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Supervisor:  Gary T. Rochelle 

Amine degradation in aqueous amine scrubbing systems for capturing CO2 from 

coal fired power plants is a major problem.  Oxygen in the flue gas is the major cause of 

solvent deterioration, which increases the cost of CO2 capture due to reduced capacity, 

reduced rates, increased corrosion, solvent makeup, foaming, and reclaiming.  

Degradation also produces environmentally hazardous materials: ammonia, amides, 

aldehydes, nitramines, and nitrosamines.  Thus it is important to understand and mitigate 

amine oxidation in industrial CO2 capture systems. 

A series of lab-scale experiments was conducted to better understand the causes 

of and solutions to amine oxidation.  This work included determination of rates, products, 

catalysts, and inhibitors for various amines at various conditions.  Special attention was 

paid to understanding monoethanolamine (MEA) oxidation, whereas oxidation of 

piperazine (PZ) and other amines was less thorough. 

The most important scientific contribution of this work has been to show that 

amine oxidation in real CO2 capture systems is much more complex than previously 

believed, and cannot be explained by mass transfer or reaction kinetics in the absorber by 

itself, or by dissolved oxygen kinetics in the cross exchanger.  An accurate representation 

of MEA oxidation in real systems must take into account catalysts present (especially Mn 

and Fe), enhanced oxygen mass transfer in the absorber as a function of various process 



 x 

conditions, and possibly oxygen carriers other than dissolved oxygen in the cross 

exchanger and stripper. 

Strategies for mitigating oxidative degradation at low temperature, proposed in 

this and previous work are less effective or ineffective with high temperature cycling, 

which is more representative of real systems.  In order of effectiveness, these strategies 

are: selecting an amine resistant to oxidation, reduction of dissolved metals in the system, 

reduction of the stripper temperature, reduction of the absorber temperature, and addition 

of a chemical inhibitor to the system.  Intercooling in the absorber can reduce amine 

oxidation and improve energy efficiency, whereas amine oxidation should be considered 

in choosing the optimal stripper temperature. 

In real systems, 2-amino-2-methyl-1-propanol (AMP) is expected to be the most 

resistant to oxidation, followed by PZ and PZ derivatives, then methyldiethanolamine 

(MDEA), and then MEA.  MEA oxidation with high temperature cycling is increased 

70% by raising the cycling temperature from 100 to 120 °C, the proposed operational 

temperature range of the stripper.  PZ oxidation is increased 100% by cycling to 150 °C 

as opposed to 120 °C.  Metals are expected to increase oxidation in MEA and PZ with 

high temperature cycling by 40 ï 80%.  Inhibitor A is not expected to be effective in real 

systems with MEA or with PZ.  MDEA is also not effective as an inhibitor in MEA, and 

chelating agents diethylenetriamine penta (acetic acid) (DTPA) and 2,5-dimercapto-

1,3,4-thiadiazole (DMcT) are only mildly effective in MEA.  Although MEA oxidation in 

real systems cannot be significantly reduced by any known additives, it can be accurately 

monitored on a continuous basis by measuring ammonia production from the absorber.  

Ammonia production was shown to account for two-thirds of nitrogen in degraded MEA 

at low temperature and with high temperature cycling, suggesting that it is a reliable 

indicator of MEA oxidation under a variety of process conditions. 
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A proposed system, which minimizes amine oxidation while maintaining 

excellent rate and thermodynamic properties for CO2 capture would involve use of 4 m 

AMP + 2 m PZ as a capture solvent with the stripper at 135 °C, intercooling in the 

absorber, and use of a corrosion inhibitor or continuous metals removal system.  

Reducing (anaerobic) conditions should be avoided to prevent excessive corrosion from 

occurring and minimize the amount of dissolved metals.  This system is expected to 

reduce amine oxidation by 90-95% compared with the base case 7 m MEA with the 

stripper at 120 °C. 
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Chapter 1: Introduction  

 

 

 

 

 

 

 

THE CASE FOR CLIMATE CHANGE M ITIGATION  

The concept of human induced climate change was first introduced by Svante 

Arrhenius over a century ago (Arrhenius, 1896). By studying the glaciers, Arrhenius 

proposed that anthropogenic CO2 emissions would lead to a warmer, greener planet and 

that such conditions could prevent the onset of another ice age.  It is now understood that 

although climate change can increase the growing season in some areas, the benefits are 

likely outweighed by its costs.  These costs include an increase in extreme weather events 

(including severe storms, drought, and flooding), sea level rise endangering coastal cities, 

decreases in fresh water availability, decreased crop yields, and the collapse of entire 

ecosystems--with unpredictable consequences (IPCC, 2007).   

Importantly, it has also been reported that the costs of mitigating climate change, 

though very large, are less than the net costs of adapting to it, and that early action 

provides the greatest net benefit (Stern, 2007).  Aside from the benefit derived in the 

most likely scenarios, mitigation has the advantage of hedging against a low probability 
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ñclimate catastrophe,ò where the collapse of entire ecosystems substantially and 

irreversibly alters the nature of life on earth.  The effects of climate change are complex, 

difficult to predict, and ill understood.  The business-as-usual scenario could result in as 

much as a 4- to 6-degree global temperature increase, roughly the difference between 

present day temperatures and those during the last ice age.  This puts the planet in 

uncharted climate territory, and thus, there is considerable downside risk of catastrophic 

and irreversible changes to the environment and the global ecosystem.  No such ñtail end 

riskò exists for the mitigation scenario (since the costs of mitigation can be estimated 

more easily than the effects of climate change), providing further motivation for pursuing 

mitigation over adaptation. 

THE POTENTIAL IMPACT OF CCS 

In 2005, the IPCC issued a special report on carbon dioxide capture and storage 

(IPCC, 2005).  In it, the IPCC outlines the necessity of implementing CO2 capture 

technology for economical mitigation of climate change. In the year 2000, large (>0.1 

MtCO2/yr) point-sources emitted 13.4 Gt of CO2--41% of all anthropogenic green-house 

gas emissions (or 57% of all anthropogenic CO2 emissions) (Figure 1.1).  These point 

sources are dominated by the burning of coal, natural gas, and fuel oil to produce electric 

power (78% of total CO2 point source emissions), although they also include cement 

production, refineries, iron and steel production, petrochemicals, and oil and gas 

processing. 
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Figure 1.1: The potential market for deploying CCS technology to reduce 

anthropogenic greenhouse gas (GHG) emissions. Other point sources (PS) includes 

sources with annual emission rates greater than 0.1 MT CO2, including steel, 

cement, and petrochemicals production, and refineries. Other CO2 includes 

emissions from non-point sources, especially transportation.  Other GHG is 

primarily methane and halogenated hydrocarbons. Data from IPCC (2005). 
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Figure 1.2: Distribution of CO2 emissions across various types of point sources.  

Typical CO2 concentrations (%) are coal power=12-15, gas power=3 or 7-10, fuel 

oil=3 or 8, cement=20, refineries=3-13, steel=15, petrochemicals=8-12 or 100. Data 

from IPCC (2005). 

One way to assess the value of the point-source CO2 emission market is to look at 

the social cost of climate change per tonne of CO2 emitted in a BAU scenario.  This 

assumes that governments will construct laws taxing CO2 emissions according to their 

social cost.  Estimates of the social cost of climate change are highly uncertain and vary 

from a few dollars to several hundred dollars.  One study comparing 103 separate 

estimates of the marginal cost of CO2 emissions reported the median to be $14/tonne CO2 

and the mean to be $93/tonne CO2 (Tol, 2005).  A price of $50/tonne CO2 would imply a 

market size for CO2 capture from point sources of $670 billion, although the private 

benefit would only be the difference between the emission penalty and the capture cost. 

The IPCC estimates that, all things considered, carbon capture and storage could 

account for up to 55% of the cumulative mitigation effort before 2100 to avoid the worst 
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effects of climate change (IPCC, 2005).  McKinsey and Company, a consultancy, used 

the cost of CCS (estimated at $50/tonne of CO2) as a threshold for the cost of CO2 

abatement technology in a study, because if implemented, it would likely set a 

benchmark for other emission controls (McKinsey and Company, 2007).  This is because 

power plants and other point sources will continue to generate a large amount of CO2 for 

the foreseeable future regardless of growth in renewables.  Furthermore, CCS can be 

deployed on a large scale without disrupting existing energy distribution systems. 

AQUEOUS AMINE SCRUBBING  

Aqueous amine scrubbing for post combustion carbon capture and storage is the 

state of the art technology for mitigating point-source CO2 emissions (Rochelle, 2011).  

This technology was first proposed over 80 years ago for separating CO2 from various 

sources (Bottoms, 1930), and has since been used in sour gas treatment, hydrogen 

production, and submarine atmosphere purification.  Compared to other CO2 capture 

technologies, amine scrubbing benefits from being a well-understood, mature technology 

that has been proven in various industrial uses.  This sets it apart from ñblue sky 

technologiesò that exist only in research laboratories, have many technical and economic 

unknowns, and may never come into industrial use. 

A basic diagram of the process is shown in Figure 1.3.  Flue gas from a coal-fired 

power plant enters the absorber containing 12% CO2, 5% oxygen, and small amounts of 

other contaminants (SO2, NOx, and fly ash).   
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Figure 1.3: Process flow diagram of a typical amine scrubbing system for removing 

CO2 from coal-fired flue gas, with consideration of solvent management issues 

The flue gas contacts the amine solution (historically 15-30% monoethanolamine, 

or MEA) in the absorber packing allowing CO2 to absorb into the solution and react with 

the amine.  The system is operated to remove 90% of the CO2 entering the system, so the 

concentration of CO2 leaving the absorber is 1.3%.  The scrubbed gas may also contain 

volatile amine and amine degradation products (especially aldehydes and ammonia).  

Meanwhile, the amine stream enters the absorber lean in CO2 and leaves from the 

absorber sump rich in CO2.  The solvent will also absorb oxygen, SO2 (as sulfite), NO2 

(as nitrite or nitrate) and fly ash which are carried into the cross exchanger.  Some 

dissolved oxygen will react with the solvent in the cross exchanger, whereas the 

remainder will be flashed out of the solvent when it reaches the stripper.  In the stripper 
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packing, heat and steam are used to reverse the reaction of CO2 with the amine and 

remove it from the liquid.  CO2, water, and other volatile species leave the top of the 

stripper; after condensing the vapor to 40 °C, only pure CO2 is left over.  The CO2 is 

compressed and piped to a geological sequestration site.  The lean amine stream exits the 

stripper sump and returns, through the cross exchanger, to the absorber.  Thus the amine 

is continuously recycled, and in the short term, energy is the only input to the process. 

SOLVENT MANAGEMENT  

Several problems pertaining to solvent management arise from long-term 

operation of amine scrubbers.  Solvents susceptible to oxidative degradation break down 

over time as a result of oxygen mass transfer in the absorber, and reaction of oxygen and 

oxygen carriers throughout the system.  Holdup at high temperatures (in the heat 

exchanger, stripper packing, and reboiler) results in thermal degradation of the solvent 

from irreversible reaction with CO2 (Polderman, 1955).  SO2 reacts irreversibly with the 

amine, producing a sulfite salt and neutralizing two mols of amine (rendering them 

useless for CO2 capture).  NO2 can react to form nitrite, which can in turn react with a 

secondary amine to form a nitrosamine.  Volatile amine and amine degradation products 

pose a hazard to human health and the environment, if emitted from the absorber.  Thus 

countermeasures must be installed to reduce emissions from the absorber and periodically 

remove degradation products from the liquid.  Aside from emissions concerns, solvent 

degradation causes operational issues and increases operating costs.  These include 

reduced rates and solvent capacity, corrosion, and foaming, as well as solvent makeup 

and reclaiming requirements (Rochelle et al., 2001; Bedell, 2009; Islam, 2011; Gouedard, 

2012).  Solvent degradation may account for 10% of the cost of operating a CO2 capture 

system (Rao and Rubin, 2002).  Thus, there is a substantial need to understand the causes 
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of amine degradation in industrial CO2 capture systems, as well as practical options for 

minimizing degradation.  The focus of this work has been to study oxidative degradation 

of amines, since this is likely the most significant type of degradation in real systems. 

