, d, and e closer to the positive axis of the 

Gibbs free energy. Although the region marked by points a, b, c, d, and e increased, 

no methanol will be produced, because of the minimum Gibbs free energy. The ΔG (–

8.99 kJ/mol) is at point a, where NCH3OH = 0 and NH2O = 0, and the extent of reaction 

one, Ɛ1, as deduced from Equation 48, equals zero. 

4.7.2.2.1  Effect of Increasing Operating Pressure of the System at 300C 

Since raising or lowering the operating pressure at a constant temperature does not 

affect the WGS/equilibrium (as predicted by Le Chatelier’s principle), we expect that 

increasing the operating pressure of the process will affect only the ∆G of reaction 1. 

Thus, taking the mass balance for each of the chemical species will give us different 

∆G values for each pressure as presented in Table 5, where each of the results of 

pressure variation at constant temperature (300°C) is represented.  

However, when the pressure was increased to about 50 bars, the G–H plot given in 

Figure 26 was obtained. 
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Figure 26: G–H plot for methanol synthesis and WGS reactions at 300°C and 50 

bars, using a feed consisting of CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 

mol). 

We can see in Figure 26 that while the minimum Gibbs free energy remains at point a 

(– 8.99 kJ/mol), which appears to lie almost on the H2O limiting line (NH2O = 0), it 

has the tendency to shift to point b with the increase in pressure. Although the area 

below the ΔG = 0 line has become larger, the escalation in pressure to 50 bars at 

300°C does not affect the process yield, as the system continues to run only the WGS 

reaction. The process will stop at point a, in contrast to its response at 250°C, where 

the process proceeds to point b at 50 bars. 

When we raise the pressure further still, to 90 bars, the results are as shown in Figure 

27.  
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Figure 27: G–H plot for methanol synthesis and WGS reactions at 300°C and 90 

bars, using a feed consisting of CO (1 mol), CO2 (1 mol), H2 (3 mols) and H2O (0.5 

mol). 

What we can elicit from this Figure is that the minimum Gibbs free energy is now at 

point b, as expected, the value has changed to –11.12 kJ/mol, and methanol 

production can be expected. There is no indication of a shift from point b to c, 

because the pressure has not been increased sufficiently to cause one. 

4.8 ANALYSIS OF CURRENT INDUSTRIAL PROCESSES FOR THE 

SYNTHESIS OF METHANOL 

In the mid-1960s, ICI developed a low-pressure process that could operate at 35–55 

bars, at a temperature range of 200–300°C. (Tijm et al., 2001) This revolutionized the 

industrial production of methanol from synthesis gas. (Kung, 1980; Klier, 1982) 

Today, methanol is commercially produced in industries from CO/CO2/H2 feed 

(which consists of 30% CO, 60% H2 and roughly 8% CO2), using the ICI or Lurgi 
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processes that operate at lower temperatures and pressures (250°C, 50 bars), over a 

copper-zinc-based oxide catalyst CuO/ZnO/Al2O3 catalyst. (Nakamura 1996)  

Using this feed (represented by 1 mol CO, 2 mols H2 and 0.267 mols CO2), and 

performing a mass balance for each of the different chemical species at 250°C and 50 

bars, an analysis of the current industrial process was carried out. The GH plot was 

developed to represent what occurs when Ɛ1 and Ɛ2 are eliminated and the resulting Ni 

for each chemical species represented in the combined process is evaluated in terms 

of the ∆H and ∆G for the given feed, to ascertain the reactant/species performance. 

The extent plot resulting from the mass balance calculations for the different chemical 

species (Ni) for the given feed is show in Figure 28, and the resulting G–H plot, is 

shown in Figure 29 below. This is a theoretical depiction of the process conditions 

actually in use in the industry for the methanol synthesis and WGS reactions. (The ∆G 

of mixing, which might cause the limiting line to become convex or concave has been 

excluded in this study.)  

 

Figure 28: Extent plot for two reactions using a feed consisting of CO (1 mol), H2 (2 

mols) and CO2 (0.267 mol). 
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Figure 29: Representation of a chemical process using the G–H plot for two 

reactions, methanol synthesis and WGS, at 250°C and 50 bars, using a feed consisting 

of CO (1 mol), H2 (2 mols) and CO2 (0.267 mol). 

As indicated in Figure 29, though there are other pathways within the region, only 

two likely paths at the mentioned process condition can be accessed and explained 

thermodynamically for the synthesis of methanol. Thus depending on the activity of 

the catalyst that is used, a desired pathway can be chosen. The first is the path going 

through points m, c to b. Hence, if one started at the feed point and followed this path, 

then the reactions likely to occur in the reactor during the synthesis would follow the 

following sequence. 

I. Between points a and m, there would be methanol synthesis via CO2 

hydrogenation, giving an overall reaction of 0.267CO2 + 0.801H2 → 

0.267CH3OH + 0.267H2O at point m. The gas composition would be 30% CO 

(1 mol); 8% CH3OH (0.267); 8% H2O (0.267 mol); and 35.97% H2 (1.199 

mol). 
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II. Between points m and c, the reaction would be 0.5995CO + 1.199H2 → 

0.5995CH3OH, and the overall reaction at point c would be an exothermic 

equilibrium synthesis of methanol from synthesis via the hydrogenation of 

carbon oxides 0.5995CO + 0.2667CO2 + 2H2 → 0.8665CH3OH + 0.267H2O. 

The gas composition would be 12.015% CO (0.4005 mol); 8% H2O (0.267 

mol); and 25.995% CH3OH (0.8665 mol). 

III. Finally, the stage between points c and b is characterised by two reactions: 

a. Some CO is converted by the WGS reaction to CO2 and hydrogen, to 

obtain the correct ratio of H2/CO, with the CO2 being rejected from the 

system. 0.267CO + 0.267H2O → 0.267CO2 + 0.267H2 

b. After the water gas shift reaction, the ratio of H2 to CO achieved is 2:1, 

and the remaining syngas composition is then converted into the 

desired methanol product in the methanol synthesis reactor; 

0.1335CO + 0.267H2 → 0.1335CH3OH. 

Hence, there will be some significant level of CO2 hydrogenation through path a – m 

– c – b depending on the activity of the catalyst that is used, but not on the direct path 

from a – b. 

The second path is the direct methanol synthesis route following CO hydrogenation 

from the feed point a to the product point b. It is generally believed that this would be 

the major reaction that takes place in the methanol synthesis reactor, since the 

reaction would tend to follow the path of minimal change in G. 

The overall gas composition at b would then be 1mol CH3OH (which would represent 

100% conversion of the CO feed) and 0.267mol of CO2, which is also obtained from 

the direct route from point a to point b. Thus the amount of CO2 rejected from the 
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system is low compared with that of the methanol recovered, (Holiastos and 

Manousiouthakis, 1998) and since this is the same amount as was originally 

introduced, it can be recycled as feed. (Grue and Bendtsen, 2003) As a result, there 

will be a net zero CO2 effluent from the system. As can be seen in Figure 29, although 

the system will need to expel a great deal of heat, the work lost which corresponds to 

the G of the reacting system will be minimal. 
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CHAPTER 5 

CONCLUSION AND RECOMMENDATIONS 

Chemical processes use up a large proportion of the world's natural resources, 

because they consume raw materials in manufacturing various products and require 

energy to drive the processes. This burden on the environment can be ameliorated if 

chemical processes are made more efficient. 

The research described in this dissertation aimed at developing a technique to assess 

the achievable regions of processes taking place within chemical reactors. Since there 

are often many competing reactions occurring in the reactor during the same product 

run, we developed a simple graphical technique to show the interaction between these 

reactions in terms of mass balances and thermodynamic analysis. This made it 

possible to identify which of a wide range of reactions that could be taking place in 

the reactor are likely to dominate in a particular chemical process. The technique does 

this by using the thermodynamic properties of the reactants and products to assess the 

degree of transformation achievable in the separate co-existing reactions, and to 

ascertain the attainable regions in a particular chemical process.  

The main objective of this project was to find a theoretical means to develop energy- 

efficient processes. This was done in two stages. The first was the evaluation of a 

chemical process, in this case the synthesis of methanol from syngas. The second was 

the use of the information obtained to outline a specification for the design of a better 

process that achieves optimal product yield while emphasizing the reduction of 

materials, energy consumption and carbon dioxide emissions to the environment. 
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Although a number of scientists have worked in the area of methanol synthesis, most 

have focused on measuring synthesis rates when different feed compositions are used. 

The work described here contributes to the body of research by providing insight into 

the reactions likely to be achievable in the reactor during the course of the synthesis 

under different process conditions. The approach also provides useful information for 

evaluating an operating process because it can help the engineer or designer to 

identify sources of inefficiency within a process, which will affect the performance 

target. Design decisions that aim to develop new, more environmentally friendly and 

cost- effective processes can then be incorporated at an early stage. Most important is 

that this unique method allows engineers to gain greater insight into processes, 

establish systematic and realistic performance targets and improve process yields. 

This can be achieved while also meeting the requirement to conserve raw material 

sources and reduce the negative environmental impact caused by the chemical 

industry.  

This work introduces a graphical technique used to identify the Attainable Region 

(AR) for chemical processes in a reactor. In this case it refers to a thermodynamically 

achievable region in which the reactor can function without violating thermodynamic 

boundaries. The approach is to find the AR and interpret its boundary in terms of the 

likely limiting extents of reaction through mass balance calculations. The technique is 

always two-dimensional, allowing for easy and rapid interpretation of the results, and 

one can readily see the result of changing the process feed and operating conditions. 

Thus one can readily see how reaction path analysis can become a crucial preliminary 

tool in identifying the most desirable reaction routes when designing a process. The 

AR should contain the feed point, it should be zero at the intersection of the chemical 
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species and it should represents all possible combinations of the species taking part in 

the reactions being considered. 

5.1 SUMMARY OF RESULTS 

We found that variation of the temperature of the operating system affected both the 

∆H and the ∆G of the reaction. In the case of single reaction considered in this study, 

the most favourable conditions were obtained at lower temperatures. When the results 

were plotted in the GH domain, the positive slope of the reaction rose with the 

temperature increase, making G more positive. This indicated that the higher 

temperatures caused an unfavourable forward reaction. The reason is that the 

thermodynamics of the reaction remain at the feed point because its ∆G is too low 

unless work is added to the system to make the reaction feasible. (This is achieved 

through mixing, which generally adds a very small quantity of work.) 

At constant temperature, variations in the form of increases in pressure were found to 

have a significant effect on the G of the reaction only while the ∆H remained 

unchanged assuming ideal conditions. Raising the pressure increased the negative 

slope of the line representing the ∆G of the reaction, indicating that the reaction had 

become more spontaneous and forward (that is, tending towards product-forming). At 

higher temperatures the reaction was not feasible thermodynamically at 1 bar, but at 

increased pressure the reaction could again become favourable and 

thermodynamically feasible. This was shown on the GH plot by a change in the slope 

from positive through zero to negative. The variation in temperature and pressure 

rotated the mass balance line because the length in the H direction remained more 

constant than the G length. As already noted, at very high temperatures the system 

requires much greater work input to make the reaction feasible. 
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However, if the GH space for the combined methanol synthesis process is plotted, a 

polygon with the same number of sides as in the extent plot is generated as a result of 

the mass balance calculations on the different chemical species (Ni). The region 

bounded by the lines will represent all possible combinations of the species taking 

part in the reactions, in this way defining the mass balance attainable boundaries 

(referred to as the mass balance Attainable Region—AR) that establish the conditions 

for a feasible synthesis process that will not violate thermodynamic relations. 

Although the reactors attainable region is part of the mass balance region; the mass 

balance attainable region increases with temperature becoming more positive because 

∆G is positive hence the reaction is less favourable, while increase in pressure at 

constant temperature decreases the region and makes ∆G less negative, thereby 

making the reaction more favourable and increasing the yield of methanol, for the 

methanol synthesis process. However, the reactors attainable region increases 

correspondingly with increase in pressure i.e., increasing pressure will push systems 

further to the products for maximum production in agreement which LeChatelier’s 

Principle, otherwise the designer has to think of some means of adding work into the 

system to achieve the desired objective. 

This dissertation also shows that the introduction of either water or CO2, or both, to 

the feed opens up the mass balance region, resulting in WGS activity and generating 

more reaction path alternatives. Therefore, the RWGS/WGS reactions also determine 

the routes reactions can take. Again, the change in Gibbs free energy across the 

reactor and the reaction pathways leading to product are interlinked.  

All of these factors are useful to the engineer who is setting performance targets for 

chemical processes. They enable designers to find the reactor’s AR, deduce the 
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process reaction pathways, and interpret their boundaries in terms of the likely 

limiting extents of reaction. The GH model makes the results of changing the process 

feed and operating conditions of reactions clear in an easily accessible manner that 

makes it an indispensable tool in the conceptual design phase of a chemical process. 

5.2 RECOMMENDATIONS AND FURTHER WORK 

This thermodynamic analysis has shed light on the reaction pathway of synthesizing 

methanol from syngas. It can be applied to evaluate other chemical processes in the 

industry, where designers are aiming to develop energy-efficient processes with 

reduced raw material and energy requirements that are also mindful of environmental 

issues. In this way, the sustainability of both industry and the biosphere can be 

supported. 

The graphical technique demonstrated by the use of the GH plot was expanded to 

chart the characteristics of more than two reactions occurring in a reactor, in an effort 

to explain in thermodynamic terms why some reactions dominate (or are favoured) in 

the reactor under some process conditions. This too will aid a process designer during 

the conceptual design phase of a system. 

Another benefit offered by this approach is that it provides a useful means of 

evaluating the efficiency of an actual operating process as compared with its 

theoretical target, because it will help to identify the major sources of inefficiency 

within a process. The method can be applied to the Fischer-Tropsch synthesis and 

other industrial processes to obtain optimal results, to identify possible means of 

saving energy, and devise methods of supplying or recovering energy from the 

processes so as to improve process reversibility and efficiency. 



90 

 

BIBLIOGRAPHY 

American Methanol Institute (AMI, 1998). Global Climate Benefits of Methanol.  

 American Methanol Institute Washington, DC 20006, 1998.  

 [www.methanol.org/fuelcell/fact/climate.cfm] 

American Methanol Institute (AMI, 2000), Methanol: North America’s Clean Fuel  

 and Chemical Building Block. American Methanol Institute Washington, DC  

 20006, 1998. [www.methanol.org/pdf/evaluation]. 

Annamalai, K. and Puri, I. K. (2002), ADVANCED THERMODYNAMICS 

ENGINEERING, CRC Press LLC, Washington, DC., USA, 2002. 

Aris, R., and Mah, R.H.S., (1963), Independence of chemical reactions, Industrial and  

 Engineering Chemistry Fundamentals, Vol. 2 (2), 1963, 90 – 94. 

Armor, J. N., (1998), Applications of catalytic inorganic membrane reactors to  

 refinery products, Journal of Membrane Science, vol. 147 (2), 1998, 217-233. 

Banister, J. A.  and Rumbold, S. O., (2005), A compact gas to methanol process and  

its application to improved oil recovery, presented at the Gas Processors 

Association Europe Annual Conference, Warsaw, Poland, 21
st
 – 23

rd
 

September, 2005, Heatric division of Meggitt (UK) Ltd, Poole, Dorset, UK, 

2005… www.heatric.com/technical_papers.html 

Benson, H. E., (1981), Processing of Gasification Products; Ch. 25 in Chemistry of  

 Coal Utilization, Elliot, M., ed.; John Wiley and sons; New York, 1981. 

Berg, C. A.,(1980), Process integration and the second law of thermodynamics:  

 Future possibilities, Energy, Volume 5, Issues 8-9, 1980, 733-742. Pergamon 

press. 

Biegler, L. T., Cerveantes, A. M., and Wächter, A., (2002), Advances in simultaneous  



91 

 

strategies for dynamic process optimization, Chemical Engineering Science, 

vol. 57 (4), 2002, 575-593. 

Boomer, E. H., and Morris, H. E., (1932), The hydrogen carbon dioxide reaction  

(Communications to the editor), Journal of the American Chemical Society), 

Vol. 54 (1), 1932, 407. 

Bowker, M., Hadden, R. A., Houghton, H., Hyland, J. N. K. and Waugh, K. C.,  

(1988), The mechanism of methanol synthesis on copper/zinc oxide/alumina 

catalysts, Journal of Catalysis, Vol. 109 (2), 1988, 263-273. 

Bowker, M., Houghton, H., and Waugh, K. C. (1981), Mechanism and kinetics of  

methanol synthesis on zinc oxide,  Journal of the Chemical Society, Faraday 

Transactions 1, 77 (12), 3023-3036. 

Brown, D. M., Bhatt, B. L., Hsiung, T. H., Lewnard, J. J. and Waller, F.J., (1991),  

Novel technology for the synthesis of dimethyl ether from syngas, Catalysis 

Today, 8 (3), 1991, 279-304. 

Cai, Y.,  Wagner, J. P. and Ladebeck, J., (2003), Low temperature water gas shift  

reaction over Cu/Zn/Al catalysts. Presented at the 18
th

 North American 

Catalysis Society Meeting,  Mexico, June 1 – 6, 2003. pp1. 

Chanchlani, K. G., Hudgins, R. R., and Silveston, P. L., (1992), Methanol synthesis  

 from H2, CO, and CO2 over Cu/ZnO catalysts, Journal of Catalysis, Vol. 136 

(1), 1992, 59-75. 

Chen L., Nolan R., Avadhany S., and Ghoniem A. F., (2009), Thermodynamic  

analysis of coal to synthetic natural gas process. 

www.mit.edu/.../Thermodynamic Analysis of the coal to SNG process.pdf. 

11th may 2009. 

Chinchen, G. C., Denny, P. J., Parker, D. G., Short, G. D., Spencer, M. S., Waugh, K.  

http://pubs.acs.org/doi/abs/10.1021/ja01340a509
http://www.mit.edu/.../Thermodynamic%20Analysis%20of%20the%20coal%20to%20SNG%20process.pdf.%2011th%20may%202009
http://www.mit.edu/.../Thermodynamic%20Analysis%20of%20the%20coal%20to%20SNG%20process.pdf.%2011th%20may%202009


92 

 

C. and Whan, D. A., (1984), The activity of Cu-ZnO-Al2O3 methanol 

synthesis catalysts, Preprints American Chemical Society, Division of Fuel 

Chemistry, vol. 29 (5), 29, 178 – 188. 

Chinchen, G. C. and Waugh, K. C., (1986), The chemical state of copper during  

 methanol synthesis, Journal Catalysis, vol. 97 (1), 1986, 280-283. 

Chinchen, G. C., Waugh, K. C. and Whan, D. A., (1986), The activity and state of the  

 copper surface in methanol synthesis catalysts, Applied Catalysis, 25 (1-2), 

1986, 101-107. 

Chinchen, G. C., Spencer, M. S., Waugh, K. C. and Whan, D. A., (1987), Promotion  

of methanol synthesis and the water gas shift reactions by adsorbed oxygen on 

supported copper catalysts, Journal of the Chemical Society, Faraday 

Transactions 1: Physical Chemistry in Condensed Phases, vol. 83 (7) 1987, 

2193-2212 (Faraday Symposium 21). 

Chinchen G. C., Denny P. J., Parker, D. G., Spencer M. S. and Whan, D. A., (1987),  

Mechanism of methanol synthesis from CO2/CO/H2 mixtures over copper/zinc 

oxide/alumina catalysts: use of
14

C-labelled reactants, Applied Catalysis, 30 

(2), 1987, 333-338.  

Chinchen, G. C., Hay, C. M., Vandervell, H. D. and Waugh, K. C., (1987), The  

measurement of copper surface areas by reactive frontal chromatography, 

Journal Catalysis, 103 (1), 1987, 79-86. 

Chinchen, G. C. and Spencer, M. S., (1988), A comparison of the water-gas shift  

reaction on chromia-promoted magnetite and on supported copper 

catalysts  Journal of Catalysis, Vol. 112 (1), 1988, 325-327. 

Chinchen G. C., Mansfield, K. and Spencer, M. S., (1990), The Methanol Synthesis:  

 How does it Work? ChemTech vol. 20, 1990, 692-699. 

http://www.scopus.com/record/display.url?eid=2-s2.0-0001503450&origin=resultslist&sort=plf-f&src=s&sid=h_OMneOmIXIogjzGwG0pgAj%3a20&sot=q&sdt=b&sl=34&s=TITLE-ABS-KEY-AUTH%28G.C.+Chinchen+%29&relpos=14&relpos=14&searchTerm=TITLE-ABS-KEY-AUTH%28G.C.%20Chinchen%20%29
http://www.scopus.com/source/sourceInfo.url?sourceId=39662&origin=resultslist


93 

 

Choi, S., Park, J., Han, C. and Yoon, E. S., (2008), Process design and control:  

 optimal design of synthesis gas production process with recycled carbon  

dioxide utilization, Industrial & Engineering Chemistry Research, vol 47 (2), 

2008, 323-331. 

Choi, Y. and Stenger, H., (2002), Kinetics of methanol decomposition and water gas  

shift reaction on a commercial Cu-ZnO/Al2O3 catalyst, Fuel Chemistry 

Division Preprints 2002, 47(2), 723-724. 

Cisternas, L. A., (1999), On the synthesis of inorganic chemical and metallurgical  

 processes. review and extension, Minerals Engineering, Vol. 12, No. 1, 1999, 

15-41. 

Costa1, A. L. H., Carlos, T. M. S., Bueno, R. C. N. G., and Sinclair A. M., (2005), An  

integrated system based on a flowsheet simulator for process engineering: an 

industrial application, A presentation at the 2
nd

 Mercosur Congress on 

Chemical Engineering and 4
th 

Mercosur Congress on Process Systems 

Engineering, EMPROMER, 14
th

 – 18
th 

August, Rio de Janeiro, Brazil, 2005. 

Crabtree, E.W. and El-Halwagi, M.M., (1994), Synthesis of environmentally  

acceptable reactions: pollution prevention via process and product 

modifications, American Institute of Chemical Engineering Symposium 

(AIChE), (1994), 117–127. 

Denbigh, K.G., (1956), The second-law efficiency of chemical processes, Chemical  

Engineering Science, Vol.6 (1), Oct. 1956, 1 – 9. 

Denny, P.J. and Whan, D.A., (1978), Title unknown, Catal., Spec. Period. Rep., 

Chem. Soc. London 2, 1978, 46. 

Dias De Oliveira, M. E., Vaughan B. E. and Rykiel E. J. Jr., (2005). Ethanol as Fuel:  



94 

 

Energy, Carbon Dioxide Balances, and Ecological Footprint, BioScience, Vol. 

55 (No7), July 2005, p 593 - 602. 

Ebbeson, B., Stokes, H. C. and Stokes, C. A., (2000), Methanol: the other alcohol, a  

Bridge to sustainable clean liquid fuel, July 2000… 

…www.bioenergylists.org/.../Methanol--The%20Other%20Alcohol.pdf 

Edward, E. B., (1987), A short course in organic chemistry. Mir publisher, Moscow. 

pp 308-781. 

EL-Halwagi, M. M., (*2006), Process Integration; Academic press: Amsterdam,  

February, 2006. Pollution Prevention through Process Integration: Systematic 

Design Tool, Academic Press, San Diego (1997).  

Energy Information Administration (EIA, 1997), Office of Integrated Analysis and  

Forecasting, U.S. Department of Energy, Washington, DC 20585, 

International Energy Outlook April 1997. 

Energy Information Administration (EIA, 1999), Office of Integrated Analysis and  

Forecasting, U.S. Department of Energy, Washington, DC 20585, 

International Energy Outlook March 1999. 

Enick, R.M., Hill, J., Cugini, A. V., Rothenberger, K. S. and Mcllvried, H.G., (1999),  

A model of a high temperature, high pressure water gas shift tubular 

membrane reactor, ACS Division of Fuel Chemistry Preprints, 44 (4), 1999, 

919-923. www.anl.gov/PCS/acsfuel/.../44_4_New Orleans_08-99.pdf. 

Feinberg, M. and Hildebrandt, D., (1997) Optimal reactor design from a geometric  

viewpoint l: universal properties of the attainable region Chemical 

Engineering Science, Vol. 52, No. 10, pp. 1637-1665, 1997 

Fornari, T., Rotstein E. and Stephanopoulos, G., (1989), Studies on the synthesis of  

http://www.anl.gov/PCS/acsfuel/.../44_4_


95 

 

chemical reaction paths II: reaction schemes with two degrees of freedom, 

Chemical Engineering Science. Vol. 44 (7), 1989, 1569-1579. 

Geissler, K., Newson, E., Vogel, F., Truong, T. B. and Hottinger, P., Kinetics and  

systems analysis for producing hydrogen from methanol and hydrocarbons, 

ene.web.psi.ch/Annex5 _PDF/EnergyMatCycles/008_009.pdf. (year of 

publication unknown) 

Geissler, K., Newson, E., Vogel, F., Truong, T. B. and Hottinger, P. and Wokaun, A.,  

(2001), Autothermal methanol reforming for hydrogen production in fuel cell 

applications, Physical Chemistry Chemical Physics, vol. 3 (3), 2001, 289-293. 

Glasser, D., Hildebrandt, D. and Crow, C. A., (1987), A geometric approach to steady  

flow reactors: the attainable region and optimization in concentration space, 

Industrial Engineering Chemical Resource, vol. 26, 1987, 1803–1810.   

Glasser, D. and Hildebrandt, D., (1997), Reactor and process synthesis. Computers &  

 Chemical Engineering, vol. 21 suppl. 1, 1997, S775–S783. 

Graaf, G. H., Sijtsema, P. J. J. M., Stamhuis, E. J. and Joosten, G. E. H., (1986),  

Chemical equilibria in methanol synthesis, Chemical Engineering Science, 41 

(11), 1986, 2883-2890. 

Graaf, G. H., Stamhuis, E. J. and Beenackers, A.A.C.M., (1988), Kinetics of low  

 pressure methanol synthesis, Chemical Engineering Science 43 (12), 1988, 

3185-3195.  

Grue, J. and Bendtsen, J. D., (2003), Synthesis and optimisation of a methanol  

process, a paper presented at 44th Scandinavian Conference on Simulation and 

Modelling, 2003… - 2003 - www.scansims.org/sims2003/papers/SIMS2003. 

Hadden, R. A., Vandervell, H. D., Waugh, K. C. and Webb, G., (1988), The  

http://www.scopus.com/authid/detail.url?origin=resultslist&authorId=15838672500
http://www.scopus.com/authid/detail.url?origin=resultslist&authorId=6507131234
http://www.scopus.com/authid/detail.url?origin=resultslist&authorId=7006552855
http://www.scopus.com/authid/detail.url?origin=resultslist&authorId=23065474300


96 

 

adsorption and decomposition of carbon dioxide on polycrystalline copper, 

Catalysis Letters, 1(1-3), 1988, 27-33. 

Hamelinck, C. N., and Faaij, A. P. C., (2002),  Future prospects for production of  

 methanol and hydrogen from biomass, Journal of Power Sources, vol. 111 (1),  

2002, 1-22. 

Hardiman, K. M., (2001), METHANOL SYNTHESIS FROM BIOGAS: 

THERMODYNAMICS, COMPUTER SIMULATION, AND ECONOMIC 

EVALUATION, thesis submitted to the Department of Chemical Engineering, 

University of Queensland, Brisbane, Queensland, Australia, May 2001. 

Hendry, J. E., Rudd, D. R. and Seader J.D., (1973), Synthesis in the design of  

 chemical process, AIChE Journal, vol 19 (1), 1973, 1-15. 

Herman, R. G., Klier, K., Simmons, G.W., Finn, B. P., Bulko, J. B., and Kobylinski,  

T.P., (1979), Catalytic synthesis of methanol from CO/H2 I: phase 

composition, electronic properties, and activities of the Cu/ZnO/M2O3 

catalysts, Journal Catalysis, 56 (3), 1979, 407-429.  