RESEARCH OBJECTIVES  

The primary goal of this work was to develop a better understanding of MEA 

oxidation at typical absorber conditions and to propose strategies for minimizing amine 

oxidation in an industrial CO2 capture system.  This included determining the effects of 

temperature, catalysts, inhibitors, loading, and gas phase contaminants SO2 and NO2 on 

MEA oxidation at absorber conditions, as well as identifying degradation products and 

closing the material balance.  It also involved substantial amine screening and 

comparison of other amine oxidation rates with those of MEA, at absorber conditions. 

Upon completion of this work, key findings from oxidation of MEA and other 

amines at low temperature were used to propose strategies for mitigating oxidative 

degradation in real systems.  Those strategies were then tested by constructing a 

laboratory system that mimics degradation in a real system with cycling between 

absorber and stripper conditions.  Results from the cycling system indicated that by using 

a combination of strategies proposed for mitigating oxidation at absorber conditions, 

amine degradation could also be substantially reduced in real systems. 

CONTEXT OF THIS WORK  

As detailed in Chapter 2, this work builds significantly on previous studies of 

hydrocarbon oxidation, as well as MEA and amine oxidation in CO2 capture processes.  

MEA has been known to oxidize and produce ammonia since the early 1950s, and much 

effort has gone into understanding the science of this reaction, as well as the various 

implications for CO2 capture systems. 
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Many of the previous studies assumed that MEA oxidation was controlled by 

reaction kinetics in the liquid phase. Goff (2005) showed that ammonia production from 

MEA solutions was a function of agitator speed and predicted that MEA oxidation was 

actually controlled by the rate of oxygen mass transfer to the liquid phase.  This was an 

important finding, since the absorber in a CO2 capture system provides efficient mass 

transfer for oxygen, and it suggests that previous studies that did not provide ample 

oxygen mass transfer underestimated oxidation rates.  Sexton (2008) predicted that 

whereas MEA oxidation in a real system would be controlled by oxygen mass transfer in 

the absorber, the rate of oxidation of other amines (such as piperazine, PZ) would be 

controlled by reaction kinetics in the absorber packing and sump.  Closmann (2011) was 

the first to report oxidation rates of amines in a cycling system that mimicked the 

absorber and stripper, and proposed that the oxidation rates in real systems were limited 

by the kinetics of dissolved oxygen reacting in the cross exchanger. 

The results of this work show that amine oxidation in a real CO2 capture system 

are more complex than any of these explanations.  Oxidation occurs by enhanced oxygen 

mass transfer in the absorber, with the enhancement factor being a function of the 

absorber and stripper temperature, as well as the type of amine and metal catalysts 

present.  Empirical data presented in this work provides the best known estimate of amine 

oxidation rates in real CO2 capture systems; however the science of amine oxidation in 

these systems requires much further study. 
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Chapter 2: Amine Oxidation and Implications for CO2 Capture 

  

 

 

 

 

 

 

This chapter reviews the various aspects of MEA oxidation, including the 

chemical mechanisms, products, catalysts and inhibitors, overall rates at various 

conditions, and comparison with other amines. It will focus mostly on previous work in 

MEA oxidation, however it will also reference the results presented in following chapters 

in order to reconcile inconsistent results or discuss new and pertinent observations.  The 

objective is to provide a thorough review of the current understanding of MEA oxidation, 

including this work, and to provide a context for results presented in later chapters.  

Lastly, this chapter will discuss discrepancies between lab-scale experiments and full-

scale CO2 capture plants. 

The major previous discoveries in oxidation of MEA for CO2 capture are as 

follows: 

1. Kindrick et al. (1950): MEA is very susceptible to oxidation at absorber 

conditions; recommended several alternative solvents that were stable to 

oxidation. 
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2. Naval Research Laboratory (Johnson et al., 1960; Blachly and Ravner, 1964): 

Certain transition metals catalyze MEA oxidation, with Cu being especially 

potent. Recommended use of EDTA and bicine as inhibitors. 

3. Rooney et al. (1998): Discovery of organic acids as amine oxidation products. 

4. Goff (2005): Efficient oxygen mass transfer accelerates oxidation.  Previous 

experiments were oxygen mass-transfer limited. Inhibitor A recommended to 

inhibit oxidation. 

5. Strazisar et al. (2003): Identified many liquid-phase degradation products in 

MEA from a CO2 capture plant. Revealed presence of nitrosamines. 

6. Sexton (2008): 1-(2-hydroxyethyl)-formamide (HEF) and 1-(2-hydroxyethyl)-

imidazole are two major oxidative degradation products. 

7. LePaumier et al. (2011a): Identified 1-(2-hydroxyethyl)-glycine (HEG) as a 

new oxidation product. Showed that oxidative (and not thermal) degradation 

products dominate the product profile. 

8. Einbu et al. (2013): Identified N-nitroso-1-(2-hydroxyethyl)-glycine as a 

major nitrosamine in degraded MEA. 

9. This work (2009-2013): Closed the material balance for low and high-

temperature MEA oxidation, identified manganese as a potent MEA oxidation 

catalyst, and recommended the usage of novel chelating agents for inhibiting 

low temperature oxidation. 

MECHANISM OF MEA  OXIDATION  BY MOLECULAR OXYGEN  

MEA oxidation is expected to proceed by a radical chain mechanism similar to 

that proposed for hydrocarbon oxidation, with the caveat that free-radical initiation at 

steady-state is dominated by organic hydroperoxide decomposition.  Several mechanisms 
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of free-radical initiation in MEA have been proposed (including electron and hydrogen 

abstraction) (Goff, 2005), however none of these mechanisms has been verified under the 

conditions for CO2 captureðthat is, concentrated, aqueous MEA in the presence of 

carbon dioxide, oxygen and transition metal ions.  This work proposes that hydroperoxide 

decomposition, rather than reactions of MEA, controls free-radical initiation. 

In this section, literature precedent for the proposed mechanism will be discussed 

to provide a mechanistic basis for empirical observations of catalysts, inhibitors, rates, 

and products in MEA oxidation.  Although experimental results provide circumstantial 

evidence about the mechanism, no experimental analysis has been used to directly verify 

it. 

Radical Initiation and Oxidative Deamination 

Oxidation of MEA at absorber conditions is proposed to be caused by trace 

amounts of organic hydroperoxides, which decompose in the presence of certain 

transition metals to produce free radicals (Figure 2.1) (Walling, 1957).  Organic peroxide 

induced autoxidation and catalysis of peroxide decomposition by transition metal ions 

have been observed at absorber conditions in other autocatalytic oxidation reactions, 

especially oxidation of hydrocarbons (Walling, 1957; Bolland and Gee, 1946; Robertson 

and Waters, 1946). Organic hydroperoxides have previously been detected in oxidized 

MEA solutions (Blachly and Ravner, 1964), lending further credibility to this 

mechanism.  Furthermore, experimental evidence shows that additives known to catalyze 

peroxide decomposition act as MEA oxidation catalysts, whereas peroxide stabilizers 

tend to inhibit it.  
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Figure 2.1: Mechanism of hydroperoxide formation and metal-catalyzed 

decomposition  

MEA oxidation is proposed to be mediated by the stability of hydrogen peroxide, 

MEA-hydroperoxide (MEA-HP), and other organic peroxides in the solution.  This 

compound has not been specifically identified, however total organic peroxides were 

previously quantified using thiosulfate-iodine titration (Blachly and Ravner, 1964), 

lending credibility to this mechanism. After decomposing, MEA-HP is regenerated by 

reaction of MEA with a free-radical and molecular oxygen (Figure 2.2) 
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Figure 2.2: Formation of MEA -hydroperoxide 

Although peroxides are a molecular product they are not a true terminating 

product because they react to produce more free radicals. The stability of hydrogen 



 14 

peroxide at alkaline conditions is very sensitive to the presence of transition metals (esp. 

Fe, Cu, and Mn) (Galbács and Csányi, 1983).  In the presence of excess oxygen, 

production of free radicals is mediated by the rate of homolytic (free-radical generating) 

decomposition of hydroperoxides relative to the competing heterolytic (non-free-radical 

generating) decomposition of hydroperoxides.  Transition-metal catalyzed peroxide 

homolysis results in reaction of the oxidized and reduced form of the metal each with one 

hydroperoxide to generate two free radicals (Figure 2.1) (Walling, 1957).  One mol of 

hydroperoxide can also split (especially at higher temperatures) generating two free 

radicals (Figure 2.3) (Denisov and Afanasôev, 2005) 
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Figure 2.3: Reactions of MEA-hydroperoxide to form radical species (adapted from 

Walling, 1957) 

Oxidation of MEA-HP by a reduced metal-ion initially results in MEA-hydroxyl 

radical.  The MEA-hydroxy radical produced from oxidation will abstract a hydrogen 

atom to form 2-hydroxy-2-ethanolamine and another free radical.  2-hydroxy-2-

ethanolamine is semi-stable and will decompose to form ammonia and 

hydroxyacetaldehyde, or ammonia and two formaldehyde molecules (Figure 2.4).  



 15 

Reduction of MEA-HP by an oxidized metal-ion produces the MEA-peroxy radical, 

which abstracts a hydrogen atom to reform MEA-HP.  Reduction or oxidation of MEA-

HP by a metal-ion each result in production of one new free-radical.   

Thermal decomposition of MEA-HP produces two free-radicals, ammonia, and 

hydroxy acetaldehyde.  In general, each new free radical will react with MEA and oxygen 

to produce one molecule of MEA-HP and another free-radical propagating the reaction.  

At steady state, both oxidation and reduction of the peroxide must occur since the metal 

can only act as a catalyst (no significant amount of new metal is continuously added to 

the process).  The relative amount of metal in each oxidation state will depend on the 

relative rates of oxidation and reduction of the peroxide.  
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Figure 2.4: Formation of primary products (adapted from Dennis, 1967) 

Deamination of MEA may occur directly after formation of the MEA radical, as 

proposed by Petryaev et al. (1984), via formation of a five-membered ring transition state 

(Figure 2.5).  Whether decomposition occurs from the MEA radical, the MEA-

hemiaminal, or the MEA-imine, the nitrogen in MEA is converted to ammonia and not 

methylamine, NOÅ, or some other product. 
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Figure 2.5: Direct deamination of MEA radi cal (adapted from Petryaev et al., 1984) 

The initial free radical species leading to initial peroxide formation may be 

produced in a variety of ways.  The bimolecular reaction, where molecular oxygen 

attacks a C-H or N-H bond, is one possibility.  This mechanism is expected to be the 

predominant mechanism of radical initiation in hydrocarbon oxidation in the absence of 

peroxide or other initiator (Bolland and Gee, 1946). Ultraviolet (UV) light or a one-

electron transfer reaction of MEA with a dissolved metal ion can also initiate oxidation 

(Figure 2.6). 
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Figure 2.6: Initial free radical formation in organic molecules from reaction with 

oxygen, metal ion, or UV light  

Role of Transition Metals 

Transition metals play a very important role in oxidation of MEA and other 

amines.  Metals are generally thought to catalyze oxidation, although this is not always 

the case.  Catalysis can occur by oxidation or reduction of metal ions by peroxides in a 

Fenton-type reaction, as discussed above.  One-electron transfer reactions can also 

initiate oxidation by reaction of oxidized or reduced metal ions with MEA or oxygen to 

produce a free radical, which reacts to form a peroxide. Initiation by metal ions is not 

expected to control the rate of oxidation: once a small amount of peroxide has been 
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formed, its stability to homoltyic (free-radical producing) decomposition dictates the rate 

of free-radical initiation and the rate of MEA degradation. Iron, copper, manganese, and 

cobalt are all known to be especially active at decomposing hydrogen peroxide.  The 

activity of these metals as catalysts in this work suggests that they are also efficient 

catalysts of MEA-HP decomposition in MEA.   