Herman, R. G., Simmons, G. W. and Klier, K, (1981), Catalytic synthesis of methanol  

from CO/H2 III: the role of alumina and ceria in the Cu/ZnO system, Studies 

in Surface Science and Catalysis, vol. 7 (1), 1981, 475-489. 

Hildebrandt, D. and Glasser, D., (1990), The attainable region and optimal reactor  

 structures, Chemical Engineering Science, Vol 45, No. 8, pp. 2161-2168, 

1990. 

Hildebrandt, D., Glasser D. and Crowe, C. M., (1990), The geometry of the attainable  

region generated by reaction and mixing; with and without constraints, Ind. 

Eng. Chem. Res., 29, 49-58 

Hill, C. G., (1977), AN INTRODUCTION TO CHEMICAL ENGINEERING  

http://www.scopus.com/source/sourceInfo.url?sourceId=22748&origin=resultslist


97 

 

 KINETICS AND REACTOR DESIGN, John Wiley & Sons, Inc., New York, 

USA, 1977, 1 – 16. 

Hlavacek, V., (1978), Synthesis in the design of chemical processes (Journal Review).  

 Computers and Chemical Engineering, pergamon press ltd., Vol. 2, 1978, 67-

75. 

Holiastos, K. and Manousiouthakis, V., (1998), Automatic synthesis of  

 thermodynamically feasible reaction clusters, AIChE Journal, Vol. 44 (1), 

1998, 164 – 173. 

International Energy Agency (IEA, 2007). Tracking Industrial Energy Efficiency and  

CO2 Emissions. Organisation for Economic Co-Operation and Development/ 

International Energy Agency (OECD/ IEA) 2007; 23 – 25. 

International Energy Agency (IEA, 2008). International standards to develop and 

promote energy efficiency and renewable energy sources, IEA Information 

paper in support of G8 plan of action. Organisation for Economic Co-

Operation and Development/ International Energy Agency (OECD/ IEA), 

Paris, France, 2008. 

Joo, O., Jung, K., Moon, I., Ya, A., Galina, R., Lin, I., Han, S. and Uhm, S., (1999),  

Carbon dioxide hydrogenation to form methanol via a reverse water gas shift 

reaction, Industrial & Engineering Chemistry Research, vol. 38 (5), 1999, 

1808-1812. 

Kagan, Y.B., Liberov, L.G., Slivinskii, E.V., Loktev, S.M., Lin, G.T., Rozovskii,  

A.Y. and Bashkirov, A.N., (1975), Dokl. Akad. Nauk.( Doklady Akademii 

Nauk)  SSSR 221 (5), 1975, 1093. 

Kieffer, R., Ramarson, E., Deluzarche, A. and Trambouze, Y., (1981), React. Kinet.  

 Catal. Lett. 16, 207, (1981). 

http://www.all-acronyms.com/DOKL+AKAD+NAUK+SSSR/Doklady_Akademii_Nauk_SSSR/1024286


98 

 

Kirk, R. E., (1998), KIRK-OTHMERS’S ENCYCLOPEDIA OF CHEMICAL  

 TECHNOLOGY, 4
th

 edn, vol. 16, John Wiley, New York, 1998, 537-555. 

Klier, K., (1982), Methanol Synthesis,  Advances in Catalysis, Vol. 31, 1982, 243 – 

313.  

Klier, K., Chatikavanij, V., Herman, R. G. and Simmons, G. W., (1982). Catalytic  

synthesis of methanol from CO/H2 IV: the effects of carbon dioxide, Journal 

of Catalysis, 74 (2), 343 – 360. 

Kung, H. H., (1980), Methanol synthesis, Catalysis Reviews, Science and  

Engineering, vol. 22 (2), 1980, 235 – 259. 

Lange, J., (2001), Methanol synthesis: a short review of technology improvements,  

 Catalysis Today, 64 (1-2), 2001, 3–8. 

Larkin, D. W., Leethochawalit, M., Chavadej, S., Caldwell, T. A., Lobban, L. L. and  

Mallinson,R. G., (1999), Carbon pathways, CO2 utilization and in situ product 

removal in low temperature plasma methane conversion to methanol, In 

Greenhouse Gas Control Technologies, Reimer, P., Eliasson, B. and Wokaun, 

A., Eds., Elsevier Science Ltd, New York, 397-402. Proceedings of the 4th 

International Conference on Greenhouse Gas Control Technologies, August 

30th-September 2nd 1998, Interlaken, Switzerland (1998) pp. 397–402. 

Law, N., Nichols, C. and Tamayo, D., (2008), Methanol production, progress report 4,  

Chemical Engineering Program CENG 124B, May 22
nd

, 2008… 

maecourses.ucsd.edu/ceng124/rpts/ gp2_rpt4.doc 

Lee, C. H., Chan, M. K., Chau, P. and Ao, C. Y., (2008), Methanol synthesis from  

coal gasification, progress report 4, Chemical Engineering Program CENG 

124B, May 22
nd

, 2008… maecourses.ucsd.edu/ceng124/rpts/gp9_rpt4.doc 

Lee J. M., and LeBlanc, J. R., (1993), Integrated Process for Making Methanol and  



99 

 

Ammonia,United States Patent [19] patent number 5,180,570, January 19, 

1993… -1993 - www.freepatentsonline.com/5180570.pdf. 

Lee, J. S., Lee, K. H., Lee, S. Y. and Kim, Y. G., (1993). A comparative study of  

methanol synthesis from CO2/H2 and CO/H2 over a Cu/ZnO/Al2O3 catalyst, 

Journal of Catalysis, 144 (2), 1993, 414-424. 

Lee, S., Parameswaran, V. R. and Sawan, A. V., (1988), Potential improvements in  

methanol synthesis, Proceedings: 12
th

 annual EPRI contractors’ conference on 

fuel science and conversion. AP-5460-SR, Electric Power Research Institute, 

Palo Alto, CA, February 1988. 

Lee, S., Parameswaran, V. R., Lee, B. G. and Gogate, M. R., (1989), Novel  

development and enhancement in methanol synthesis, Proceedings: Indirect 

Liquefaction Contractors' Review Meeting, U.S. DOE/PETC, Pittsburgh, 

Pennsylvannia, 1989, 137–144. 

Levenspiel, O., (1999), CHEMICAL REACTION ENGINEERING, 3
rd 

edition, John 

Wiley and Sons, Inc., New York, USA, 1999. 

Li, M., Hu, S., Li, Y. and Shen, J., (2000), A hierarchical optimization method for  

 reaction path synthesis, Industrial & Engineering Chemistry Research, vol. 39 

(11), 2000, 4315-4319. 

Liebner, W. And Supp, E. (1988), Combined reforming: a most economical way from 

natural gas to alcohols and synfuels, presented at the VIII International 

Symposium on Alcohol Fuels, Tokyo, Japan, November 13-16, 1988. 

Lien, K. and Perris, T., (1996), Industry and academia: rebuilding the partnership,  

 Computers & Chemical Engineering Vol. 20, Supplement 2, 1996, S1545-

S1550. 

Linnhoff, B., (1983), New concepts in thermodynamics for better chemical process  

http://www.freepatentsonline.com/5180570.pdf


100 

 

design, Chemical Engineering Research & Design, Royal Society Esso 

Energy Award Lecture, vol. 61 (4), 1983, 207-223. 

Liu, G., Willcox, D., Garland, M. and Kung, H. H., (1984). The rate of methanol  

production on a Copper – Zinc oxide catalyst: The dependence on the feed 

composition  Journal of Catalysis, Vol. 90 (1), 139 – 146. 

Liu G., Wilcox D., Garland M. and Kung H. H., (1985). The role of CO2 in methanol  

 synthesis on Cu-Zn oxide: An isotope labeling study. Journal of Catalysis, 

vol. 96 (1), 251 – 260. 

Manousiouthakis, V., Allen, D., (1995), Process Synthesis for Waste Minimization,  

 AIChE symposium series, 91(304), 1995, 72-86. 

Marsh, G., Taylor, P., Haydock, H., Anderson, D. and Leach, M., (2002). Options for  

a Low Carbon Future. The Energy Review, a Performance and Innovation 

Unit Report [A report produced for The Department of Trade and Industry 

(DTI), the Department for Environment, Food and Rural Affairs (DEFRA) 

and the Performance and Innovation Unit by Future Energy Solutions from 

AEA Technology in collaboration with the Imperial College Centre for 

Energy Policy and Technology]. February 2002. 

May, D. and Rudd, F. D., (1976), Development of solvay clusters of chemical  

 reactions. Chemical Engineering Science, vol. 31 (1), 1976, 59 – 69. 

McMillen, K. R., Meyer, T. R. and Clark, B. C., (1993), Methanol: A Fuel for Earth  

and Mars, A presentation at the Case for Mars Conference, American 

Astronomical Society (AAS -93, 880), 26
th

 – 29
th

 may 1993, pp. 3 – 17. 

Moran, M. J. and Shapiro, H. N. (2006), FUNDAMENTALS OF ENGINEERING 

THERMODYNAMICS KINETICS AND REACTOR DESIGN, 5
th 

edition, 

John Wiley & Sons, Inc., Chichester, West Sussex, England, 2006. 



101 

 

Muhler, M., Törnqvist, E., Nielsen, L.P., Clausen, B.S. and Topsøe, H., (1994). On  

the role of adsorbed atomic oxygen and CO2 in copper based methanol 

synthesis catalysts, Catalysis Letters, 25 (1-2), (1994) 1 – 10. 

Nakamura, I., Fujitani, T., Uchijima, T., Nakamura, J., (1998). The Synthesis of  

Methanol and the reverse water – gas shift reaction over Zn-deposited Cu(100) 

and (Cu 110) surfaces: comparison with Zn/Cu(111). Surface Science 400 

(1998) 387 – 400. 

Nishida, N., Stephanopoulos, G. and Westerberg, A.W., (1981), A review of process  

 synthesis, AIChE Journal, vol 27 (3), 1981, 321-351. 

Noel de Nevers, (1981), The two fundamental approaches to second-law analysis of  

processes, Proc. Eng. Fund. Conf. on Foundations of Computer-Aided Process 

Design, R.H.S. Mah and W.D. Seider, eds., Engineering Foundation, NY 

1981. 

NZIC (1998). The Production of Methanol and Gasoline, New Zealand Institute of  

Chemistry, VII-Energy-D-Methanol, article on Chemical Processes in New 

Zealand 2
nd

 ed. Rewritten by John Packer, 1998; 1 – 19… 

http://www.nzic.org.nz/chemprocesses/energy/7D.pdf cited 2010. 

OECD (1998), Biotecnology for clean industrial products and processes: Towards 

Industrial Sustainability. Organisation for Economic Co-operation and 

Development, Paris, France. 1998. 

OECD (2001), The application of Biotecnology to industrial sustainability – A 

primer. Organisation for Economic Co-operation and Development, Paris, 

France. 1998 (www.oecd.org/sti/biotechnology). 

OTA (1993). U.S. Congress, Office of Technology Assessment, Industrial Energy  

http://www.nzic.org.nz/chemprocesses/energy/7D.pdf
http://www.oecd.org/sti/biotechnology


102 

 

 Efficiency, OTA-E-560 (Washington, DC: U.S. Government Printing Office, 

August 1993). 

Oudar, J. , (1980), Sulfur Adsorption and Poisoning of Metallic Catalysts, Catalysis  

Reviews Science and Engineering (Catalysis reviews Softcover ed), vol. 22(2),  

1980, 171-195. 

Parameswaram, V.R., (1987), THE ROLES OF CARBON DIOXIDE AND WATER  

IN LIQUID PHASE METHANOL SYNTHESIS, PhD Dissertation, The 

University of Akron, Akron, OH, May 1987. 

Parameswaran, V.R., Lee, S., (1987). Pore diffusional limitations in the liquid-phase  

 methanol synthesis process, Energy and Fuels, vol. 1 (2), 1987, 217-222. 

Parameswaran, V.R., Lee, S., Wender, I., (1989). The role of water in methanol  

 synthesis, Fuel Science & Technology Int’l, 7 (7), 1989, 899-918. 

Patel, B., Hildebrandt, D., Glasser, D., and Hausberger, B., (2005). Thermodynamic  

analysis of process 1: implications of work integration. Industrial & 

Engineering Chemistry Research, vol. 44 (10), 2005, 3529 – 3537. 

Patel, B., Hildebrandt, D., Glasser, D. and Hausberger, B. (2005). Overcoming the  

overall positive Free Energy of a process: Using the second law analysis to 

understand how this is achieved. 7
th 

World Conference of Chemical 

Engineering, Glasgow, Scotland, 10
th

 - 14
th

 July 2005. 

Patel, B., Hildebrandt, D., Glasser, D. and Hausberger, B., (2007).  Synthesis and  

integration of chemical processes from a mass, energy, and entropy 

perspective, Industrial & Engineering Chemistry Research, vol. 46 (25), 2007, 

8756-8766. 

Peng, X. D., Toseland, B. A., Wang, A. W. and Paris, G. E., (1997). Progress in  

http://www.informaworld.com/smpp/content~db=all~content=a762715286~frm=titlelink


103 

 

development of LPDME process: kinetics and catalysts, Coal Liquefaction & 

Solid Fuels Contractors Review Conference, September 3-4, 1997, Pittsburgh, 

PA. 

Reed, T.B. and Lerner, R.M., (1973). Methanol: a versatile fuel for immediate use,  

Journal Science, AAAS, vol. 182 (4119), (1973); pp 1299 - 1304. 

www.sciencemag.org/content/182/4119/1299.short 

Reubroycharoen, P., Yamagami, T., Vitidsant, T., Yoneyama, Y., Ito, M. and  

Tsubaki, N., (2003), Continuous low – temperature methanol synthesis from 

syngas using alcohol promoters, Energy & Fuels, 17, 2003, 817-821. 

Riekert, L., (1974), The efficiency of energy utilization in chemical processes,  

 Chemical Engineering Science, vol. 29 (7), 1974, 1613-1620. 