Metals may also be involved in one-electron terminating reactions as well as 

disproportionation reactions with another metal ion.  To further complicate matters, the 

reactive metal-species can be a complex involving the amine, amine peroxide, or other 

species, rather than simply the free metal.  Since these complexes have not been directly 

measured, the effect of metals is discussed primarily from an empirical, rather than a 

mechanistic perspective. 

Initiation by Iron 

In the electron abstraction mechanism adapted from Hull et al. (1969) by Chi and 

Rochelle (2002), ferric iron acts as an initiator by abstracting an electron from the 

nitrogen on MEA to form ferrous iron and positively charged ethanolaminium radical.  

This species rearranges and loses a proton to form MEA radical, which can react with 

oxygen to form MEA-HP and perpetuate the reaction (Figure 2.7). 

 

NH2

OH

 
+ Fe

3+
 Ą NH2

+ OH

 
+ Fe

2+
 

NH3

+ CH OH

 
Ą NH2

CH OH

 
+ H

+
   

Figure 2.7: Radical initiation by ferric (adapted from Chi and Rochelle, 2002) 

 Oxygenation of the ferrous ion is known to produce free radicals via one-electron 

transfer (Stumm and Lee, 1961).  Hydroxy- and hydroperoxy- radicals are formed when 
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ferrous iron reacts with oxygen in an aqueous environment (Figure 2.8).  The ammonia 

burst observed by Chi (2000) from addition of ferrous to an oxidized MEA solution 

supports this theory, although the burst could also be attributed to reaction of ferrous with 

accumulated peroxides, resulting in a reduction in the steady-state concentration. 

Fe
2+

    +    H
+
 + O2 Ą Fe

3+
 + O OH 

Fe
2+

    +    H
+
 + O OH Ą Fe

3+
 + OH OH 

Fe
2+

 + OH OH Ą Fe
3+

 + OH    +    OH
-
 

Figure 2.8: Radical initiation by ferrous (adapted from Stumm and Lee, 1961) 

Complexes of Transition Metal Ions 

Metal ions in MEA solution likely exist in a complex with MEA and other species 

in solution.  Stadtman (1993) observed that oxidation of amino acids was catalyzed by 

manganese and was highly dependent on the presence of bicarbonate.  He proposed that 

oxidation proceeded via formation of a complex involving the amino acid and 

bicarbonate.  Since MEA has a similar structure to the generic Ŭ-amino acid in 

Stadtmanôs mechanism, this same complex is proposed to exist in MEA solutions (Figure 

2.9).  The empirical observation that MEA oxidation is sensitive to the presence of a 

small amount of CO2 (at absorber conditions unloaded solutions show no oxidation, and 

loaded solutions showing extensive oxidation) supports this complexation theory. 

Complexing agents can drastically alter the reactivity of metal ions in solution. 

For example, the rate constant for reaction of ferrous with hydrogen peroxide is 50 

L/mol/s, whereas the rate constant for reaction of the ferrous-diethylenetriamine penta 

(acetic acid) (DTPA) complex with hydrogen peroxide is more than twenty times faster at 

1.37 x 10
3
 L/mol/s (Denisov and Afanasôev, 2005). 
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Iron complex with h-amino acid  

Figure 2.9: Chelate-complex of a generic Ŭ-amino acid and MEA (proposed) with 

ferrous and bicarbonate. Adapted from Stadtman (1993) 

However, that need not mean that peroxide decomposition catalysts are always oxidation 

catalysts.  It has been proposed that metal ions may participate in competing heterolytic 

decomposition reactions that decompose peroxides without producing free radicals 

(Denisov and Afanasôev, 2005), thereby inhibiting oxidation.  A metal complexing agent 

will change the relative rates of homolytic and heterolytic hydroperoxide decomposition, 

as well as the general catalytic activity of the metal (Figure 2.10).  Thus, theoretically, a 

metal complexing agent may behave as a catalyst or inhibitor for oxidation (Denisov and 

Afanasôev, 2005).  Empirically, chelating agents are shown to behave as inhibitors, 

although there are multiple possible mechanisms of inhibition. 

M
n+ 

+ ROOH Ą ROÅ + OH
-
     +     M

(n+1)+ 

M
n+ 

+ ROOH Ą M
n+ 

+ Molecular products 

Figure 2.10: Metal-catalyzed homolytic and heterolytic decomposition of 

hydroperoxides (Denisov and Afanasôev, 2005) 

Termination and Disproportionation Reactions of Metal Ions 

One-electron transfer between two metal ions or between a metal ion and a free 

radical can also occur.  Termination reactions (Figure 2.11) are one way that metals can 
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behave as oxidation inhibitors.  Disproportionation reactions (Figure 2.12) could 

theoretically catalyze or inhibit oxidation, although in this and previous work 

combinations of metal catalysts always result in increased oxidation (Goff and Rochelle, 

2006; Goff, 2005).  This likely occurs because one form of the metal (the oxidized or 

reduced form) reacts more rapidly with peroxides, resulting in accumulation of the other 

form to a higher steady-state concentration.  Disproportionation reactions can increase 

metal turnover and accelerate oxidation. 

Fe
2+

 + R O  Ą Fe
3+

 + OH
- 

Fe
2+

 + 
R O

O  
Ą Fe

3+
 + 

R O

O
-
 

Fe
3+

 + 
R O

O  
Ą Fe

2+
 + O2    +    H

+
 

Figure 2.11: Termination reactions involving metal ions 

Fe
2+

 + Cu
2+

 Ą Cu
1+ 

+ Fe
3+ 

Fe
2+

 + Mn
3+

 Ą Mn
2+ 

+ Fe
3+ 

Figure 2.12: Example of some metal disproportionation reactions 

It is difficult to know which reactions of metals are most important to MEA 

oxidation given the complexity of the solution matrix.  The purpose of this work is not to 

confirm or disprove any of these possible reactions of metals. On the contrary, the 

purpose is to establish a theoretical basis for explaining experimental observationsðin 

particular the observation that metals can act as catalysts or inhibitors and can work 

synergistically as catalysts. 
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CATALYSTS AND INHIBITORS OF MEA  OXIDATION  

Catalysts and inhibitors play a significant role in mediating oxidation of MEA.  

The complexity of the solution limits the degree to which the mechanism of catalysis or 

inhibition can be studied, particularly when conditions representative of a CO2 capture 

system are used.  In this section, previous results pertaining to catalysis or inhibition of 

oxidation of concentrated, aqueous, MEA in the presence of CO2, will be presented.  The 

results presented here provide insight into patterns of oxidation and anti-oxidation in 

MEA systems pertaining to CO2 capture and thus reveal a basis for further 

experimentation.  Identifying important catalysts can help to better predict the oxidation 

rate and products that will be present in real systems.  Removal of these catalysts, when 

possible, can reduce oxidative degradation.  An ideal inhibitor would substantially reduce 

MEA oxidation at low (<0.5 wt. %) concentration, be relatively inexpensive, not 

adversely affect the solvent performance (rate, CO2 vapor-liquid equilibrium, viscosity), 

be thermally and oxidatively stable, be non-corrosive, and not be removed from the 

system over time (through volatility or reclaiming).  Such an inhibitor would significantly 

improve the economics of operating a CO2 capture system and reduce the environmental 

impact; to date no such inhibitor meets these criteria. 

Transition Metals 

Transition metals are expected to catalyze oxidation in the absorber by 

decomposing organic peroxides, thereby generating free radicals.  Experimental evidence 

suggests that the species reacting with the peroxide is not the free metal ion, but a chelate 

formed with ligands in the solution. Unlike certain other amines, MEA is especially 

sensitive to the presence of metals possibly due to its ability to efficiently chelate these 

metals. Other amines which form a five- or six- membered ring complex may also be 

strongly affected by the presence of metals. Various transition metals can occur in amine 



 22 

scrubbing processes for CO2 capture from a coal-fired power plant.  Stainless steel 

contains substantial iron, nickel, and chromium, in addition to other minor components 

(including manganese, copper, molybdenum, titanium, tantalum, and niobium).  These 

metals will dissolve into the solution as ions as the metal corrodes.  Copper, vanadium, 

and antimony have all been proposed as additives to amine solutions to prevent corrosion 

(Kohl and Nielsen, 1997).  Fly ash, containing a host of transition metals, can enter the 

amine scrubber and accumulate over time.  Experimental studies at absorber temperatures 

have shown that in many cases transition metals accelerate MEA loss, organic acid 

production, or ammonia production from MEA solutionsðall of which are indications of 

increased oxidation. 

Iron and Copper 

Johnson et al. (1960) first proposed that metals could be catalyzing MEA 

oxidation in amine scrubbing solutions employed on submarines.  Blachly and Ravner 

(1963, 1964, 1965, 1966) used ammonia production from MEA solutions to determine 

that certain transition metals were particularly active catalysts.  Using this method copper 

was identified as a potent catalyst of MEA oxidation.  Chi (Chi, 2000; Chi and Rochelle, 

2002) and Goff (Goff, 2005; Goff and Rochelle, 2006) also used ammonia production to 

study the effect of transition metals.  Chi observed that ferrous iron catalyzes MEA 

oxidation, whereas Goff showed that both ferrous and ferric iron are catalysts. Goff 

confirmed the role of copper as a potent catalyst of MEA oxidation, and demonstrated 

that iron in the presence of copper was more potent than either additive alone.  Sexton 

(Sexton, 2008; Sexton and Rochelle, 2009) confirmed this result showing that MEA loss 

and organic acid production in oxidized MEA solutions was significantly higher with iron 

and copper than with iron alone.   
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Manganese 

Special consideration is given to manganese due to the equivocality of recent 

work on its roll in MEA oxidation at absorber temperatures.  Chi (2000) initially reported 

that Mn
7+

 at 1 mM concentration catalyzed MEA oxidation at 55 °C.  Goff (2005) 

reported that Mn
7+

 was an inhibitor at low (<0.03 mM) concentration but admitted 

inconsistent results.  Sexton observed that MEA loss and heat stable salt production were 

substantially reduced (by 75% and 97%, respectively) during oxidation of MEA in the 

presence of 20 mM Mn
2+

 at 55 °C and concluded that Mn (referred to as ñInhibitor Bò) 

was a potent inhibitor.  In this work Mn
2+

, Mn
3+

, and Mn
4+

 are all shown to be catalysts 

on the basis of NH3 production, MEA loss, and formic acid production in MEA solutions 

both at 55 °C and 70 °C.  It is proposed here that Mn
2+

 initially behaves as an inhibitor 

but converts to a catalyst after a certain induction period, the duration of which depends 

on the temperature and initial amount added to the solution. 

Vanadium 

Vanadium was suspected as being both a catalyst and an inhibitor of MEA 

oxidation.  Sexton (2008) suspected that Vanadium was a catalyst of MEA oxidation 

because it is a transition metal, and showed that MEA in the presence of 1 mM V
5+

 at 55 

°C oxidized less than with 1 mM Fe
2+

 or with 5 mM Cu
1+

 and 0.1 mM Fe
2+

.  Sexton 

therefore concluded that it was a less potent catalyst than iron or copper.  However, no 

experiments were performed with iron and vanadium or with no added metal ions, hence 

the effect based on Sextonôs work alone is ambiguous.  

Johnson et al. (1960) tested ammonium vanadate at 0.1% as an oxidation inhibitor 

ñat the suggestion of various interested parties,ò although no justification or mechanism 

of inhibition was reported.  Ammonia emissions from the solution at 55 °C were reduced 

by 71% compared with the base case; the effect might have been greater had the solution 
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not been spiked with ammonium.  In this work, MEA loss from oxidation in the presence 

of iron and vanadium was 20% less than with iron only at 70 °C, however the effect was 

not statistically significant. 

Other Transition Metals 

Several other metals have been implicated or are suspected as catalysts or 

inhibitors of MEA oxidation. Blachly and Ravner (1964) showed evidence for Ni
2+

 being 

a more potent catalyst than Fe
2+

 at 55 °C on the basis of ammonia production, however 

this result was not replicated elswhere.  Sexton (2008) reported that a mixture of 

chromium (III) and nickel (II) in MEA resulted in greater MEA loss than MEA with 

ferrous alone at 55 °C.  However, rates of formation of formate and other degradation 

products were much the same in both solutions, suggesting that Cr and Ni had little effect 

on the oxidation rate, and the difference in MEA loss between the two experiments was 

due to water balance issues.  In this work, Cr + Fe had a 51% greater initial rate of MEA 

loss, whereas Ni + Fe had a 27% lower rate of MEA loss than Fe alone.  The effect was 

statistically significant for chromium, but not nickel. 

Several other metals are proposed as catalysts or inhibitors based on their 

intereaction with peroxides.  Cobalt is known to catalyze of hydroperoxide 

decomposition, along with Fe, Cu and Mn, suggesting it would also catalyze MEA 

oxidation.  In this work, Co was indeed shown to be nearly as potent as Mn. 

Tin (IV) is used as a standard additive to stabilize of hydrogen peroxide solutions, 

due to the fact that it can form colloids which absorb transition metals.  Tin (IV) was 

found to have no effect on ammonia production rates from MEA in this work; this may 

be due to the fact that loaded MEA solutions have a pH of ~9-10, whereas hydrogen 
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peroxide solutions have a pH of ~4-6. A summary of the effect of transition metals on 

MEA oxidation is shown in Table 2.1. 

Table 2.1: Summary of effect of transition metals on MEA oxidation at absorber 

temperatures 

Transition Metal  Role in MEA 

oxidation 

 

Iron (II or III) Catalyst Chi and Rochelle (2002) 

Goff and Rochelle (2006) 

Copper (I) Catalyst Blachly and Ravner (1963) 

Manganese (II, III, IV, or VII) Catalyst This work (NH3 and MEA) 

Vanadium (V) None This work (MEA) 

Nickel (II) No effect This work (MEA) 

Chromium (III) Catalyst This work (MEA) 

Cobalt Catalyst This work (MEA) 

Tin No effect This work (NH3) 

Effect of metals in a CO2 capture process 

The effect of metals in an actual CO2 capture process is unknown.  This is 

because there have been no published studies dedicated to degradation in a fully-

functioning CO2 capture process.  Furthermore, it is difficult to control metals in a real 

process since the process equipment is made of steel.  Samples taken from continuously 

operating acid-gas treating processes have observed higher metals concentrations 

coinciding with higher concentrations of organic acids (Rooney and Dupart, 2000).  It is 

assumed that the acids caused the corrosion, but the opposite may also be true. 

Lab-scale studies can be used to predict how metals will affect oxidation in a real 

process with some important caveats.  All of the previous work demonstrating the 

catalytic effect of various transition metals was performed at relatively low temperatures 
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(40 ï 80 °C).  This suggests that metals will indeed play a catalytic role in oxidation of 

MEA in the absorber.  However, to the extent that the catalysis mechanism relies on 

decomposition of hydroperoxides, this may not be the case.  Hydroperoxides are 

susceptible to thermal homolysis and therefore will degrade in the stripper and reboiler.  

At a minimum this is expected to reduce the catalytic effect of metals in the absorber by 

reducing the steady-state concentration of hydroperoxides.  A second concern of high 

temperature cycling in real processes is that it can cause a ñchemical loopingò effect 

where dissolved metals serve as oxygen carriers, thus increasing oxidation in the stripper.  

In the case that solvent oxidation is limited by the availability of dissolved oxygen 

reacting at high temperature, chemical looping could play a major role in oxidation.  

Metals may be present at 0.1 to 10 mM concentration, whereas dissolved oxygen would 

only be 0.05 mM for flue gas with 5% oxygen.  Chemical looping could also accelerate 

or inhibit oxidation in the absorber by changing the relative amounts of the different 

oxidation states of each metal. 

Chelating Agents 

Chelating agents were first tested as inhibitors at the same time that transition 

metals were found to be catalysts of MEA oxidation (Johnson et al., 1960).  Many 

inhibitors discovered since (Figure 2.13), which are not obvious chelating agents, may 

nonetheless owe some of their effectiveness to metal complexing action.  Although 

several chelating agents have repeatedly proved effective, the mechanism of their action 

is not completely knownðtherefore several explanations are offered. 

EDTA 

Blachly and Ravner (1964) first demonstrated the effectiveness of 

ethylenediamine tetra(acetic acid) (EDTA) in inhibiting MEA oxidation in industrial CO2 
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scrubbing systems.  Other researchers have since confirmed the effectiveness of EDTA as 

an inhibitor of MEA oxidation (Chi, 2000; Goff, 2005; Sexton, 2008; Idem et al., 2009; 

Supap et al., 2011).  Proposed concentrations to completely inhibit MEA oxidation 

ranged from 0.1 to 3 wt. %.  EDTA is itself prone to oxidation, therefore it would have to 

be added on a continuous basis.  This work shows that EDTA is indeed an effective 

inhibitor, but is less effective than other more potent chelating agents.  

Other chelating agents 

A variety of other chelating agents including N,N-dihydroxyethyl-glycine 

(bicine), N-hydroxyethyl-ethylenediamine-tri(acetic acid) (HEEDTA), iminodiacetic acid 

(IDA), tartartic acid, phosphate, citrate, and 1-hydroxyethylidene-1,1-diphosphonic acid 

(HEDP), have also variously been shown effective in preventing MEA oxidation in 

industrial CO2 scrubbing systems (Johnson et al., 1960; Goff, 2005; Idem, 2009; Supap, 

2011; Elnan, 2012).  Of these additives, citrate and tartrate were shown to be thermally 

unstable (Elnan, 2012); phosphate, HEEDTA, and IDA are not potent enough to 

significantly reduce MEA oxidation at a reasonable concentration (Goff, 2005 and this 

work).  Novel chelating agents proposed in this work (discussed in Chapter 6) have been 

shown to provide better inhibition than EDTA.  These include HEDP, diethylenetriamine 

penta (acetic acid) (DTPA), and diethylenetriamine penta (methylenephosphonic acid) 

(DTPMP).  The effectiveness of HEDP was verified by Elnan (2012) and was also found 

to be the only thermally stable inhibitor tested.  The best inhibitor based on this work is a 

combination of the two chelating agents DTPA and HEDP  

Other Inhibitors  

Some other inhibitors of MEA oxidation may owe their effectiveness to chelation 

due to the presence of negatively charged carboxylate, phosphate or nitrogen moieties.  
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Singh (1970) discovered that gluconate arrested MEA oxidation. Goff (2005) found that 

formate was a mild inhibitor of MEA oxidation.  Various dithiocarbamates, 

dithiophosphates, thiadiazoles, and thiatriazoles reported to inhibit MEA oxidation by 

Carrette (2009a) and Delfort (2009, 2010) may have been effective in part because they 

behaved as chelating agents, although the effect of the sulfur moiety should not be 

neglected.  Tertiary amines such as methyl-diethanolamine (MDEA) and triethanolamine 

(TEA) are known to inhibit MEA oxidation (Faucher, 1989; McCullough et al., 1990; 

Singh, 1970), although they too may be acting as chelating agents to a certain degree. 

Mechanism of Inhibition 

Several possible mechanisms can explain the effectiveness of chelating agents as 

antioxidants in MEA systems.  The simplest explanation is that chelating agents sequester 

metals from the bulk solution preventing them from participating in oxidation reactions.  

A weakness of this explanation is that complete inhibition of oxidation in MEA requires 

many times more chelating agent than there is metal present.  This may be due to the fact 

that MEA itself can chelate the metal (as discussed previously in this chapter) and 

therefore the chelating agent must compete with an overwhelming amount of MEA for 

the metal. However, another explanation is that the metal-chelating agent complex reacts 

rapidly with the hydroperoxides decomposing them.  Various chelating agents have been 

shown to dramatically increase the rate of ferrous iron reacting with hydrogen peroxide 

(Croft et al., 1992).  This can serve as a mode of antioxidation: as Denisov and Afanasôev 

(2005) explain, chelating agents may alter the redox potential of metal-peroxide to favor 

heterolytic (non-free radical) over homoltyic (free radical producing) decomposition.  

The homolytic pathway has a higher activation energy, which could be one reason why 
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bicine was observed to be effective at low temperatures but less so at high temperatures 

(Bachly and Ravner, 1964). 

A third explanation is that chelating agents containing tertiary amine moieties 

react sacrificially with peroxides, decomposing them heterolytically and in the process 

getting oxidized to tertiary amine oxides (Sidgwick, 1910).  This reaction is known to 

occur and likely occurs in parallel to other modes of inhibition by tertiary amine chelating 

agents.  Blachly and Ravner (1964) showed that bicine reacted sacrificially in a one-to-

one reaction with t-butyl-peroxide to produce an amine oxide that had no antioxidant 

properties.  Figure 2.13 shows the structures of some effective MEA inhibitors, which act 

as complexing agents.  However, given the effectiveness of HEDP, which contains no 

nitrogen atom, this is clearly not the only mechanism of inhibition.   
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Figure 2.13: Metal-chelating inhibitors of MEA oxidation 
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Thiadiazole, thiatriazole, thiatetrazole 
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Figure 2.13 (cont.): Metal-chelating inhibitors of MEA oxidat ion 

Tertiary Amines 

It is difficult to distinguish tertiary amines from chelating agents since there is 

often significant overlap in the two categories.  Singh (1970) reported that 

triethanolamine (TEA) could inhibit MEA oxidation.  Methyl-diethanolamine (MDEA), a 

tertiary amine often used as an acid-gas treating solvent, was later reported also to be 

effective (Faucher, 1989; McCullough et al., 1990; Lawal et al. 2005).  Diethyl-

monoethanolamine (DEMEA) and dimethyl-monoethanolamine (DMMEA) were also 

shown to inhibit MEA oxidation (Chi, 2000; Chi and Rochelle, 2002). Blachly and 

Ravner (1964) tested one tertiary amine, N,N-dimethyl-glycine, and reported that it was 

not sufficiently effective at preventing oxidation. 