Rotstein, E., Resasco, D. and G. Stephanopoulos, (1982), Studies on the synthesis of  

chemical reaction paths-I. Reaction characteristics in the (ΔG, T) space and a 

primitive synthesis procedure, Chemical Engineering Science, vol. 37 (9), 

1982, 1337-1352. 

Rozovskii, A.Y., Lin, G.T., Liberov, L.G., Slivinskii, E.V., Loktev, S.M., Kagan,  

 Y.B., and Bashkirov, A.N., (1977), Kinet.Katal. 18, 1977, 691. 

Rozosvkii, A.Y., (1989), Modern problems in the synthesis of methanol, Russian  

 Chem. Rev.(Russian Chemical Reviews) 58(1), 1989, 41-56. 

Rozovskii, A. Y., (1980), On mechanism of catalytic reactions from carbon  

 monoxide, Kinet. Katal., 1980, 21, 97-107 (in Russian). 

Rudd, D. F., (1968), The synthesis of system design I: elementary decomposition  

 theory, AIChE Journal, 14 (2), 1968, 343-349. 

Sachmidt, L. D., (1998), THE ENGINEERING OF CHEMICAL REACTIONS,  

 Oxford University Press, Inc., 198 Madison Avenue, New York, USA, 1998.  



104 

 

Satterfield, C. N., (1991), Heterogeneous Catalysis in Industrial Practice, 2
nd

 edition,  

McGraw Hill Book Co., 1221 Avenue of the Americas, New York, NY 10020 

(United States), 1991. 

Schwarz, J., (2006). Place energy fate in our hands, Lansing State Journal, May 26 

2006. 

Shinnar, R., Shapira, D. and Zakal, S., (1981),  Thermochemical and hybrid cycles for  

hydrogen production: a differential economic comparison with electrolysis, 

Industrial & Engineering Chemistry  Process Design and Development, 20 

(4), 1981, 581-593. 

Shinnar, R., Fortuna, G. and Shapira, D., (1982), Thermodynamic and kinetic  

constraints of catalytic synthetic natural gas processes, Industrial & 

Engineering Chemistry  Process Design and Development, vol. 21 (4), 1982, 

728-750. 

Shinnar, R. and Feng, C. A., (1985), Structure of complex catalytic reactions:  

thermodynamic constraints in kinetic modeling and catalyst evaluation, 

Industrial & Engineering Chemistry Fundamentals, 24 (2), 1985, 153-170. 

Shinnar, R., (1988), Thermodynamic analysis in chemical process and reactor design,  

 Chemical Engineering Science, vol. 43, Issue 8, pp 2303-2318. 1988. 

Pergamon press plc. 

Skrzypek, J., Lachowska, M. and Serafin, D., (1990), Methanol synthesis from CO2  

and H2: dependence of equilibrium conversions and exit equilibrium 

concentrations of components on the main process variables, Chemical 

Engineering Science, 45 (1), 1990, 89-96. 

Smith, R. (2005), Chemical Process Design and Integration. John Wilson and Sons,  

 limited, (2005); pp 4. 



105 

 

Song, C., (2002). Fuel processing for low-temperature and high-temperature fuel  

cells:challenges, and opportunities for sustainable development in the 21
st
 

century. Catalysis Today, 77, 17-49. 

Song, C., (2006), Global challenges and strategies for control, conversion and  

utilization of CO2 for sustainable development involving energy, catalysis, 

adsorption and chemical processing, catalysis today, 2006, 115 (1-4), 2-32. 

Specht, M., Bandi, A., Elser, M. and Staiss, F., (1998). Comparison of CO2 sources  

for the synthesis of renewable methanol, Studies in Surface Science and 

Catalysis, Vol. 114, 1998, 363-366. 

Spencer, M. S., (1981). Thermodynamic constraints on multicomponent catalytic  

systems I: limits to first-order kinetics, Journal of Catalysis, Vol. 67 (2), 1981, 

259-265. 

Spencer, M. S., (1985). Thermodynamic constraints on multicomponent catalytic  

 systems II: limits to pseudo-mass-action kinetics, Journal of Catalysis, Vol. 94 

(1), 1985, 148-154. 

Steinberg, M., (1996). The Carnol Process for CO2 Mitigation from Power and the 

Transportation Sector, Energy Conversion and Management, Volume 37, 

Issue 6-8, 1996, 843-848. Proceedings of the International Energy Agency 

Greenhouse Gases: Mitigation Options Conference 

 

Stephanopoulos, G., Rotstein, E. and Rasasco, D., (1982), Towards the synthesis of  

chemical reaction paths, Institute of Chemical Engineers Symposium series, 

74, 1982, 173-185. 

Stephanopoulos, G. and Townsend, D. W., (1986), Synthesis in process development,  

 Chemical Engineering Research and Design, 64 (3), 1986, 160-174. 



106 

 

Tijm, P. J. A., Waller, F. J. and Brown, D.M., (2001), Methanol technology  

 developments for the new millennium,  Applied Catalysis A: General,  vol. 

221, Issues 1-2, 2001, 275–282. 

Tsirlin, A. M., Kazakov, V., Kan, N. and Trushkov, V. V., (2006). Thermodynamic  

analysis and thermodynamic efficiency of chemical reactors,  Journal of 

Physical Chemistry B, vol. 110 (5), 2006, 2338-2342. 

Umeda, T., Harada, T. and Shiroko, K., (1979), A thermodynamic approach to the  

synthesis of heat integration systems in chemical processes, Computers & 

Chemical Engineering, vol. 3 (1-4), 1979, 273-282. 

Unnasch, S. and Luscher, D., (1991), Evaluation of methanol production from 

hydrogen and waste carbon dioxide. Acurex Corp (Mtn View, CA) Contract # 

68-02-5285 for US EPA, Air and Energy Engineering Research Laboratory, 

Research Triangle Park, N.C. 

Wainwright, M. S. and Trimm, D. L., (1995), Methanol synthesis and water-gas shift  

 reactions on Raney copper catalysts, Catalysis Today, 23 (1), 1995, 29-42. 

Wang, L., Fang, D., Huang, X., Zhang, S., Qi, Y. and Liu, Z., (2006), Influence of  

reaction conditions on methanol synthesis and water gas shift reaction in the 

syngas to DME process, Journal of Natural Gas Chemistry 15 (1), 2006, 38-

44. 

WCED (1987). Our Common Future (The Brundtland Report), A Report of the World 

Commission on Environment and Development, Oxford University press, 

Oxford, 1987, 43. 

Yoshihara, J., Parker, S. C., Schafer, A. and Campbell, C. T., (1995), Methanol  

synthesis and reverse water-gas shift kinetics over clean polycrystalline 

copper, Catalysis Letters 31 (4), 1995, 313-324. 

http://www.scopus.com/source/sourceInfo.url?sourceId=26970&origin=resultslist
http://www.scopus.com/source/sourceInfo.url?sourceId=26970&origin=resultslist
http://www.sciencedirect.com/science/journal/00981354
http://www.sciencedirect.com/science/journal/00981354


107 

 

Yoshihara, J. and Campbell, C. T., (1996), Methanol synthesis and reverse water gas  

shift kinetics over Cu(110) model catalysts: structural sensitivity, Journal of 

Catalysis 161, 1996, 776–782. 

Zeng, J., Tsubaki, N. and Fujimoto, K., (2002), The promoting effect of alcohols in a  

new process of low temperature Synthesis of Methanol from CO/CO2/H2, 

Fuel, Vol. 81, 125-127, 2002. 

 

  



108 

 

APPENDIX A: Thermodynamic Data  

The thermodynamic data used in this research to analyze the performance of the 

methanol synthesis process, was obtained/estimated from Aspen properties for each of 

the chemical species, at different temperatures and pressure, as shown in Table 1. The 

temperature ranges of 200°C - 300°C and pressure range of 1bar – 90bars were used 

in this study, to evaluate the performance of the methanol synthesis process at today’s 

current process conditions. 

From thermodynamics, the values of ∆H and ∆G of a reactions can be calculated from 

the ∆H
0

f and ∆G
0

f of the different species in the reaction mixture. Hence for the 

methanol synthesis reaction; 

∆H(1) = ∆H
0

f (CH3OH) – [∆H
0

f (CO) + 2∆H
0

f (H2)] 

∆G(1) = ∆G
0

f (CH3OH) – [∆G
0

f (CO) + 2∆G
0

f (H2)] 

Therefore; ∆H(1) = −90.3 kJ/mol and ∆G(1) = −25.1 kJ/mol 

Similarly, for the water gas shift reaction; 

∆H(2) = [∆H
0

f (CO2) + ∆H
0

f (H2)] – [(∆H
0

f (CO) + ∆H
0

f (H2)] 

∆G(2) = [∆G
0

f (CO2) + ∆G
0

f (H2)] – [(∆G
0

f (CO) + ∆G
0

f (H2)] 

Therefore; ∆H(2) = −41.1 kJ/mol and ∆G(2) = −28.6 kJ/mol 
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Table 1: Thermodynamic data obtained from Aspen properties for the chemical 

species, at different temperatures and pressures. 

TEMP (°C) PRESS. CO2 Vapor CO Vapor H2 Vapor H2O Vapor CH3OH Vapor

Δ H @ (bar) kcal/mol kcal/mol kcal/mol kcal/mol kcal/mol

25°C 1 -93.98825 -26.39964 0 -57.75628 -47.99369

200°C 1 -92.27656 -25.17385 1.217377 -56.32795 -45.87716

230°C 1 -91.95852 -24.96085 1.427364 -56.07642 -45.45556

250°C 1 -91.74329 -24.81817 1.567387 -55.90747 -45.16518

300°C 1 -91.19468 -24.45883 1.917488 -55.48051 -44.40773

350°C 1 -90.63196 -24.09542 2.267678 -55.04682 -43.60716

25°C 1 -94.20145 -32.76551 -0.0077935 -54.60558 -38.77726

200°C 1 -94.73868 -36.80574 -0.3139836 -53.10863 -33.8662

230°C 1 -94.90464 -37.54987 -0.4175995 -52.9123 -33.11765

250°C 1 -95.02596 -38.05307 -0.4936828 -52.78984 -32.63289

300°C 1 -95.365 -39.33461 -0.7068904 -52.51161 -31.46987

350°C 1 -95.75257 -40.64772 -0.9506817 -52.27095 -30.37484

25°C 20 -92.42774 -30.9918 1.765917 -52.83187 -37.00355

200°C 20 -91.92389 -33.99094 2.500812 -50.29383 -31.0514

230°C 20 -91.91137 -34.5566 2.575668 -49.91904 -30.12438

250°C 20 -91.91371 -34.94082 2.618566 -49.67759 -29.52065

300°C 20 -91.9553 -35.92491 2.702811 -49.10191 -28.06016

350°C 20 -92.04542 -36.94056 2.756472 -48.56379 -26.66769

25°C 50 -91.88522 -30.44928 2.308434 -52.28935 -36.46103

200°C 50 -91.06294 -33.13 3.361761 -49.43288 -30.19046

230°C 50 -90.99584 -33.64106 3.491205 -49.0035 -29.20885

250°C 50 -90.96178 -33.98889 3.570495 -48.72567 -28.56872

300°C 50 -90.91239 -34.882 3.74572 -48.059 -27.01725

350°C 50 -90.91153 -35.80667 3.890362 -47.4299 -25.5338

25°C 70 -91.686 -30.25006 2.507652 -52.09013 -36.26181

200°C 70 -90.74679 -32.81385 3.677911 -49.11673 -29.87431

230°C 70 -90.65964 -33.30487 3.8274 -48.66731 -28.87265

250°C 70 -90.61222 -33.63934 3.920054 -48.37611 -28.21916

300°C 70 -90.52943 -34.49904 4.128689 -47.67603 -26.63429

350°C 70 -90.49515 -35.39029 4.30674 -47.01353 -25.11742

25°C 90 -91.53721 -30.10126 2.656451 -51.94133 -36.11302

200°C 90 -90.51065 -32.57771 3.914046 -48.8806 -29.63817

230°C 90 -90.40853 -33.05376 4.078508 -48.4162 -28.62154

250°C 90 -90.35114 -33.37825 4.181143 -48.11502 -27.95807

300°C 90 -90.24338 -34.21299 4.414731 -47.38998 -26.34824

350°C 90 -90.18416 -35.0793 4.617736 -46.70253 -24.80643

Δ G @1bar

Δ G@20bars

Δ G@ 50bars

Δ G@ 70bars

Δ G@ 90bars

 



110 

 

APPENDIX B: Mass balance calculations for the respective chemical 

species in two reactions using a feed of 1mol CO and 2 mol H2 only. 

The mass balance for carbon monoxide (CO) specie when both reactions are 

considered can be expressed from equation 31 as; 

NCO = N
0

CO – Ɛ1 – Ɛ2 ≥ 0 

When NCO = 0 

N
0

CO – Ɛ1 = Ɛ2 

For the case where the number of moles of CO fed into the process equals 1 (N
0

CO = 

1), it follows that Ɛ2 will thus, compute a range of values for each Ɛ1 value (−2 to +2) 

to be from 3 to −1. Therefore, ∆H and ∆G values for the combined process, from 

equations 25 and 26 are then computed as; 

∆H = [(−2)*(−90.3) + 3*(−41.1)] kJ/mol to [+2*(−90.3) + (−1)*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + 3*(−28.6)] kJ/mol to [+2*(−25.1) + (−1)*(−28.6)] kJ/mol 

Thus, ∆H and ∆G values for the combined process will range as, ∆H = 57.3 kJ/mol to 

−139.5 kJ/mol and ∆G = −35.6 kJ/mol to −21.86 kJ/mol. 