Many chelating agents, including EDTA, bicine, and 1-(2-hydroxyethyl)-

ethylenediamine-N,N,N-tri(acetic acid) contain tertiary amines, which may contribute to 

their inhibiting action.  The most likely mechanism of action for tertiary amines is by 

sacrificially reacting with the MEA-hydroperoxide to heterolytically decompose it, 

producing an amine oxide (Sidgwick, 1910).  Tertiary amines would therefore also have 

to be added to the solution on a continuous basis.  A summary of tertiary amine inhibitors 

of MEA oxidation is shown in Figure 2.14. 



 32 
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Figure 2.14: Tertiary amine inhibitors of MEA oxidation  

Sulfur -Containing Inhibitors  

Recent work by Carrette and Delfort (2009a, 2009b, 2009c, 2010, 2011) and 

Delfort and Carrette (2009, 2010) identified a number of inhibitors that could completely 

block MEA oxidation, as measured by ammonia and organic acid production, although 

this was studied in the absence of transition metals.  The molecules tested were all small, 

commercially available molecules containing at least one organic sulfur group.  Blachly 



 33 

and Ravner (1964) tested one sulfur containing molecule, sodium mercaptobenzothiazole, 

and found that it did not prevent oxidation of MEA in the presence of metals.  Sulfite and 

thiosulfate are also observed to inhibit MEA oxidation (Goff, 2005; Hakka and Ouimet, 

2006; Idem et al., 2009; Supap et al., 2011).  Sexton (2008) observed that 1.3 wt. % 

sulfite did not inhibit MEA oxidation; however this was likely due to the length of the 

experiment and sampling interval (i.e. the sulfite was all consumed early in the 

experiment)   

Sulfur-containing compounds react sacrificially as oxygen or free-radical 

scavengers.  Sulfite can react once with dissolved oxygen in a free-radical mediated 

pathway to form sulfate, which is inert.  Organic sulfur-containing compounds are a 

better choice because they start in a more reduced state and can react multiple times with 

reactive oxygen species.  Specifically, compounds containing organic sulfur react with 

hydroperoxides and peroxy radicals (Denisov and Afanasôev, 2005) and in the process, 

get oxidized.  One mol of sulfur-containing compound can react with multiple free-

radicals before eventually getting oxidized to sulfate (Hawkins and Sautter, 1963).  

Thiosulfate is a free-radical scavenger known to inhibit sulfite oxidation (Ulrich, 1983).  

Free radical scavenging is the most likely mode of inhibition of thiosulfate in MEA 

oxidation, thus it is also likely a sacrificial inhibitor.   

In this work, sulfite and thiosulfate were both somewhat effective at inhibiting 

oxidation, however many of the organic sulfur compounds proposed by Carrette and 

Delfort were not.  Of the organic sulfur inhibitors proposed, 2,5-dimercapto-1,3,4-

thiadiazole (DMcT) was the only one that showed a sustained reduction in the ammonia 

rate from MEA in this work.  This inhibitor (as well as triazole and tetrazole compounds 

which were not tested) likely is effective as a chelating agent rather than as a sulfurous 

antioxidant. 
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Although these sulfur containing inhibitors show promise, the results require 

further testing under more representative conditions (in other words, in the presence of 

iron and manganese, and with a higher gas flow rate). A summary of the non-chelating 

sulfur-containing inhibitors of MEA oxidation is shown in Figure 2.15. 
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Figure 2.15: Sulfur-containing inhibitors of MEA oxidation  
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Figure 2.15 (cont.): Sulfur -containing inhibitors of MEA oxidation  

Traditional Antioxidants  

Many traditional antioxidants have been shown to be ineffective at preventing 

oxidation of concentrated, aqueous MEA by molecular oxygen.  In fact, many of these 

substances actually accelerate oxidation.  Blachly and Ravner (1964) tested sorbitol as 

well as a number of substituted benzene antioxidants, all of which were found to be 

ineffective based on production of total peroxide and ammonia.  Goff (2005) reported 

that both ascorbic acid and hydroquinone, two traditional antioxidants, exacerbated 

oxidation of MEA as confirmed by ammonia production.  Delfort et al. (2011) also 

reported increased organic acid production from MEA in the presence of oxygen with 

added ascorbic acid, hydroquinone, and other substituted benzene antioxidants.  Elnan 

(2012) tested a number of traditional antioxidants and found that hydroquinone and 

methallyl alcohol increased degradation. 

In general, traditional antioxidants work by scavenging peroxy radicals (Denisov 

and Afanasôev, 2005) (Figure 2.16).  This mechanism suggests that traditional 

antioxidants may accelerate hydroperoxide formation (particularly if oxygen uptake is 
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mass transfer controlled), which is why they can increase oxidative degradation of MEA 

in semi-batch experiments where oxygen is in continuous supply. 

RÅ + O2 Ą ROOÅ  
 

ROOÅ + AH Ą ROOH + AÅ 

Figure 2.16: Reaction of a radical scavenging antioxidant to a form hydroperoxide 

Other Additives 

Several other additives have been discussed in previous studies.  Inhibitor A was 

discovered by Goff (2005) to be a potent inhibitor of MEA oxidation in the presence of 

iron and copper, as observed by ammonia production.  Sexton (2008) performed further 

tests on Inhibitor A and found that it completely stopped MEA loss and organic acid 

production in a strenuous oxidation test.  Furthermore, the inhibitor showed no sign of 

weakening over time.  Inhibitor A is a free radical scavenger that is not consumed, but is 

regenerated through some other reaction.  Presumably part of the action of Inhibitor A is 

to either stabilize or heterlolytically decompose peroxides. 

Formaldehyde is expected to inhibit MEA oxidation by scavenging oxygen.  

Neither Chi (2000) nor Goff (2005) found that formaldehyde reduced ammonia 

production from MEA solutions.  Sexton (2008) found that formaldehyde increased 

formic acid production and increased MEA loss from oxidized MEA solutions, although 

the effect was not significant.  Formaldehyde is expected to react rapidly with a primary 

or secondary amine to form an imine, hemialdehyde, or oxazolidine (Bergmann, 1953) 

(Figure 2.17).  This would prevent the amine from reacting with CO2 and would 

effectively reduce the capacity of the solution.  Formaldehyde does not seem to have any 

benefit as an additive to MEA solutions. 
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NH2

OH

 
+ CH2 O  Ą NH

OH
OH  ź N

OHCH2

 

NH2

OH

 
+ CH2 O  Ą NH O

 
+ H2O 

Figure 2.17: Schiff-condensation of MEA with formaldehyde 

Chi (2000) used additions of hydrogen peroxide to study MEA degradation from 

ammonia production rates.  Chi found that one mol of added hydrogen peroxide resulted 

in one mol of ammonia production from MEA solutions.  This observation is consistent 

with the proposal that free-radical initiation and MEA oxidation are controlled by 

homolytic peroxide decomposition. 

Several other inhibitors and stabilizers have been proposed, although evidence of 

their effectiveness is not widely published.  Idem et al. (2009) patented hydroxylamine as 

an oxygen scavenger for reducing degradation of MEA solutions.  Bublitz (2010) claimed 

that a silica-hydroxide liquid and a particular azeotrope of water, ethanol, and sodium 

hydride could inhibit MEA degradation, although details of the test conditions were not 

provided.  Boric acid and sodium borohydride, ethylene oxide, silica and alumina, 

hydrazine, and N-hydroxyiminodiacetic acid have all been proposed as additives, 

stabilizers, purifiers, or inhibitors for amine solutions (Ravichandran and Snead, 1988; 

Thomas, 1959; Moore, 1964; Paslean and Steele, 1987; Okubo and Saotome, 1969; 

Dowd, 1973).  A significant number of additives have been screened in this work, 

including many of the above mentioned, using ammonia production.  None of these 

additives that were tested was able to inhibit MEA oxidation under the absorber 

conditions for CO2 capture--concentrated, aqueous MEA in the presence of CO2, iron, 

and manganese with excess oxygen mass transfer. 
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Conclusions 

Prior to this work, Inhibitor A was believed to be the best inhibitor for completely 

stopping MEA oxidation at low temperature and in the presence of certain metals.  

However, as this work will show, Inhibitor A is completely ineffective at high 

temperatures and has no impact on oxidation in systems with high-temperature cycling.  

Inhibitor A is also substantially less effective at low temperatures in the presence of 

manganese.  Chelating agents HEDP and DTPA (which are very effective at low 

temperatures) show poor performance at high temperatures, as does the sulfur containing 

thiadiazole DMcT and MDEA, a tertiary amine, at high concentration.  At this point no 

combinations of practical additives are known to completely block MEA oxidation in real 

or realistic CO2 capture systems with high-temperature cycling. 

FINAL PRODUCTS OF MEA  OXIDATIO N 

In this section we will discuss the final products of MEA oxidation that have been 

detected in previous work, as well as those proposed from this work.  Identifying and 

quantifying the final products formed from degraded MEA material is important for a 

number of reasons.  Detecting the final product can bolster or weaken the credibility of 

proposed primary oxidation products, most of which have not been observed.  Primary 

products refer to molecular (non-radical) products discussed in the mechanism section, 

including MEA hydroperoxide, ethanolimine, 1-aminoethane-1,2-diol, formaldehyde, 

hydroxyacetaldehyde, and ammonia (Figure 2.18).  Of these, only ammonia and 

formaldehyde have been directly observed. 
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Formaldehyde 2-hydroxyacetaldehyde Ammonia 

Figure 2.18: Primary oxidation products of MEA  

As this work shows, studying the reactions of these primary products can give 

clues to the nature of the final, stable products.  Similarly, when the final product has 

been positively identified it helps validate the existence of the primary products and 

further elucidate the degradation mechanism.  Knowledge of the final oxidation products 

is also essential from a human health and environmental impact perspective.  Products 

must be identified in order to address concerns about accidental emissions and amine 

waste handling.  In addition, product identification is important for operational reasons: 

knowing which degradation products are produced in an MEA solution can help 

operators better plan for reclaiming and corrosion control.  Most of all, it is important to 

know which degradation products are produced since they can potentially be released to 

the environment. 

Thermal degradation products, including polyamines, ureas, and substituted 

imidazolidinones are not discussed in this section because they are outside the scope of 

this work.  In addition, previous work has shown that known thermal degradation 

products were non-existent or scarce in a real system and that oxidation products 

dominate the degradation product profile (Hofmeyer et al., 1956; Strazisar et al., 2003; 

LePaumier et al., 2011a). 
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Low Temperature Studies 

Several studies have undertaken identification of products formed from oxidation 

of MEA at low temperature (30 to 80 °C), which is in the range that an absorber in an 

industrial CO2 capture system operates.  The absorber packing provides ample area for 

mass transfer of oxygen to enter the liquid phase, thus significant oxidation can 

potentially occur.   

Early Work 

Ammonia was the first identified product of MEA oxidation under conditions 

relevant to CO2 capture.  Kindrick et al. (1950) oxidized MEA at 80 °C and measured 

total alkalinity, total primary amine, and total nitrogen, before and after the experiment, 

as well as ammonia evolution.  Kindrick et al. observed that MEA loss and primary 

amine loss during the experiment were both about 45%.  Approximately 20% of total 

nitrogen loss was recovered as ammonia, however this only accounted for 5% of primary 

amine loss, and no other degradation products were identified.  

The goal of early research at the Dow Chemical Company was to determine if 

oxidative degradation products were the cause of corrosion in acid-gas treating plants.  