When NCO > 0 

N
0

CO – Ɛ1 > Ɛ2 

Then, decreasing Ɛ2 = 0 values by 0.1 (i.e. Ɛ2 = N°CO – Ɛ1 – 0.1), the Ɛ2 range of values 

for each Ɛ1 value can be from 2.9 to −1.1. Therefore, from equations 25 and 26 one 

can have that; 
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∆H = [(−2)*(−90.3) + 2.9*(−41.1)] kJ/mol to [+2*(−90.3) + (−1.1)*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + 2.9*(−28.6)] kJ/mol to [+2*(−25.1) + (−1.1)*(−28.6)] kJ/mol 

Hence, ∆H and ∆G for the combined process will have the range of values to be, ∆H = 

61.41 kJ/mol to −135.39 kJ/mol and ∆G = −32.74 kJ/mol to −18.74 kJ/mol. 

The mass balance for hydrogen (H2) specie when both reactions are considered can be 

expressed from equation 32 as; 

NH2 = N
0

H2 – 2Ɛ1 + Ɛ2 ≥ 0 

When NH2 = 0 

Ɛ2 = 2Ɛ1 − N
0

H2
 

Since, the moles of H2 feed, into the process equals 2 (N
0

H2 = 2), it follows that Ɛ2 

values will compute a range of values for each Ɛ1 value (−2 to +2) to be from −6 to 2. 

Computing these values into equations 25 and 26, then one will have that; 

∆H = [(−2)*(−90.3) + (−6)*(−41.1)] kJ/mol to [+2*(−90.3) + 2*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + (−6)*(−28.6)] kJ/mol to [+2*(−25.1) + 2*(−28.6)] kJ/mol 

Therefore, ∆H and ∆G for the combined process will have the range of values to be, 

∆H = 427.2 kJ/mol to −262.8 kJ/mol and ∆G = 221.8 kJ/mol to −107.4 kJ/mol. 

When NH2
 > 0; then 

Ɛ2 > 2Ɛ1 – N
0

H2
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Since, the moles of H2 feed equals 2 (N
0

H2 = 2), increasing Ɛ2 = 0 values by 0.2 (i.e. Ɛ2 

= 2Ɛ1 – N
0

H2 + 0.2), the range of values for each Ɛ1 value can be −5.8 to 2.2. 

Therefore, ∆H and ∆G values as computed from equations 25 and 26 will be; 

∆H = [(−2)*(−90.3) + (−5.8)*(−41.1)] kJ/mol to [+2*(−90.3) + 2.2*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + (−5.8)*(−28.6)] kJ/mol to [+2*(−25.1) + 2.2*(−28.6)] kJ/mol 

Hence, ∆H and ∆G for the combined process will have the range of values to be, ∆H = 

418.98 kJ/mol to −271.02 kJ/mol and ∆G = 216.08 kJ/mol to −113.12 kJ/mol. 

The mass balance for water (H2O) specie when both reactions are considered can be 

expressed from equation 33 as; 

NH2O = N
0

H2O – Ɛ2 ≥ 0 

When NH2O = 0; then 

Ɛ2 = N
0

H2O = 0 

Since, the moles of H2O feed equals 0 (N
0

H2O = 0), Ɛ2 values will be 0 for all Ɛ1 values, 

∆H and ∆G values as computed from equations 25 and 26 will then be; 

∆H = [(−2)*(−90.3) + 0*(−41.1)] kJ/mol to [+2*(−90.3) + 0*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + 0*(−28.6)] kJ/mol to [+2*(−25.1) + 0*(−28.6)] kJ/mol 

Therefore, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ∆H = 180.6 kJ/mol to −180.6 kJ/mol and ∆G = 50.2 kJ/mol to −50.2 

kJ/mol 
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When NH2O > 0; then 

N
0

H2O > Ɛ2 

rearranging 

Ɛ2 < N
0

H2O 

Since, N
0

H2O = 0, decreasing Ɛ2 = 0 value by 0.1 (i.e. Ɛ2 = N
0

H2O − 0.1), then Ɛ2 = − 0.1 

value for all Ɛ1 values. Computing for ∆H and ∆G range of values from equations 25 

and 26, then; 

∆H = [(−2)*(−90.3) + (−0.1)*(−41.1)] kJ/mol to [+2*(−90.3) + (−0.1)*(−41.1)] 

kJ/mol 

∆G = [(−2)*(−25.1) + (−0.1)*(−28.6)] kJ/mol to [+2*(−25.1) + (−0.1)*(−28.6)] 

kJ/mol 

Therefore, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ∆H = 184.71 kJ/mol to −176.49 kJ/mol and ∆G = 53.06 kJ/mol to 

−47.34 kJ/mol. 

The mass balance for carbon dioxide (CO2) specie when both reactions are considered 

can be expressed from equation 34 as; 

NCO2 = N
0
CO2

 + Ɛ2 ≥ 0 

When NCO2
 = 0; then 

Ɛ2 = − N
0

CO2 = 0 
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Thus, Ɛ2 values will be equal to 0 for all Ɛ1 values (Ɛ2 = 0), because the CO2 feed 

equals 0 (N
0

CO2
 = 0). Therefore, ∆H and ∆G values from equations 25 and 26 will be, 

∆H = [(−2)*(−90.3) + 0*(−41.1)] kJ/mol to [+2*(−90.3) + 0*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + 0*(−28.6)] kJ/mol to [+2*(−25.1) + 0*(−28.6)] kJ/mol 

Hence, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ΔH = 180.6 kJ/mol to −180.6 kJ/mol and ∆G = 50.2 kJ/mol to −50.2 

kJ/mol. 

When NCO2
 > 0; then 

Ɛ2 > –N
0

CO2
 

Thus, increasing Ɛ2 = 0 value by 0.1 (i.e. Ɛ2 = –N
0

CO2 + 0.1), then Ɛ2 = 0.1 for all Ɛ1 

values. Therefore, ∆H and ∆G values from equations 25 and 26 will be; 

∆H = [(−2)*(−90.3) + (0.1)*(−41.1)] kJ/mol to [+2*(−90.3) + (0.1)*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + (0.1)*(−28.6)] kJ/mol to [+2*(−25.1) + (0.1)*(−28.6)] kJ/mol 

Hence, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ∆H = 176.49 kJ/mol to −184.71 kJ/mol and ∆G = 47.34 kJ/mol to 

−53.06 kJ/mol. 

The mass balance for methanol (CH3OH) specie when both reactions are considered 

can be expressed from equation 35 as; 

NCH3OH = N
0

CH3OH + Ɛ1 ≥ 0 
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When NCH3OH = 0, then 

Ɛ1 = − N
0

CH3OH  

If, Ɛ2 values can be taken to be from −2 to +2, considering that there is no methanol 

feed (i.e., N
0

CH3OH = 0), therefore, ∆H and ∆G values from equations 25 and 26 will 

range as; 

∆H = [0*(−90.3) + (−2)*(−41.1)] kJ/mol to [0*(−90.3) + (+2)*(−41.1)] kJ/mol 

∆G = [0*(−25.1) + (−2)*(−28.6)] kJ/mol to [0*(−25.1) + (+2)*(−28.6)] kJ/mol 

Hence, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ∆H = 82.2 kJ/mol to −82.2 kJ/mol and ∆G = 57.2 kJ/mol to −57.2 

kJ/mol. 

When NCH3OH > 0; then 

Ɛ1 > – N
0

CH3OH  

Since, Ɛ2 values can be taken to be from −2 to +2, considering that there is no 

methanol feed (i.e., N
0

CH3OH = 0), and increasing Ɛ1 = 0 value by 0.1 (i.e. Ɛ2 = –

N
0

CH3OH + 0.1). Thus, Ɛ1 = 0.1 for all Ɛ2 values and the ∆H and ∆G values from 

equations 25 and 26 will range as; 

∆H = [0.1*(−90.3) + (−2)*(−41.1)] kJ/mol to [0.1*(−90.3) + (+2)*(−41.1)] kJ/mol 

∆G = [0.1*(−25.1) + (−2)*(−28.6)] kJ/mol to [0.1*(−25.1) + (+2)*(−28.6)] kJ/mol 
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Therefore, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ∆H = 73.17 kJ/mol to −91.23 kJ/mol and ∆G = 54.69 kJ/mol to 

−59.71 kJ/mol. 

The above computed values are hereby shown in table 2. 

Table 2: Range of ∆H and ∆G values at 25°C and different pressures for the extent of 

reaction Ɛ with respect to the given feed of 1mol CO and 2 mol H2. 

 

 

∆H is the enthalpy of the reaction in kJ/mol, ∆G is the free energy of reaction in 

kJ/mol, and G(p) is the free energy (∆G, in kJ/mol) of the reaction at a pressure, P, in 

bars (br). Ɛ1 and Ɛ2 are extents of reaction 1 and 2, respectively. 

Feed

CO 1 mols

H2 2 mols

H2O 0 mols 25°C H (kJ/mol) G (kJ/mol)

CO2 0 mols Rxn 1 −90.3 −25.1

CH3OH 0 mols Rxn 2 −41.1 −28.6

Species Ɛ1 (Species = 0) Ɛ2 (Species = 0) Ɛ1 (Species > 0) Ɛ2 (Species > 0)

Ɛ1 = 0 0 −2 to +2 0.1 −2 to +2

Ɛ2 = 0 −2 to +2 0 0 0.1

CO −2 to +2 3 to −1 −2 to +2 2.9 to −1.1

H2 −2 to +2 −6 to 2 −2 to +2 −5.8 to 2.2

H2O −2 to +2 0.5 −2 to +2 0.4

CO2 −2 to +2 −1 −2 to +2 −0.9

CH3OH 0 −2 to +2 0.1 −2 to +2

Species ∆H (Species = 0) ∆H (Species > 0) ∆G (Species = 0) ∆G (Species > 0)

Ɛ1 = 0 82.2 to −82.2 73.17 to −91.23 57.2 to −57.2 54.69 to −59.71

Ɛ2 = 0 180.6 to −180.6 176.49 to −184.71 50.2 to −50.2 47.34 to −53.06

CO 57.3 to −139.5 61.41 to −135.39 −35.6 to −21.6 −32.74 to −18.74

H2 427.2 to −262.8 418.98 to −271.02 221.8 to −107.4 216.08 to −113.12

H2O 180.6 to −180.6 184.71 to −176.49 50.2 to −50.2 53.06 to −47.34

CO2 180.6 to −180.6 176.49 to −184.71 50.2 to −50.2 47.34 to −53.06

CH3OH 82.2 to −82.2 73.17 to −91.23 57.2 to −57.2 54.69 to −59.71

               ∆H values (kJ/mol)                ∆G values (kJ/mol)
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APPENDIX C: Mass balance calculations for the chemical species in 

two reactions using a feed of 1mol CO, 1mol CO2, 3mol H2 and 0. 5mol 

H2O @ 25C. 

For carbon monoxide (CO) specie; from equation 31, 

NCO = N
0

CO – Ɛ1 – Ɛ2 ≥ 0 

When NCO = 0 

N
0

CO – Ɛ1 = Ɛ2 

Since the number of moles of CO fed into the process equals 1 (N
0

CO = 1), it follows 

that Ɛ2 will thus, compute a range of values for each Ɛ1 value (−2 to +2) to be from 3 

to −1. Therefore, ∆H and ∆G values for the combined process, from equations 25 and 

26 are then computed as; 

∆H = [(−2)*(−90.3) + 3*(−41.1)] kJ/mol to [+2*(−90.3) + (−1)*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + 3*(−28.6)] kJ/mol to [+2*(−25.1) + (−1)*(−28.6)] kJ/mol 

Thus, ∆H and ∆G values for the combined process will range as, ∆H = 57.3 kJ/mol to 

−139.5 kJ/mol and ∆G = −35.6 kJ/mol to −21.86 kJ/mol. 

When NCO > 0 

N
0

CO – Ɛ1 > Ɛ2 

Then, decreasing Ɛ2 = 0 values by 0.1 (i.e. Ɛ2 = N°CO – Ɛ1 – 0.1), the Ɛ2 range of values 

for each Ɛ1 value can be from 2.9 to −1.1. Therefore, from equations 25 and 26, it the 

values can be computed as; 
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∆H = [(−2)*(−90.3) + 2.9*(−41.1)] kJ/mol to [+2*(−90.3) + (−1.1)*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + 2.9*(−28.6)] kJ/mol to [+2*(−25.1) + (−1.1)*(−28.6)] kJ/mol 

Hence, ∆H and ∆G for the combined process will have the range of values to be, ∆H = 

61.41 kJ/mol to −135.39 kJ/mol and ∆G = −32.74 kJ/mol to −18.74 kJ/mol. 

For hydrogen (H2) specie; from equation 32, 

NH2 = N
0

H2 – 2Ɛ1 + Ɛ2 ≥ 0 

When NH2 = 0 

N
0

H2 – 2Ɛ1 = − Ɛ2 

Since, the moles of H2 feed, into the process equals 3 (N
0

H2 = 3), it follows that Ɛ2 

values will compute a range of values for each Ɛ1 value (−2 to +2) to be from −7 to 1. 

Computing these values into equations 25 and 26, we have that; 

∆H = [(−2)*(−90.3) + (−7)*(−41.1)] kJ/mol to [+2*(−90.3) + 1*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + (−7)*(−28.6)] kJ/mol to [+2*(−25.1) + 1*(−28.6)] kJ/mol 

Therefore, ∆H and ∆G for the combined process will have the range of values to be, 

∆H = 468.3 kJ/mol to −221.7 kJ/mol and ∆G = 250.4 kJ/mol to −78.8 kJ/mol. 

When NH2
 > 0; then 

Ɛ2 > 2 Ɛ1 – N
0

H2
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Since, the moles of H2 feed equals 3 (N
0

H2 = 3), increasing Ɛ2 = 0 values by 0.2 (i.e. Ɛ2 

= 2 Ɛ1 – N
0

H2 + 0.2), the range of values for each Ɛ1 value can be −6.8 to 1.2. 

Therefore, ∆H and ∆G values as computed from equations 25 and 26 will be, 

∆H = [(−2)*(−90.3) + (−6.8)*(−41.1)] kJ/mol to [+2*(−90.3) + 1.2*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + (−6.8)*(−28.6)] kJ/mol to [+2*(−25.1) + 1.2*(−28.6)] kJ/mol 

Hence, ∆H and ∆G for the combined process will have the range of values to be, ∆H = 

460.08 kJ/mol to −229.92 kJ/mol and ∆G = 224.68 kJ/mol to −84.52 kJ/mol. 

For water (H2O) specie; from equation 33, 

NH2O = N
0

H2O – Ɛ2 ≥ 0 

When NH2O = 0; then 

Ɛ2 = N
0

H2O = 0.5 

Since, the moles of H2O feed equals 0.5 (N
0

H2O = 0.5), Ɛ2 values will be 0.5 for all Ɛ1 

values, ∆H and ∆G values as computed from equations 25 and 26 will then be, 

∆H = [(−2)*(−90.3) + 0.5*(−41.1)] kJ/mol to [+2*(−90.3) + 0.5*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + 0.5*(−28.6)] kJ/mol to [+2*(−25.1) + 0.5*(−28.6)] kJ/mol 

Therefore, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ∆H = 160.05 kJ/mol to −201.15 kJ/mol and ∆G = 35.9 kJ/mol to 

−64.5 kJ/mol 
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When NH2O > 0; then 

N
0

H2O > Ɛ2 

rearranging 

Ɛ2 < N
0

H2O 

Since, N
0

H2O = 0.5, decreasing Ɛ2 = 0 value by 0.1 (i.e. Ɛ2 = N
0

H2O − 0.1), then Ɛ2 = 0.4 

value for all Ɛ1 values. Computing for ∆H and ∆G range of values from equations 25 

and 26, 

∆H = [(−2)*(−90.3) + 0.4*(−41.1)] kJ/mol to [+2*(−90.3) + 0.4*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + 0.4*(−28.6)] kJ/mol to [+2*(−25.1) + 0.4*(−28.6)] kJ/mol 

Therefore, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ∆H = 164.16 kJ/mol to −197.04 kJ/mol and ∆G = 38.76 kJ/mol to 

−61.64 kJ/mol. 

For carbon dioxide (CO2) specie; from equation 34, 

NCO2 = N
0
CO2

 + Ɛ2 ≥ 0 

When NCO2
 = 0; then 

Ɛ2 = − NCO2 
= −1

 

Thus, Ɛ2 values will be equal to −1 for all Ɛ1 values (Ɛ2 = −1), because the CO2 feed 

equals 1 (N
0

CO2
 = 1). Therefore, ∆H and ∆G values from equations 25 and 26 will be, 
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∆H = [(−2)*(−90.3) + (−1)*(−41.1)] kJ/mol to [+2*(−90.3) + (−1)*(−41.1)] kJ/mol 

∆G = [(−2)*(−25.1) + (−1)*(−28.6)] kJ/mol to [+2*(−25.1) + (−1)*(−28.6)] kJ/mol 

Hence, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ΔH = 221.7 kJ/mol to −139.5 kJ/mol and ∆G = 78.8 kJ/mol to −21.6 

kJ/mol. 

When NCO2
 > 0; then 

Ɛ2 > –N
0

CO2
 

Thus, increasing Ɛ2 = 0 value by 0.1 (i.e. Ɛ2 = –N
0
CO2 + 0.1), then Ɛ2 = −0.9 for all Ɛ1 

values. Therefore, ∆H and ∆G values from equations 25 and 26 will be, 

∆H = [(−2)*(−90.3) + (−0.9)*(−41.1)] kJ/mol to [+2*(−90.3) + (−0.9)*(−41.1)] 

kJ/mol 

∆G = [(−2)*(−25.1) + (−0.9)*(−28.6)] kJ/mol to [+2*(−25.1) + (−0.9)*(−28.6)] 

kJ/mol 

Hence, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ∆H = 217.59 kJ/mol to −143.61 kJ/mol and ∆G = 75.94 kJ/mol to 

−24.46 kJ/mol. 

For Methanol (CH3OH) specie; from equation 35, 

NCH3OH = N
0

CH3OH + Ɛ1 ≥ 0 

When NCH3OH = 0, then 
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Ɛ1 = − N
0

CH3OH 

If, Ɛ2 values can be taken to be from −2 to +2, considering that there is no methanol 

feed (i.e., N
0

CH3OH = 0), therefore, ∆H and ∆G values from equations 25 and 26 will 

range as; 

∆H = [0*(−90.3) + (−2)*(−41.1)] kJ/mol to [0*(−90.3) + (+2)*(−41.1)] kJ/mol 

∆G = [0*(−25.1) + (−2)*(−28.6)] kJ/mol to [0*(−25.1) + (+2)*(−28.6)] kJ/mol 

Hence, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ∆H = 82.2 kJ/mol to −82.2 kJ/mol and ∆G = 57.2 kJ/mol to −57.2 

kJ/mol. 

When NCH3OH > 0; then 

Ɛ1 > – N
0

CH3OH 

Since, Ɛ2 values can be taken to be from −2 to +2, considering that there is no 

methanol feed (i.e., N
0

CH3OH = 0), and increasing Ɛ1 = 0 value by 0.1 (i.e. Ɛ2 = –

N
0

CH3OH + 0.1). Thus, Ɛ1 = 0.1 for all Ɛ2 values and the ∆H and ∆G values from 

equations 25 and 26 will range as; 

∆H = [0.1*(−90.3) + (−2)*(−41.1)] kJ/mol to [0.1*(−90.3) + (+2)*(−41.1)] kJ/mol 

∆G = [0.1*(−25.1) + (−2)*(−28.6)] kJ/mol to [0.1*(−25.1) + (+2)*(−28.6)] kJ/mol 

Therefore, ∆H and ∆G for the combined process will have the range of values as 

computed to be, ∆H = 73.17 kJ/mol to −91.23 kJ/mol and ∆G = 54.69 kJ/mol to 

−59.71 kJ/mol. 
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The above computed values are hereby shown in table 3. 

Table 3: Range of ∆H and ∆G values at 25°C and different pressures for the extent of 

reaction Ɛ with respect to the chemical species under consideration using a feed of 

1mol CO, 3mols H2, 1mol CO2 and 0.5mol H2O. 

 

∆H is the enthalpy of the reaction in kJ/mol, ∆G is the free energy of reaction in 

kJ/mol, and G(p) is the free energy (∆G, in kJ/mol) of the reaction at a pressure, P, in 

bars (br). Ɛ1 and Ɛ2 are extents of reaction 1 and 2, respectively. 

Feed

CO 1 mols

H2 3 mols

H2O 0.5 mols H (kJ/mol) G (kJ/mol)

CO2 1 mols Rxn 1 −90.3 −25.1

CH3OH 0 mols 25°C Rxn 2 −41.1 −28.6

Species Ɛ1 (Species = 0) Ɛ2 (Species = 0) Ɛ1 (Species > 0) Ɛ2 (Species > 0) ∆H (Species = 0) ∆H (Species > 0)

Ɛ1 = 0 0 −2 to +2 0.1 −2 to +2 82.2 to −82.2 73.17 to −91.23

Ɛ2 = 0 −2 to +2 0 0 0.1 180.6 to −180.6 176.49 to −184.71

CO −2 to +2 3 to −1 −2 to +2 2.9 to −1.1 57.3 to −139.5 61.41 to −135.39

H2 −2 to +2 −7 to 1 −2 to +2 −6.8 to 1.2 468.3 to −221.7 460.08 to −229.92

H2O −2 to +2 0.5 −2 to +2 0.4 160.05 to −201.15 164.16 to −197.04

CO2 −2 to +2 −1 −2 to +2 −0.9 221.7 to −139.5 217.59 to −143.61

CH3OH 0 −2 to +2 0.1 −2 to +2 82.2 to −82.2 73.17 to −91.23

GP at 25°C,1 br −25.1 GP at 25°C,20 br −39.9 GP at 25°C,50 br −44.5

Species ∆G (Species = 0) ∆G (Species > 0) ∆G (Species = 0) ∆G (Species > 0) ∆G (Species = 0) ∆G (Species > 0)

Ɛ1 = 0 57.2 to −57.2 54.69 to −59.71 57.2 to −57.2 53.21 to −61.19 57.2 to −57.2 52.75 to −61.65

Ɛ2 = 0 50.2 to −50.2 47.34 to −53.06 79.8 to −79.8 76.94 to −82.66 89 to −89 86.14 to −91.86

CO −35.6 to −21.6 −32.74 to −18.74 −6 to −51.2 −3.14 to −48.34 3.2 to −60.4 6.06 to −57.54

H2 250.4 to −78.8 224.68 to −84.52 280 to −108.4 274.28 to −114.12 289.2 to −117.6 283.48 to −123.32

H2O 35.9 to −64.5 38.76 to −61.64 65.5 to −94.1 68.36 to −91.24 74.7 to −103.3 77.56 to −100.44

CO2 78.8 to −21.6 75.94 to −24.46 108.4 to −51.2 105.54 to −54.06 117.6 to −60.4 114.74 to −63.26

CH3OH 57.2 to −57.2 54.69 to −59.71 57.2 to −57.2 53.21 to −61.19 57.2 to −57.2 52.75 to −61.65

GP at 25°C,70 br −46.1 GP at 25°C,90 br −47.4

Species ∆G (Species = 0) ∆G (Species > 0) ∆G (Species = 0) ∆G (Species > 0)

Ɛ1 = 0 57.2 to −57.2 52.59 to −61.81 57.2 to −57.2 52.46 to −61.94

Ɛ2 = 0 92.2 to −92.2 89.34 to −95.06 94.8 to −94.8 91.94 to −97.66

CO 6.4 to −63.6 9.26 to −60.74 9 to −66.2 11.86 to −63.34

H2 292.4 to −120.8 286.68 to −126.52 295 to −123.4 289.28 to −129.12

H2O 77.9 to −106.5 80.76 to −103.64 80.5 to −109.1 83.36 to −106.24

CO2 120.8 to −63.6 117.94 to −66.46 123.4 to −66.2 75.94 to −24.64

CH3OH 57.2 to −57.2 52.59 to −61.81 57.2 to −57.2 54.69 to −59.71

               ∆H values (kJ/mol)

               ∆G values (kJ/mol)

               ∆G values (kJ/mol)
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APPENDIX D: Mass balance calculations for the chemical species in 

two reactions using a feed of 1mol CO, 1mol CO2, 3mol H2 and 0. 5mol 

H2O @ 250C 

Substituting the values for ∆Hj and ∆Gj into equations 25 and 26, and taking the mass 

balance around the chemical species at 250°C, 1 bar, then: 

When Ɛ1 = 0 (i.e., Ɛ1∆H1 = 0 and Ɛ1∆G1 = 0), the ∆H and ∆G will be determined by 

Ɛ2∆H2 & Ɛ2∆G2 respectively. Therefore, ∆H and ∆G values from equations 25 and 26 

are then computed as; 

∆H = [0*(−98.2) + (−2)*(−39.5)] kJ/mol to [0*(−98.2) + (+2)*(−39.5)] kJ/mol 

∆G = [0*(26.8) + (−2)*(−19.6)] kJ/mol to [0*(26.8) + (+2)*(−19.6)] kJ/mol 

Thus, from equations 6.1 and 6.2, ∆H and ∆G range of values become; ∆H = 79 

kJ/mol to −79 kJ/mol and ∆G = 39.2 kJ/mol to −39.2 kJ/mol. 

And when Ɛ1 should be > 0; increasing Ɛ1 = 0 value by 0.1 (i.e. Ɛ2 = 0 + 0.1), then Ɛ1= 

0.1 for all Ɛ2 values of −2 to +2. Therefore, ∆H and ∆G values from equations 25 and 

26 will range as; 

∆H = [0.1*(−98.2) + (−2)*(−39.5)] kJ/mol to [0.1*(−98.2) + (+2)*(−39.5)] kJ/mol 

∆G = [0.1*(26.8) + (−2)*(−19.6)] kJ/mol to [0.1*(26.8) + (+2)*(−19.6)] kJ/mol 

Hence, ∆H = 69.18 kJ/mol to −88.82 kJ/mol and ∆G = 41.88 kJ/mol to −36.52 kJ/mol 

Similarly, when Ɛ2 = 0 (i.e., Ɛ2∆H2 = 0 and Ɛ2∆G2 = 0), it then implies that the ∆H and 

∆G is determined by Ɛ1∆H1 & Ɛ1∆G1, respectively. Therefore, ∆H and ∆G values will 

range as: 
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∆H = [(−2)*(−98.2) + 0*(−39.5)] kJ/mol to [(+2)*(−98.2) + 0*(−39.5)] kJ/mol 

∆G = [(−2)*(26.8) + 0*(−19.6)] kJ/mol to [(+2)*(26.8) + 0*(−19.6)] kJ/mol 

Hence, ∆H = 196.4 kJ/mol to −196.4 kJ/mol and ∆G = −53.6 kJ/mol to 53.6 kJ/mol. 

And when Ɛ2 > 0, increasing Ɛ2 = 0 value by 0.1 (i.e. Ɛ2 = 0 + 0.1), then Ɛ2 = 0.1 for all 

Ɛ1 values of −2 to +2. Therefore ∆H and ∆G values from equations 25 and 26 will 

range as; 

∆H = [(−2)*(−98.2) + 0.1*(−39.5)] kJ/mol to [(+2)*(−98.2) + 0.1*(−39.5)] kJ/mol 

∆G = [(−2)*(26.8) + 0.1*(−19.6)] kJ/mol to [(+2)*(26.8) + 0.1*(−19.6)] kJ/mol 

Hence, ∆H = 192.45 kJ/mol to −200.35 kJ/mol and ∆G = −55.56 kJ/mol to 51.64 

kJ/mol. 

For carbon monoxide (CO) specie; from the deductions of equations 31 through 3.2, 

Ɛ2 will compute a range of values for each Ɛ1 value of –2 to +2, to be from 3 to –1. 