Hofmeyer et al. (1956) analyzed degraded MEA samples from acid gas treating plants 

that had experienced corrosion.  Products and the infrared spectra of the plant samples 

matched those of the lab samples oxidatively degraded at 75 °C. Products included formic 

acid, a di-functional acid (likely oxalic acid), an aldehyde yielding the glyoxal derivative 

of bis(dinitrophenylhydrazone) (likely glyoxal or 2-hydroxy-acetaldehyde), a ñhigh-

molecular-weight material displaying the characteristics of a Jones polymer,ò as well as 

mono- and di- substituted amides (likely hydroxyethyl substituted formamide and 

oxalamide).  In addition, Hofmeyer noted that 40% of the lost alkalinity was converted to 

ammonia.  Lloyd (Lloyd and Taylor, 1954; Lloyd, 1956) also observed the same Jones 
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polymer in degraded MEA-ethylene glycol solutions. Scheiman (1962) discussed an 

unpublished study by the Jefferson Chemical Company where glycine, glycolic acid, and 

oxalic acid were qualitatively detected in an oxidatively degraded MEA solution.   

Recent Work 

Rooney et al. (1998) degraded MEA at 68 °C in the presence of oxygen and 

analyzed the degraded solutions for organic acids using ion chromatography.  Rooney 

recognized that organic acids can serve as an indicator of the amount of oxidation 

occurring in an amine solution, since they are a relatively stable, final product.  Acetate, 

formate, and glycolate were detected in MEA, which produced more organic acids than 

other amines.  High concentrations of acetate and glycolate reported by Rooney do not 

agree with this work and with other recent work.  In hindsight, Rooney may have mistook 

1-(2-hydroxyethyl)-oxalamide, a monoacid produced in large quantities in MEA 

oxidation, for either glycolate or acetate (Figure 2.19). 

1-(2-hydroxyethyl)-oxalamide NH

O

OH

O

OH

 

Figure 2.19: Structure of 1-(2-hydroxyethyl)-oxalamide 

Goff (2005) and Chi (2000) reported ammonia production from MEA solutions at 

55 °C in the presence of air using gas-phase FTIR; the steady-state ammonia rate was 

used to estimate the MEA degradation rate at various conditions.  Goff also reported 

formaldehyde and acetaldehyde production by gas-phase FTIR, although the levels 

reported were at or below the method detection limit.   

Sexton (Sexton, 2008; Sexton and Rochelle, 2011) used ion chromatography to 

detect formate, oxalate, nitrate, and nitrite in MEA solutions degraded with oxygen at 55 
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°C.  Glycolate and acetate were also found, albeit at much lower concentrations that may 

have been close to the detection limit of the method.  Sexton used a method developed by 

Koike (1987) for detecting N-formyl-diethanolamine in aqueous diethanolamine 

solutions to detect amides (primarily formyl and oxalyl) in MEA solutions.  This method 

involves treating the sample with an equivalent volume of 5 N sodium hydroxide, waiting 

24 hours with the solution at room temperature while amide hydrolysis occurs, and 

analyzing the solution by ion chromatography.  Additional organic acids appearing after 

sodium hydroxide treatment were attributed to the presence of ñtotalò amides in the 

solution.  The presence of N-formyl-ethanolamine was confirmed by HPLC with an 

evaporative light scattering detector.  Sexton was also first to report the presence of 

oxalamides (compounds yielding oxalate upon hydrolysis with sodium hydroxide), 

although no specific products were identified.  Possible amides include the MEA or 

ammonia mono- or di-amides of oxalate. 

In terms of products and material balance, the most novel discovery by Sexton 

was that a large part of the degraded nitrogen reacted to form a previously unknown 

product, 1-(2-hydroxyethyl)-imidazole (HEI), which was confirmed by GCMS and 

LCMS.  Sexton hypothesized that HEI was formed from reaction of glyoxal, 

formaldehyde, and ammonia with MEAða reaction which is known from the literature 

(Arduengo et al., 2001).  This hypothesis was backed up by the fact that experiments with 

high gas flow rates (where ammonia was stripped out) had relatively less HEI.  The 

glyoxal/formaldehyde/ammonia pathway was verified in this work; however, it is 

proposed that HEI could also form from formate, 2-hydroxyacetaldehyde, and ammonia 

reacting with MEA.  These reagents collectively have the same oxidation state as glyoxal, 

formaldehyde and ammonia.  This pathway was not verified due to the cost of procuring 

2-hydroxyacetaldehyde. 
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Sexton (2008) and Goff (2005) reported detecting several minor gas phase 

degradation products by gas-phase FTIR, although they were all near or below the 

detection limit of the instrument.  These products included methane, nitric oxide, nitrous 

oxide, formaldehyde, and acetaldehyde.  Although formaldehyde is very probably a 

product, it is more likely to react with MEA than to enter the gas phase.  Acetaldehyde is 

not a likely product, however it may have been confused with 2-hydroxyacetaldehyde on 

the FTIR.  Further study is required to determine if these products are simply artifacts of 

the FTIR, or genuine oxidation products.  Once such study (Epp et al. 2011) detected 

formaldehyde during MEA oxidation by analyzing the liquid phase using the Hantzsch 

method.  Formaldehyde increased linearly during the experiment.  This is the only known 

study to detect formaldehyde in degraded MEA.   

Sexton and Rochelle (2011) came close to closing the nitrogen material balance 

for degraded MEA. Three products, ammonia, 1-(2-hydroxyethyl)-formamide, and 1-(2-

hydroxyethyl)-imidazole, accounted for most of the nitrogen lost from MEA degradation 

in several experiments (Figure 2.20). 

1-(2-hydroxyethyl)-formamide (HEF) NH
OH

O  

1-(2-hydroxyethyl)-imidazole (HEI) N N OH

 

Figure 2.20: HEF and HEI are the most prevalent liquid-phase oxidation products 

of MEA  

Most recently, Elnan (2012) used LC-MS to quantify products produced from 

MEA oxidation at 55 °C in the presence of 98% oxygen and 2% CO2 at atmospheric 

pressure and in the presence of iron, nickel, and chromium.  Elnan confirmed that HEF 

and HEI were the most abundant degradation products.  2-oxazolidinone (OZD), bis-(2-
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hydroxyethyl)-oxalamide (BHEOX), HEA, N-(2-hydroxyethyl)-glycine (HEG), and 4-(2-

hydroxyethyl)-piperazin-2-one were also detected in lower concentrations.  These 

products were originally identified by Strazisar et al. (2003) in an MEA sample from a 

plant running flue gas from a coal-fired boiler, or (in the case of HEG) by LePaumier et 

al. (2009) in high-temperature MEA oxidationðhowever, this was the first study to 

report their presence in low-temperature oxidation of MEA.  In Chapter 4, alternative 

products are proposed, which are derived directly from the primary oxidation products 

and have the same molecular formula. 

High-Temperature Studies and Pilot Plant Studies 

Several studies have sought to identify degradation products formed from MEA 

solutions at high temperatures contacted with oxygen (typically at high pressure) in batch 

experiments.  The purpose of using high temperature and high pressure oxygen was to 

reduce the time required for significant oxidation to occur.  Furthermore, as this and other 

work has shown, certain reactions involving oxidation products occurring at high 

temperature will influence the overall product profile.  In some ways this helps simulate 

the conditions of an industrial system where the solvent sees high temperatures in the 

stripper.  However, results from high temperature batch experiments are not 

representative of real systems because in real systems the solution is saturated with 

oxygen in the absorber (which operates at low temperature) and heated to high 

temperature in the stripper where little oxygen is present.  Ideally the solution should be 

cycled between an aerobic, low-temperature reactor and an anaerobic high-temperature 

reactor as in real systems.  
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Strazisar et al. (2003) 

Strazisar et al. (2003) conducted the most comprehensive study of MEA 

degradation products to date.  They analyzed degradation products in an MEA solution 

contacted with flue gas from a coal-fired boiler.  The analytical methods employed were 

GC-MS, GC-FTIR, and GC with atomic emission detection (AED).  Nearly all of the 

products identified are obvious oxidation products, whereas only one is produced 

exclusively during anaerobic thermal degradation (1-(2-hydroxyethyl)-imidazolidinone).   

One flaw of this study is that gas chromatography may generate artificial peaks 

formed from reaction of compounds passing through the high-temperature injector and 

the GC column.  Davis (2009) noted that under certain conditions MEA was substantially 

degraded inside the GC.  Of the products identified some are more likely to be real 

degradation products (produced in the process), whereas others were most likely mis-

identified or generated in the GC.  In particular, Strazisar reported 3-hydroxyethylamino-

N-hydroxy-ethyl-propanamide (HEHEPA) and 1-(2-hydroxyethyl)-acetamide (HEA).  

HEHEPA is suspect because it contains a three-carbon chain, a feature that no other 

oxidation products have; it is more likely 1,3-bis(2-hydroxyethyl)imidazolidin-4-ol, a 

compound with the same exact  molecular weight (176.2135).  This product (shown 

below) is the cyclic hemi-aminal made from reaction of formaldehyde and 

hydroxyacetaldehyde with two MEA molecules (Figure 2.21).  HEA is improbable 

because it does not follow with the proposed mechanism and has not been detected using 

sodium hydroxide hydrolysis with ion chromatography.  An alternative to this product is 

1,3-oxazolidin-2-ylmethanol, the amine-aldehyde condensation product formed from 

reaction of 2-hydroxyacetaldehyde with MEA (Figure 2.21).  Both of these products have 

an exact mass of 103.1198. 
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Figure 2.21: Structures of two MEA degradation products proposed by Strazisar et 

al. (2003) and two possible alternative products having the same molecular weight 

hypothetically formed from the reaction of primary degradation products 

Most of the other compounds identified by Strazisar are very probable; some have 

been identified in subsequent studies examining pilot plant samples or oxidized lab 

samples.  However, it is possible that some of these products were nonetheless 

misidentified.  As will be discussed in Chapter 4, amine-aldehyde condensation products 

based on either the imidazolidine or 1,3-oxazolidine structure can be drawn to have the 

same molecular weight as many of the products proposed by Strazisar.  In some ways 

these condensation products are more probable because they can be formed directly from 

the known primary degradation products (2-iminoethanol, formaldehyde, acetaldehyde, 

and ammonia) reacting with MEA without any further oxidation or reaction. 
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Other Studies 

Of the other studies on MEA oxidation products (from pilot plant samples or 

laboratory high-temperature oxidation experiments), the experiments at the Norwegian 

University of Science and Technology by LePaumier et al. (2009) and Martin (2012) are 

the most notable.  LePaumier oxidized 4 M MEA at 140 °C with 2 MPa air (initial) and 

compared the products produced with those detected in samples taken from an MEA pilot 

plant contacting coal flue gas.  The only new degradation product detected in this work 

was N-(2-hydroxyethyl)-glycine.  Detection of this product is very important because it is 

a secondary amine which can react with nitrite to form a nitrosamine. 

Several of the products reported by Strazisar were detected by GC-MS and 

quantified by LC-MS, indicating that they are not artifacts of the GC.  However, this does 

not rule out the possibility that the products were misidentified and are actually 

imidazolidine/oxazolidine derivatives, even in the case where standards were used for 

verification.  Because the products have the same size and number of polar groups, they 

could have similar retention times on both the GC-MS and LC-MS. 

Several studies at the University of Regina identified MEA degradation products 

produced by degrading 5 M MEA at 120 °C with 250 kPa oxygen (initial) (Supap, 2006; 

Lawal, 2005b).  Products were identified by matching the electron ionization (EI) 

spectrum to a library spectrum, or in some cases by comparing the spectrum and 

residence time to a standard.  The library method of identification is flawed not in the 

least because many known MEA oxidation products (for instance, HEF and HEI) are not 

present in any EI spectrum libraries.  Furthermore, many of the spectra used to identify 

unknown compounds had a match confidence below 50%.  Nonetheless, Supap (2006) 

probably correctly identified imidazole as a new oxidation product of MEA.  All of the 
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other new products identified are suspect and are the result of a library mis-match or were 

generated from high temperatures in the GC. 