Therefore ∆H and ∆G values from equations 25 and 26 will range as; 

∆H = [(−2)*(−98.2) + 3*(−39.5)] kJ/mol to [(+2)*(−98.2) + (−1)*(−39.5)] kJ/mol 

∆G = [(−2)*(26.8) + 3*(−19.6)] kJ/mol to [(+2)*(26.8) + (−1)*(−19.6)] kJ/mol 

Hence, ∆H = 77.9 kJ/mol to −156.9 kJ/mol and ∆G = −112.4 kJ/mol to 73.2 kJ/mol. 

When NCO > 0; as deduced from equations 31 through 3.2, decreasing Ɛ2 = 0 values by 

0.1 (i.e. Ɛ2 = N
0

CO – Ɛ1 – 0.1), the range of values for each Ɛ1 value (–2 to +2) can be 

computed to be from 2.9 to −1.1. Therefore, ∆H and ∆G values from equations 25 and 

26 will range as; 
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∆H = [(−2)*(−98.2) + 2.9*(−39.5)] kJ/mol to [(+2)*(−98.2) + (−1.1)*(−39.5)] kJ/mol 

∆G = [(−2)*(26.8) + 2.9*(−19.6)] kJ/mol to [(+2)*(26.8) + (−1.1)*(−19.6)] kJ/mol 

Hence, ∆H = 81.85 kJ/mol to −152.95 kJ/mol and ∆G = −110.44 kJ/mol to 75.16 

kJ/mol. 

For hydrogen (H2) specie; from equations 32 through 32.1 deductions, Ɛ2 values will 

compute a range of values for each Ɛ1 value (–2 to +2) to be −7 to 1. Therefore, ∆H 

and ∆G values from equations 25 and 26 will range as; 

∆H = [(−2)*(−98.2) + (−7)*(−39.5)] kJ/mol to [(+2)*(−98.2) + 1*(−39.5)] kJ/mol 

∆G = [(−2)*(26.8) + (−7)*(−19.6)] kJ/mol to [(+2)*(26.8) + 1*(−19.6)] kJ/mol 

Hence, ∆H = 472.9 kJ/mol to −235.9 kJ/mol and ∆G = 83.6 kJ/mol to 34 kJ/mol. 

When NH2 > 0; deductions from equation 32 through 32.1, and increasing Ɛ2 = 0 

values by 0.2 (i.e. Ɛ2 = 2Ɛ1 – N
0

H2 + 0.2), we then have a range of values for each Ɛ1 

value (–2 to +2) to be −6.8 to 1.2. Therefore, ∆H and ∆G values from equations 25 

and 26 will then range as; 

∆H = [(−2)*(−98.2) + (−6.8)*(−39.5)] kJ/mol to [(+2)*(−98.2) + 1.2*(−39.5)] kJ/mol 

∆G = [(−2)*(26.8) + (−6.8)*(−19.6)] kJ/mol to [(+2)*(26.8) + 1.2*(−19.6)] kJ/mol 

Hence, the range of values will be; ∆H = 465 kJ/mol to −243.8 kJ/mol and ∆G = 

79.68 kJ/mol to 30.08 kJ/mol. 



127 

 

For water (H2O) specie; deductions from equations 33 through 33.1 allows one to 

compute Ɛ2 values to be 0.5 for all Ɛ1 values of –2 to +2. Therefore, ∆H and ∆G values 

from equations 25 and 26 will range as; 

∆H = [(−2)*(−98.2) + 0.5*(−39.5)] kJ/mol to [(+2)*(−98.2) + 0.5*(−39.5)] kJ/mol 

∆G = [(−2)*(26.8) + 0.5*(−19.6)] kJ/mol to [(+2)*(26.8) + 0.5*(−19.6)] kJ/mol 

Hence, the range of values will be; ∆H = 176.65 kJ/mol to −216.15 kJ/mol and ∆G = 

−63.4 kJ/mol to 43.8 kJ/mol. 

When NH2O > 0; from the deductions of equations 33 through 33.1, and computing by 

decreasing Ɛ2 = 0 value by 0.1 (i.e. Ɛ2 = N
0

H2O −0.1), then Ɛ2 = 0.4 for all Ɛ1 values of –

2 to +2. Therefore, ∆H and ∆G values from equations 25 and 26 will range as; 

∆H = [(−2)*(−98.2) + 0.4*(−39.5)] kJ/mol to [(+2)*(−98.2) + 0.4*(−39.5)] kJ/mol 

∆G = [(−2)*(26.8) + 0.4*(−19.6)] kJ/mol to [(+2)*(26.8) + 0.4*(−19.6)] kJ/mol 

Hence, range of values; ∆H = 180.6 kJ/mol to −212.2 kJ/mol and ∆G = −61.44 kJ/mol 

to 45.76 kJ/mol. 

For carbon dioxide (CO2) specie; as deduced from equations 34 through 34.1, Ɛ2 value 

will be equal to −1 for all Ɛ1 values (−2 to +2), since Ɛ2 = −1. Therefore, ∆H and ∆G 

values from equations 25 and 26 will range as; 

∆H = [(−2)*(−98.2) + (−1)*(−39.5)] kJ/mol to [(+2)*(−98.2) + (−1)*(−39.5)] kJ/mol 

∆G = [(−2)*(26.8) + (−1)*(−19.6)] kJ/mol to [(+2)*(26.8) + (−1)*(−19.6)] kJ/mol 
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Hence, range of values; ∆H = 235.9 kJ/mol to −156.9 kJ/mol and ∆G = −34 kJ/mol to 

−73.2 kJ/mol. 

When NCO2 > 0; from equation 34 through 34.1 deduction, and increasing Ɛ2 = 0 value 

by 0.1 (i.e. Ɛ2 = –N
0
CO2 + 0.1), then Ɛ2 = −0.9 for all Ɛ1 values (−2 to +2). Therefore, 

∆H and ∆G values from equations 25 and 26 will range as; 

∆H = [(−2)*(−98.2) + (−0.9)*(−39.5)] kJ/mol to [(+2)*(−98.2) + (−0.9)*(−39.5)] 

kJ/mol 

∆G = [(−2)*(26.8) + (−0.9)*(−19.6)] kJ/mol to [(+2)*(26.8) + (−0.9)*(−19.6)] kJ/mol 

Hence, the range of values are; ∆H = 231.95 kJ/mol to −160.85 kJ/mol and ∆G = 

−35.96 kJ/mol to 71.24 kJ/mol. 

For Methanol (CH3OH) specie; and deduction from equations 35 through 35.1, If Ɛ2 

values is taken to be from −2 to +2 (since, N
0

CH3OH = 0), therefore ∆H and ∆G values 

from equations 25 and 26 will range as; 

∆H = [(0)*(−98.2) + (−2)*(−39.5)] kJ/mol to [(0)*(−98.2) + (+2)*(−39.5)] kJ/mol 

∆G = [(0)*(26.8) + (−2)*(−19.6)] kJ/mol to [(0)*(26.8) + (+2)*(−19.6)] kJ/mol 

Hence, the range of values; ∆H = 79 kJ/mol to −79 kJ/mol and ∆G = 39.2 kJ/mol to 

−39.2 kJ/mol. 

When NCH3OH > 0; from the deduction of equation 35 through 35.1, and increasing Ɛ1 

= 0 value by 0.1 (i.e. Ɛ2 = –N
0

CH3OH + 0.1), then Ɛ1 = 0.1 for all Ɛ2 values of −2 to +2. 

Therefore, ∆H and ∆G values from equations 25 and 26 will range as; 
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∆H = [(0.1)*(−98.2) + (−2)*(−39.5)] kJ/mol to [(0.1)*(−98.2) + (+2)*(−39.5)] kJ/mol 

∆G = [(0.1)*(26.8) + (−2)*(−19.6)] kJ/mol to [(0.1)*(26.8) + (+2)*(−19.6)] kJ/mol 

Hence, ∆H = 69.18 kJ/mol to −88.82 kJ/mol and ∆G = 41.88 kJ/mol to −36.52 

kJ/mol. 

The above computed values for 250C are hereby shown in table 4. 

Table 4: Range of ∆H and ∆G values at 250°C and different pressures for the extent 

of reaction Ɛ with respect to the chemical species under consideration. 

 

 

H is the enthalpy of the reaction in kJ/mol, ∆G is the free energy of reaction in 

kJ/mol, and G(p) is the free energy (∆G, in kJ/mol) of the reaction at a pressure, P, in 

bars (br). Ɛ1 and Ɛ2 are extents of reaction 1 and 2, respectively. 

Feed

CO 1 mols

H2 3 mols

H2O 0.5 mols H (kJ/mol) G (kJ/mol)

CO2 1 mols Rxn 1 −98.2 26.8

CH3OH 0 mols 250°C Rxn 2 −39.5 −19.6

Species Ɛ1 (Species = 0) Ɛ2 (Species = 0) Ɛ1 (Species > 0) Ɛ2 (Species > 0) ∆H (Species = 0) ∆H (Species > 0)

Ɛ1 = 0 0 −2 to +2 0.1 −2 to +2 79 to −79 69.18 to −88.82

Ɛ2 = 0 −2 to +2 0 0 0.1 196.4 to −196.4 192.45 to −200.35

CO −2 to +2 3 to −1 −2 to +2 2.9 to −1.1 77.9 to −156.9 81.85 to −152.95

H2 −2 to +2 −7 to 1 −2 to +2 −6.8 to 1.2 472.9 to −235.9 465 to −243.8

H2O −2 to +2 0.5 −2 to +2 0.4 176.65 to −216.15 180.6 to −212.2

CO2 −2 to +2 −1 −2 to +2 −0.9 235.9 to −156.9 231.95 to −160.85

CH3OH 0 −2 to +2 0.1 −2 to +2 79 to −79 69.18 to −88.82

GP at 250°C,1 br 22.8 GP at 250°C,20 br 0.8 GP at 250°C,50 br −7.2

Species ∆G (Species = 0) ∆G (Species > 0) ∆G (Species = 0) ∆G (Species > 0) ∆G (Species = 0) ∆G (Species > 0)

Ɛ1 = 0 39.2 to −39.2 41.88 to −36.52 39.2 to −39.2 39.28 to −39.12 39.2 to −39.2 38.43 to −39.92

Ɛ2 = 0 −53.6 to 53.6 −55.56 to 51.64 −1.6 to 1.6 −3.56 to −0.36 14.4 to −14.4 12.44 to −16.36

CO −112.4 to 73.2 −110.44 to 75.16 −60.4 to 21.2 −58.44 to 23.16 −44.4 to 5.2 −42.44 to 7.16

H2 83.6 to 34 79.68 to 30.08 135.6 to −18 131.68 to −21.92 151.6 to −34 147.68 to −37.92

H2O −63.4 to 43.8 −61.44 to 45.76 −11.4 to −8.2 −9.44 to −6.24 4.6 to −24.2 6.56 to −22.24

CO2 −34 to 73.2 −35.96 to 71.24 18 to 21.2 16.04 to 19.24 34 to 5.2 33.04 to 3.24

CH3OH 39.2 to −39.2 41.88 to −36.52 39.2 to −39.2 39.28 to −39.12 39.2 to −39.2 38.43 to −39.92

GP at 250°C,70 br −10.1 GP at 250°C,90 br −12.3

Species ∆G (Species = 0) ∆G (Species > 0) ∆G (Species = 0) ∆G (Species > 0)

Ɛ1 = 0 39.2 to −39.2 38.19 to −40.21 39.2 to −39.2 37.97 to −40.43

Ɛ2 = 0 20.2 to −20.2 18.24 to −22.16 24.6 to −24.6 22.64 to −26.56

CO −38.6 to −0.6 −36.64 to 1.36 −34.2 to −5 −32.24 to −3.04

H2 157.4 to −37.8 153.48 to −43.72 161.8 to −44.2 157.88 to −48.12

H2O 10.4 to −30 12.36 to −28.04 14.8 to −34.4 16.76 to −32.44

CO2 39.8 to −0.6 37.84 to −2.56 44.2 to −5 42.24 to −6.96

CH3OH 39.2 to −39.2 38.19 to −40.21 39.2 to −39.2 37.97 to −40.43

               ∆G values (kJ/mol)

               ∆H values (kJ/mol)

               ∆G values (kJ/mol)
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APPENDIX E: Mass balance calculations for the chemical species in 

two reactions using a feed of 1mol CO, 1mol CO2, 3mol H2 and 0. 5mol 

H2O @ 300C 

Substituting the values for ∆Hj and ∆Gj into equations 25 and 26, and taking the mass 

balance around the chemical species at 300°C, 1 bar, then: 

When Ɛ1 = 0 (i.e., Ɛ1∆H1 = 0 and Ɛ1∆G1 = 0), the ∆H and ∆G will be determined by 

Ɛ2∆H2 & Ɛ2∆G2 respectively. Therefore, ∆H and ∆G values from equations 25 and 26 

are then computed as; 

∆H = [0*(−99.5) + (−2)*(−39.1)] kJ/mol to [0*(−99.5) + (+2)*(−39.1)] kJ/mol 

∆G = [0*(38.8) + (−2)*(−17.7)] kJ/mol to [0*(38.8) + (+2)*(−17.7)] kJ/mol 

Thus, from equations 25 and 26, ∆H and ∆G range of values become; ∆H = 78.2 

kJ/mol to −78.2 kJ/mol and ∆G = 35.4 kJ/mol to −35.4 kJ/mol. 

And when Ɛ1 > 0, increasing Ɛ1 = 0 value by 0.1 (i.e. Ɛ2 = 0 + 0.1), then Ɛ1= 0.1 for all 

Ɛ2 values of −2 to +2. Therefore, ∆H and ∆G values from equations 25 and 26 will 

range as; 

∆H = [0.1*(−99.5) + (−2)*(−39.1)] kJ/mol to [0.1*(−99.5) + (+2)*(−39.1)] kJ/mol 

∆G = [0.1*(38.8) + (−2)*(−17.7)] kJ/mol to [0.1*(38.8) + (+2)*(−17.7)] kJ/mol 

Hence, ∆H = 68.25 kJ/mol to −88.15 kJ/mol and ∆G = 39.28 kJ/mol to −31.52 

kJ/mol. 
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Similarly, when Ɛ2 = 0 (i.e., Ɛ2∆H2 = 0 and Ɛ2∆G2 = 0), it then implies that the ∆H and 

∆G is determined by Ɛ1∆H1 & Ɛ1∆G1, respectively. Therefore, ∆H and ∆G values will 

range as: 

∆H = [(−2)*(−99.5) + 0*(−39.1)] kJ/mol to [(+2)*(−99.5) + 0*(−39.1)] kJ/mol 

∆G = [(−2)*(38.8) + 0*(−17.7)] kJ/mol to [(+2)*(38.8) + 0*(−17.7)] kJ/mol 

Hence, ∆H = 199 kJ/mol to −199 kJ/mol and ∆G = −77.6 kJ/mol to 77.6 kJ/mol. 