The most likely oxidative degradation products, which have been identified in 

oxidized MEA solutions (either in the lab or in pilot plants), are tabulated in Table 2.2. 

Table 2.2: Summary of known oxidation products of MEA 

Name CAS MW Structure 

Ammonia 7664-41-7 17 NH3 

Formaldehyde 50-00-0 30 CH2 O
 

Formic acid 64-18-6 46 

O

OH  

Nitrous acid 7782-77-6 47 
N OH

O

 

Ethylene glycol 107-21-1 62 OH
OH

 

Nitric acid 7697-37-2 66 N
+

OH

O

O
-

 

Imidazole 288-32-4 68 N NH

 

Glycine 56-40-6 75 NH2

OH

O  

2-oxazolidone 497-25-6 87 
O NH

O

 
1-(2-hydroxyethyl)-

formamide (HEF) 
693-06-1 89 ONH

OH  
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Table 2.2 (cont.): Summary of known oxidation products of MEA 

Oxalic acid 144-62-7 90 

O

OH

O

OH

 

1-(2-hydroxyethyl)-

imidazole (HEI) 
1615-14-1 112 N N OH

 

1-(2-hydroxyethyl)-

glycine (HEG) 
5839-28-5 119 NH

OH

O

OH

 

Acetic acid, 2-[(2-

hydroxyethyl)amino]

-2-oxo- (HEO) 

5270-73-5 133 

OH O

NHO
OH

 

1-(2-

hydroxyethyl)pipera

zin-2-one (1-HEPO) 

23936-04-1 144 
N

NH
O

OH  

4-(2-

hydroxyethyl)pipera

zin-2-one (4-HEPO) 

23936-04-1 144 

N

NH

OH

O

 
N-(2-hydroxyethyl)-

2-[(2-hydroxyethyl) 

amino] acetamide 

(HEHEAA) 

144236-39-5 163 NH
NH

OH
OH

O  

Pathways to final products 

The proposed pathways for producing all of the final products of MEA oxidation 

above are relatively simple.  Given that one- and two-carbon aldehydes are produced via 

the mechanism proposed previously, pathways to the final products are relatively 

straightforward.  Pathways for (alternative) proposed amine-aldehyde condensation 

products are generally simpler and only involve reaction of the primary products.  These 

are discussed in Chapter 4 
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Amides are formed from Schiff-condensation of ammonia or MEA with an 

aldehyde to form an imine or hemi-aldehyde, followed by in-place oxidation to form the 

amide (Figure 2.22). 

NH2

OH

 + CH2

O

 
Ą NH

OH
OH  ăĄ 

N
OHCH2

 

+   H2O 

 + O2 ĄĄ 
NH

OH
OH

O
OH

 

Ą NH
OH

O  

 + H2O Ą  + 
CH3

O

OH  

Figure 2.22: Proposed pathway for production of HEF and formic acid in oxidized 

MEA  

Alternatively, amides can form from reaction of MEA or ammonia with an 

organic acid, which is formed from direct oxidation of the aldehyde.  However, 

experimental evidence presented in this work indicates that the amide is the primary 

product, which forms as described by the first pathway and then hydrolyzes to form the 

acid.   

Imidazole and HEI are formed from condensation of two imines (each formed 

from one aldehyde and one MEA or ammonia) to form the five membered ring.  For 

example, HEI is formed from reaction of ammonia, MEA, formaldehyde, and glyoxal 

(Figure 2.23).   

HEHEAA formed from reaction of glyoxal with two MEA molecules.  The two 

piperazinone ring compounds are formed from internal nucleophilic substitution of 

HEHEAA.  HEG is formed from hydrolysis of the amide bond in HEHEAA.  Glycine is 

NH
OH

OH

NH
OH

O NH2

OH
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formed from direct oxidation of the alpha carbon to the hydroxyl group of MEA (rather 

than the carbon alpha to the amino group, which forms ammonia). 

 
+ 

 
Ą 

 
ăĄ 

 

+   H2O 

NH3 + O
O
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NH2

O

OH

 

+ NH
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+ 

 
Ą N N OH
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Figure 2.23: Pathway showing production of HEI from MEA, ammonia, glyoxal, 

and formaldehyde 

Nitrosamine Formation 

Special attention is given to the formation of nitrosamines in MEA and other 

amine solutions for CO2 capture due to recent environmental and human health concerns.  

Nitrosamines are a pernicious class of substances that are often carcinogenic, mutagenic, 

and teratogenic (Douglass et al., 1978).  Nitrosamines in CO2 capture plants are most 

likely to form from reaction of nitrite in solution with a secondary amine catalyzed by 

carbon dioxide.  The source of nitrite can be NO2Å in flue gas, or from oxidative 

degradation of the amine.  In MEA and other primary amine solutions, the source of 

secondary amines is the degradation products, the most probable of which are shown in 

Table 2.3.  Although 1,3-oxazolidine and 1,3-oxazolidin-2-yl-methanol have not been 

reported, they are formed from the condensation of MEA with formaldehyde and 2-

hydroxyacetaldehyde, respectively, and are highly likely to be present in degraded MEA. 
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Table 2.3: Potential secondary amine degradation products in MEA 

Compound Name (CAS No.) Structure 

1,3-oxazolidine (504-76-7) NH O

 

1,3-oxazolidin-2-yl-methanol () 
N
H

O OH 

1-(2-hydroxyethyl)-glycine (5839-28-5) NH
OH

O

OH

 

1-(2-hydroxyethyl)-piperazinone (23936-

04-1) N

NH
O

OH  

N-(2-hydroxyethyl)-2-[(2-hydroxyethyl) 

amino] acetamide (144236-39-5) 
NH

NH
OH

OH

O  

1-(2-hydroxyethyl)-ethylenediamine (111-

41-1) NH2

NH
OH 

2-morpholinone (4441-15-0) 
ONH

O

 

2-piperazinone (5625-67-2) 
NHNH

O

 

Piperazine (110-85-0) NHNH
 

Morpholine (110-91-8) ONH
 

Diethanolamine (111-42-2) NH
OHOH  

Using a total nitrosamine method, Strazisar et al. (2003) detected 3 mM of ñtotal 

nitrosamineò in an MEA solution used with coal-fired flue gas, although no individual 

nitrosamines were identified.  N-nitroso-diethanolamine (NDELA) has been reported in 
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an experiment where MEA was contacted with gas containing NO2, although it is far 

from the most likely nitrosamine in MEA.  A list of potential secondary amine 

degradation products is shown in Table 2.3.  This work shows that nitrite is consumed 

quickly upon heating an MEA solution, and that certain nitrosamines will be formed if 

sufficient secondary amine is present.  In the absence of sufficient levels of secondary 

amines the fate of the nitrite is unknown; one possibility is that it reacts with MEA to 

form a primary nitrosamine, which decomposes to yield molecular nitrogen (Ridd, 1961). 

Conclusions 

Product identification in this and previous work has focused on two goals: 

identification of hazardous components in the solution and closing the material balance.  

The major products of MEA oxidation have been identified, although quantification is 

difficult due to lack of available standards and complex analytical methods.  

Identification of hazardous (minor) components is a more recent concern, and much work 

remains to be done in this area.   

RATES OF AMINE DEGRADATION  

MEA and other amines have been oxidized in numerous experiments that mimic 

conditions in a CO2 capture system.  Unfortunately these studies are often difficult to 

compare because they used different temperatures, oxygen concentration, MEA 

concentration, metals concentrations, and CO2 loadings.  To complicate matters, the rate 

of MEA oxidation under many conditions is influenced by oxygen mass transfer, which 

varies widely between different experimental apparatuses.  One trend has become clear: 

MEA is prone to substantial oxidative degradation under the conditions found in 

absorbers in CO2 capture processes: low temperatures in the presence of oxygen, 

dissolved metals, and CO2.  Many other primary and secondary amines are also 
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susceptible to oxidation under absorber conditions, although few are as susceptible as 

MEA. 

Oxidation Rates of MEA 

Several studies beginning in 1950 have reported rates of MEA oxidation 

pertaining to CO2 capture systems.  Although some conditions, such as MEA 

concentration, temperature and oxygen concentration in the gas can be normalized away, 

others such as CO2 concentration, oxygen concentration in the liquid (oxygen mass 

transfer) and metals concentration were not determined or not reported.  In particular, 

oxidation is very sensitive to the presence of CO2 at absorber conditions. Based on this 

work, MEA does not degrade at low temperatures (under 70 °C) in the absence of CO2, 

and is relatively slow at low temperatures with CO2 but in absence of metals. 

Summary of Conditions and Findings 

Kindrick et al. (1950) oxidized 2.5 M MEA with 50 % oxygen and 50 % CO2 at 

atmospheric pressure and 80 °C for seven days.  Metal ions were introduced to the 

solution via a low-carbon steel coil submerged in the solution.  The average rate of 

degradation over this time period was evaluated by alkalinity loss, primary amine loss, 

total nitrogen loss, and ammonia production.  Alkalinity loss rate and primary amine loss 

rate were in agreement at 6.5 ï 7.5 mM/hr.  However, total nitrogen loss was 

significantly lower at 1.7 mM/hr as was NH3 production at 0.4 mM/hr.  In all likelihood, 

the low gas rate allowed much of the ammonia produced to stay in the solution and react 

to form HEI. 

Hofmeyer et al. (1956) oxidized 3.27 M MEA at 75 °C with pure oxygen.  The 

rate of alkalinity loss was 37 mM/hr, compared with only 4.7 mM/hr ammonia 

production.  The gas rate was not specified (the authors describe a trickle of oxygen 
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entering the system), however it is likely that ammonia production in this apparatus was 

oxygen mass-transfer limited. 

Johnson et al. (1960) oxidized 4 M MEA with 1% CO2 in air in the presence of 6 

ppm of iron at a higher gas rate of 500 mL/min over 26 to 55 °C.  The effect of a number 

of variables, including MEA concentration, gas rate, and temperature, on the rate of 

alkalinity loss and ammonia production, were investigated.  This is the only study 

showing the effect of temperature on oxidation under realistic conditions.  The Arrhenius 

plot of data from this study suggests that ammonia production is increasingly controlled 

by mass transfer (rather than oxidation kinetics) at higher temperatures (Figure 2.24).  

Calculated from NH3 production using the three lowest temperatures, the activation 

energy is 100 kJ/mol. Ammonia production rates ranged from 0.1 to 1.3 mM/hr, whereas 

alkalinity loss rates range from 1.9 to 6.0 mM/hr.  Thus, ammonia accounted for 5 ï 15% 

of the lost alkalinity. 

Blachly and Ravner (1964) oxidized 4 M MEA with air containing 1% CO2 at a 

rate of 100 mL/min of gas for a 100 mL solution at 55 °C.  Ammonia production rates 

and concentrations of non-basic nitrogen were reported. In the absence of any added 

dissolved metal ions, the ammonia production rate was 0.14 mM/hr compared with a rate 

of 0.69 mM/hr for generation of non-basic nitrogen (for a total rate of 0.83 mM/hr) .  