And when Ɛ2 > 0, increasing Ɛ2 = 0 value by 0.1 (i.e. Ɛ2 = 0 + 0.1), then Ɛ2 = 0.1 for all 

Ɛ1 values of −2 to +2. Therefore ∆H and ∆G values from equations 25 and 26 will 

range as; 

∆H = [(−2)*(−99.5) + 0.1*(−39.1)] kJ/mol to [(+2)*(−99.5) + 0.1*(−39.1)] kJ/mol 

∆G = [(−2)*(38.8) + 0.1*(−17.7)] kJ/mol to [(+2)*(38.8) + 0.1*(−17.7)] kJ/mol 

Hence, ∆H = 195.09 kJ/mol to −202.91 kJ/mol and ∆G = −79.37 kJ/mol to 75.83 

kJ/mol. 

For carbon monoxide (CO) specie; from the deductions of equations 31 through 31.1, 

Ɛ2 will compute a range of values for each Ɛ1 value of –2 to +2, to be from 3 to –1. 

Therefore ∆H and ∆G values from equations 25 and 26 will range as; 

∆H = [(−2)*(−99.5) + 3*(−39.1)] kJ/mol to [(+2)*(−99.5) + (−1)*(−39.1)] kJ/mol 

∆G = [(−2)*(38.8) + 3*(−17.7)] kJ/mol to [(+2)*(38.8) + (−1)*(−17.7)] kJ/mol 

Hence, ∆H = 81.7 kJ/mol to −159.9 kJ/mol and ∆G = −130.7 kJ/mol to 95.3 kJ/mol. 
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When NCO > 0; as deduced from equations 31 through 31.1, decreasing Ɛ2 = 0 values 

by 0.1 (i.e. Ɛ2 = N
0

CO – Ɛ1 – 0.1), the range of values for each Ɛ1 value (–2 to +2) can 

computed to be from 2.9 to −1.1. Therefore, ∆H and ∆G values from equations 25 and 

26 will range as; 

∆H = [(−2)*(−99.5) + 2.9*(−39.1)] kJ/mol to [(+2)*(−99.5) + (−1.1)*(−39.1)] kJ/mol 

∆G = [(−2)*(38.8) + 2.9*(−17.7)] kJ/mol to [(+2)*(38.8) + (−1.1)*(−17.7)] kJ/mol 

Hence, ∆H = 85.61 kJ/mol to −155.99 kJ/mol and ∆G = −128.93 kJ/mol to 97.07 

kJ/mol. 

For hydrogen (H2) specie; from equations 32 through 32.1 deductions, Ɛ2 values will 

compute a range of values for each Ɛ1 value (–2 to +2) to be −7 to 1. Therefore, ∆H 

and ∆G values from equations 25 and 26 will range as; 

∆H = [(−2)*(−99.5) + (−7)*(−39.1)] kJ/mol to [(+2)*(−99.5) + 1*(−39.1)] kJ/mol 

∆G = [(−2)*(38.8) + (−7)*(−17.7)] kJ/mol to [(+2)*(38.8) + 1*(−17.7)] kJ/mol 

Hence, ∆H = 472.7 kJ/mol to −238.1 kJ/mol and ∆G = 46.3 kJ/mol to 59.9 kJ/mol. 

When NH2 > 0; deductions from equation 32.1 and increasing Ɛ2 = 0 values by 0.2 (i.e. 

Ɛ2 = 2Ɛ1 – N
0

H2 + 0.2), we then have a range of values for each Ɛ1 value (–2 to +2) to 

be −6.8 to 1.2. Therefore, ∆H and ∆G values from equations 25 and 26 will then range 

as; 

∆H = [(−2)*(−99.5) + (−6.8)*(−39.1)] kJ/mol to [(+2)*(−99.5) + 1.2*(−39.1)] kJ/mol 

∆G = [(−2)*(38.8) + (−6.8)*(−17.7)] kJ/mol to [(+2)*(38.8) + 1.2*(−17.7)] kJ/mol 
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Hence, the range of values will be; ∆H = 464.88 kJ/mol to −245.92 kJ/mol and ∆G = 

42.76 kJ/mol to 56.36 kJ/mol. 

For water (H2O) specie; deductions from equations 33 through 33.1 allows one to 

compute Ɛ2 values to be 0.5 for all Ɛ1 values of –2 to +2. Therefore, ∆H and ∆G values 

from equations 25 and 26 will range as; 

∆H = [(−2)*(−99.5) + 0.5*(−39.1)] kJ/mol to [(+2)*(−99.5) + 0.5*(−39.1)] kJ/mol 

∆G = [(−2)*(38.8) + 0.5*(−17.7)] kJ/mol to [(+2)*(38.8) + 0.5*(−17.7)] kJ/mol 

Hence, the range of values will be; ∆H = 179.45 kJ/mol to −218.55 kJ/mol and ∆G = 

−86.45 kJ/mol to 68.75 kJ/mol. 

When NH2O > 0; from the deductions of equations 33 through 33.1, and computing by 

decreasing Ɛ2 = 0 value by 0.1 (i.e. Ɛ2 = N
0

H2O −0.1), then Ɛ2 = 0.4 for all Ɛ1 values of –

2 to +2. Therefore, ∆H and ∆G values from equations 25 and 26 will range as; 

∆H = [(−2)*(−99.5) + 0.4*(−39.1)] kJ/mol to [(+2)*(−99.5) + 0.4*(−39.1)] kJ/mol 

∆G = [(−2)*(38.8) + 0.4*(−17.7)] kJ/mol to [(+2)*(38.8) + 0.4*(−17.7)] kJ/mol 

Hence, range of values; ∆H = 183.36 kJ/mol to −214.64 kJ/mol and ∆G = −84.68 

kJ/mol to 70.52 kJ/mol. 

For carbon dioxide (CO2) specie; as deduced from equations 34 through 34.1, Ɛ2 value 

will be equal to −1 for all Ɛ1 values (−2 to +2), since Ɛ2 = −1. Therefore, ∆H and ∆G 

values from equations 25 and 26 will range as; 

∆H = [(−2)*(−99.5) + (−1)*(−39.1)] kJ/mol to [(+2)*(−99.5) + (−1)*(−39.1)] kJ/mol 
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∆G = [(−2)*(38.8) + (−1)*(−17.7)] kJ/mol to [(+2)*(38.8) + (−1)*(−17.7)] kJ/mol 

Hence, range of values; ∆H = 238.1 kJ/mol to −159.9 kJ/mol and ∆G = −59.9 kJ/mol 

to 95.3 kJ/mol. 

When NCO2 > 0; from equation 34.1 deduction, and increasing Ɛ2 = 0 value by 0.1 (i.e. 

Ɛ2 = –N
0

CO2 + 0.1), then Ɛ2 = −0.9 for all Ɛ1 values (−2 to +2). Therefore, ∆H and ∆G 

values from equations 25 and 26 will range as; 

∆H = [(−2)*(−99.5) + (−0.9)*(−39.1)] kJ/mol to [(+2)*(−99.5) + (−0.9)*(−39.1)] 

kJ/mol 

∆G = [(−2)*(38.8) + (−0.9)*(−17.7)] kJ/mol to [(+2)*(38.8) + (−0.9)*(−17.7)] kJ/mol 

Hence, the range of values are; ∆H = 243.19 kJ/mol to −163.81 kJ/mol and ∆G = 

−61.67 kJ/mol to 93.53 kJ/mol. 

For Methanol (CH3OH) specie; and deduction from equations 35 through 35.1, If Ɛ2 

values is taken to be from −2 to +2 (since, N
0

CH3OH = 0), therefore ∆H and ∆G values 

from equations 25 and 26 will range as; 

∆H = [(0)*(−99.5) + (−2)*(−39.1)] kJ/mol to [(0)*(−99.5) + (+2)*(−39.1)] kJ/mol 

∆G = [(0)*(38.8) + (−2)*(−17.7)] kJ/mol to [(0)*(38.8) + (+2)*(−17.7)] kJ/mol 

Hence, the range of values; ∆H = 78.2 kJ/mol to −78.2 kJ/mol and ∆G = 35.4 kJ/mol 

to −35.4 kJ/mol. 
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When NCH3OH > 0; from the deduction of equation 35 through 35.1, and increasing Ɛ1 

= 0 value by 0.1 (i.e. Ɛ2 = –N
0

CH3OH + 0.1), then Ɛ1 = 0.1 for all Ɛ2 values of −2 to +2. 

Therefore, ∆H and ∆G values from equations 25 and 26 will range as; 

∆H = [(0.1)*(−99.5) + (−2)*(−39.1)] kJ/mol to [(0.1)*(−99.5) + (+2)*(−39.1)] kJ/mol 

∆G = [(0.1)*(38.8) + (−2)*(−17.7)] kJ/mol to [(0.1)*(38.8) + (+2)*(−17.7)] kJ/mol 

Hence, ∆H and ∆G range of values will be; ∆H = 68.25 kJ/mol to −88.15 kJ/mol and 

∆G = 39.28 kJ/mol to −31.52 kJ/mol. The above computed values for 300C are 

hereby shown in table 5. 
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Table 5: Range of ∆H and ∆G values at 300°C and different pressures for the extent 

of reaction Ɛ with respect to the chemical species under consideration. 

 

∆H is the enthalpy of the reaction in kJ/mol, ∆G is the free energy of reaction in 

kJ/mol, G(p) is the free energy (∆G, in kJ/mol) of the reaction at a pressure, P, in bars 

(br).  Ɛ1 and Ɛ2 are extents of reaction 1 and 2, respectively. 

 

 

 

 

Feed

CO 1 mols

H2 3 mols

H2O 0.5 mols H (kJ/mol) G (kJ/mol)

CO2 1 mols Rxn 1 -99.5 38.8

CH3OH 0 mols 300°C Rxn 2 −39.1 −17.7

Species Ɛ1 (Species = 0) Ɛ2 (Species = 0) Ɛ1 (Species > 0) Ɛ2 (Species > 0) ∆H (Species = 0) ∆H (Species > 0)

Ɛ1 = 0 0 −2 to +2 0.1 −2 to +2 78.2 to −78.2 68.25 to −88.15

Ɛ2 = 0 −2 to +2 0 0 0.1 199 to −199 195.09 to −202.91

CO −2 to +2 3 to −1 −2 to +2 2.9 to −1.1 81.7 to −159.9 85.61 to −155.99

H2 −2 to +2 −7 to 1 −2 to +2 −6.8 to 1.2 472.7 to −238.1 464.88 to −245.92

H2O −2 to +2 0.5 −2 to +2 0.4 179.45 to −218.55 183.36 to −214.64

CO2 −2 to +2 −1 −2 to +2 −0.9 238.1 to −159.9 243.19 to −163.81

CH3OH 0 −2 to +2 0.1 −2 to +2 78.2 to −78.2 68.25 to −88.15

GP at 300°C,1 br 38.8 GP at 300°C,20 br 10.3 GP at 300°C,50 br 1.6

Species ∆G (Species = 0) ∆G (Species > 0) ∆G (Species = 0) ∆G (Species > 0) ∆G (Species = 0) ∆G (Species > 0)

Ɛ1 = 0 35.4 to −35.4 39.28 to −31.52 35.4 to −35.4 36.43 to −34.37 35.4 to −35.4 35.56 to −35.24

Ɛ2 = 0 −77.6 to 77.6 −79.37 to 75.83 −20.6 to 20.6 −22.37 to 18.83 −3.2 to 3.2 −4.97 to 1.43

CO −130.7 to 95.3 −128.93 to 97.07 −73.7 to 38.3 −71.93 to 40.07 −56.3 to 20.9 −54.53 to 22.67

H2 46.3 to 59.9 42.76 to 56.36 103.3 to 2.9 99.76 to −0.64 120.7 to −14.5 117.16 to −18.04

H2O −86.45 to 68.75 −84.68 to 70.52 −29.45 to 11.75 −27.68 to 13.52 −12.05 to −5.65 −10.28 to −3.88

CO2 −59.9 to 95.3 −61.67 to 93.53 −2.9 to 38.3 −4.67 to 36.53 14.5 to 20.9 12.73 to 19.13

CH3OH 35.4 to −35.4 39.28 to −31.52 35.4 to −35.4 36.43 to −34.37 35.4 to −35.4 35.56 to −35.24

GP at 300°C,70 br −1.6 GP at 300°C,90 br −4

Species ∆G (Species = 0) ∆G (Species > 0) ∆G (Species = 0) ∆G (Species > 0)

Ɛ1 = 0 35.4 to −35.4 35.24 to −35.56 35.4 to −35.4 35 to −35.8

Ɛ2 = 0 3.2 to −3.2 1.43 to −4.97 8 to −8 6.23 to −9.77

CO −49.9 to 14.5 −48.13 to 16.27 −45.1 to 9.7 −43.33 to 11.47

H2 127.1 to −20.9 123.56 to −24.44 131.9 to −25.7 128.36 to −29.24

H2O −5.65 to −12.05 −3.88 to −10.28 −0.85 to −16.85 0.92 to −15.08

CO2 20.9 to 14.5 19.13 to 12.73 25.7 to 9.7 23.93 to 7.93

CH3OH 35.4 to −35.4 35.24 to −35.56 35.4 to −35.4 35 to −35.8

               ∆G values (kJ/mol)

               ∆H values (kJ/mol)

               ∆G values (kJ/mol)