Thus ammonia production accounted for 17% of the nitrogen from lost MEA.  In the 

presence of 30 ppm Fe, the ammonia rate was about double at 0.27 mM; non-basic 

nitrogen production was not reported. 
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Figure 2.24: Arrhenius plot showing average ammonia production (diamonds), 

average alkalinity loss rate (triangles), and activation energy based on ammonia 

production (blue line) in 4 M MEA with 1% CO 2 in air at 500 mL/min and 6ppm Fe 

(adapted from Johnson et al., 1960) 

Rooney et al. (1998) oxidized 3.27 M MEA with 0.25 CO2 loading at 68 °C by 

bubbling air at 5.5 mL/min into 935g of solution. Formate and other heat stable salt 

concentrations in the final sample were determined using ion chromatography.  The rate 

of oxidation of MEA was estimated from this data using a conversion factor of 0.04 mols 

of formate produced per mol of MEA degraded.  The estimated rate of MEA loss was 

higher in the absence of CO2 at 4.0 mM/hr, compared with 2.4 mM/hr in the presence of 

CO2.   

Chi (2000) oxidized 4.9 M MEA with air containing trace CO2 at 55 °C using a 

gas rate of 5 L/min for 500 mL of solution.  This was a significantly shorter gas residence 

time than any previous work allowing for better mass transfer.  In the presence of iron, 
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the ammonia production rate from the solution (measured by hot-gas FTIR) was 0.4 to 

2.0 mM/hr. 

Goff (2005) and Sexton (2008) used a similar apparatus as Chi (2000), with the 

exception that air containing 0.5 ï 2% CO2 was used as the oxidizing gas and that MEA 

concentration was therefore lower (4.75 ï 4.51 M). Goff found that in the presence of 

iron, the ammonia production rate was up to 31% higher when the solution was 

vigorously agitated (1.9±0.2  mM/hr with agitation compared to 1.6±0.1 mM/hr without), 

although reproducibility of ammonia rates was poor even for repeat measurements using 

the same solution on the same day.  Oxygen mass transfer was proposed as the 

explanation for this behavior although the effect, particularly in the absence of copper, 

was not significant.  Goff also found that oxidation rates were more than four times faster 

in the presence of copper and iron than with iron alone (8.3 mM/hr compared with 1.9 

mM/hr).  Lastly, Goff observed that ammonia production was a complex function of CO2 

loading, and proposed that in CO2 loaded solutions the MEA oxidation rate was 

proportional to the ñfreeò (unprotonated or carbamated) MEA concentration. 

Sexton (2008) modified the apparatus to allow longer experiment times.  This 

allowed for the comparison of MEA loss (measured by cation chromatography) with 

ammonia production.  Ammonia production accounted for 25 ï 55% of the degraded 

MEA in several experiments.  Sexton also studied oxidation of 4.51 M MEA in a separate 

apparatus at 55 °C with oxygen instead of air, using a low gas rate of 100 mL/min, and 

with vigorous agitation to maximize oxygen mass transfer.  Rates of oxidation were the 

highest of any previously reported: at 55 °C the oxidation rate was 45 mM/hr in the 

presence of iron and copper or 12 mM/hr in the presence of iron only.  Comparing results 

from the low gas and high gas apparatuses, Sexton concluded that higher gas residence 

times (lower gas rates) altered the ammonia stoichiometry by allowing ammonia to react 
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and form nitrogen containing byproducts (including HEI, formamide, nitrate and nitrite) 

instead of stripping it from the solution. 

Elnan (2012) also oxidized 7 m MEA at 55 °C with 2% CO2 in 98% oxygen in the 

presence of transition metals iron (0.4 mM), nickel (0.1 mM) and chromium (0.05 mM).  

The difference between this and the work of Sexton is that mass transfer was provided by 

bubbling and a magnetic stirrer and the gas rate was 10 mL/min.   

Supap (Supap, 1999; Supap et al. 2001) conducted a thorough study of kinetics of 

oxidation of 2 ï 11 M MEA in a pressurized batch reactor at elevated temperatures (120 ï 

170 C) with 3.45 bar oxygen. Oxidation rates ranged from 7 ï 430 mM/hr.  Though 

comprehensive, these results bear little relevance to the study of MEA oxidation in a CO2 

capture system for five reasons.  First, no CO2 was present in the solution or in the gas.  

Second, the conditions used in this experiment, in which MEA is in contact with high 

oxygen partial pressures at high temperature do not exist anywhere in a CO2 capture 

system (they are a convolution of absorber and stripper conditions).  Third, no dissolved 

metals were added to the solution and the amount of metal (from corrosion, or starting in 

the solution as sourced) is unknown.  Fourth, given the high temperature of the 

experiment, the oxidation rate is likely mass transfer controlled.  Fifth, the oxygen partial 

pressure in the gas-phase is unknown after the start of the experiment due to consumption 

of oxygen and production, ammonia, CO2 and other gas-phase products. 

Another similar study--also carried out in a high-temperature, pressurized, batch 

reactor--suffers from these same shortcomings. LePaumier et al. (2009) and Martin 

(2012) oxidized 4 M MEA at 140 °C with 3.56 bar oxygen and reported an oxidation rate 

of 9.7 mM/hr.  A summary of studies on oxidation of MEA for CO2 capture is shown in 

Table 2.4 and Table 2.5. 
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Table 2.4: Summary of studies on oxidation of MEA for CO2 capture 

Ref. No. Reference Oxygen Mass Transfer Analysis 

1 Kindrick et 

al. (1950) 

100 mL liquid with fritted 

glass 50% O2 sparging at 100 

mL/min 

Total alkalinity loss, primary 

amine loss,  nitrogen loss,  

ammonia production 

2 Hofmeyer et 

al. (1956) 

Oxygen fed to reactor at 15 

mL/min 

Total alkalinity loss, 

ammonia production, oxygen 

consumption 

3 Johnson et al. 

(1960) 

100 mL liquid with air 

sparging at 500 mL/min 

Total alkalinity loss, 

ammonia production 

4 Blachly and 

Ravner 

(1964) 

100 mL/min air Ammonia production, 

peroxide production 

5 Rooney et al. 

(1998) 

1 L liquid, CO2-free air 

bubbled at 5.5 mL/min 

Formate production by anion 

chromatography 

6 Chi (2001) 350 mL liquid sparged at 5 

L/min with air 

Ammonia production by hot-

gas FTIR 

7 Goff (2005) 350-500 mL liquid sparged 

at 7 L/min with air 

Ammonia production by hot-

gas FTIR 

8 Supap (1999) 3.45 bar oxygen initially in a 

300 mL pressure vessel 

MEA loss by gas 

chromatography 

9 Sexton 

(2008) 

350 mL liquid agitated with 

4-bladed stir-rod at 1400 

RPM with oxygen in 

headspace 

MEA loss by ion 

chromatography, ammonia 

production by hot-gas FTIR 

10 Lepaumier et 

al. (2009) 

3.56 bar O2 initially in a 

pressure vessel, agitation at 

250 RPM 

MEA loss by gas 

chromatography 

11 Elnan (2012) 150 mL liquid bubbled with 

10 mL/min oxygen, magnetic 

stir bar at 500 RPM 

MEA loss by titration 
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Table 2.5: Summary of experimental conditions in MEA oxidation studies for CO2 

capture 

Ref. MEA 

(M) 

Oxygen 

(bar) 

T (°C) Metals 

(mM) 

CO2 (% 

in gas) 

Rates (mmol/L/hr) 

1 2.5 ï 

3.0 

0.5 80 0.5 ï 1.0 

Fe 

50 6.8 ï 7.5
1
, 6.5 ï 6.7

2
, 

1.7 ï 3.3
3
, 0.4

4
 

2 3.27 1.0 75 ?? ?? 37
1
, 4.7

4
 

3 4.0 0.21 26-55 0.1 Fe 1 1.9 ï 5.0
1
, 0.1 ï 1.2

4 

4 4.0 0.21 55 ï 1 0.14
4
, 0.69

5 

5 2.46 1.0 68 ï ï 2.4
6
, 4.0

6 

6 4.9 0.21 55 0.1 ï 1.0 

Fe 

0.04 1.0 ï 1.6
7
 

7 4.75 ï 

4.51 

0.21 55 0.14 Fe; 

4.1 Cu 

0.04 ï 2 1.29 ï 8.33
7
 

8 2 ï 11 3.45 120 ï 170 ï ï 7 ï 430
8 

9 4.51 0.98 55 0.1 ï 1.0 

Fe, 5 Cu 

2 12 ï 45
9 

10 4.0 3.56 140 ï ï 9.7
8 

11 4.51 0.98 55 0.4 Fe, 0.1 

Ni, 0.05 Cr 

2 
 

1
Alkalinity loss (titration) 

2
Primary amine loss (Van Slyke) 

3
Total nitrogen loss (Kjedahl) 

4
Ammonia production (chemical reaction) 

5
Generation of non-basic nitrogen products (method not reported) 

6
Estimated from formate concentration 

7
Ammonia production (hot-gas FTIR) 

8
MEA loss (gas chromatography

 

9
MEA loss (cation chromatography) 
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Discussion and Analysis of Results 

Reported oxidation rates vary over a wide range and cannot easily be reconciled 

by taking into account the conditions used.  For example, although MEA concentration, 

oxygen concentration, and temperature may be accounted for by making some 

assumptions about the rate law and activation energy, it has been shown in this and other 

recent work that at low temperatures (40 ï 70 °C) MEA does not oxidize at all in the 

absence of CO2.  Furthermore, the reaction rate is strongly influenced by the presence of 

certain dissolved metal ions (namely Fe, Cu, and Mn) and the rate of oxygen mass 

transfer.  As an example, Elnan (2012) used nearly identical conditions to Sexton (2008) 

and this work, yet the degradation rate for Elnan is low by more than a factor of three 

compared with this work and Sexton.  The difference is attributed to high oxygen mass 

transfer in the apparatus used by Sexton (the solution was stirred at 500 RPM rather than 

at 1400 RPM). 

Virtually all of the previous work failed to adequately replicate the conditions for 

MEA oxidation in the absorber of a CO2 capture system either by neglecting to include 

CO2 and dissolved metal ions (Fe and Mn are expected from corrosion of stainless steel), 

or by providing insufficient oxygen mass transfer (which is important in the absorber 

packing) to determine pure reaction kinetics. 
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Figure 2.25: Previously reported rates of oxidation of MEA as a function of 

temperature normalized for oxygen and MEA concentration assuming first-order 

dependence. Lines show expected rates based on this work.  

 Johnson et al., 1960  Blachly & Ravner, 1964 Ǐ Sexton, 2008 

ƺ Goff, 2005  Chi, 2001 + Rooney, 1998 

 Hofmeyer, 1954  Kindrick et al., 1950  Supap, 1999 

ï LePaumier, 2011   

In Figure 2.25, reconciliation of previous work is attempted by assuming that the 

rate equation is of the form shown in Equation 2.1, with first-order dependence on MEA 

and oxygen concentration.  The rate constant (k) is assumed to be a function of the 

concentration of certain dissolved metal ions and temperature, where the activation 

energy also depends on which metal-ions are present.  This rate expression is supported 

by observations by Goff (2005) and by those reported in this work, discussed in Chapter 

4. 
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Using this expression, previously reported oxidation rates are shown on the 

Arrhenius plot (Figure 2.25) by normalizing for oxygen partial pressure and amine 

concentration.  Several conclusions can be drawn from this plot. First of all, it is clear 

that the high-temperature, high-pressure experiments (Supap, 1999; LePaumier et al. 

2009), neither of which contained CO2 or dissolved metals, had unexpectedly low rate 

constants.  This is either because the oxygen concentration was lower than expected (i.e. 

they were mass-transfer controlled), or because the rate constant in the absence of CO2 is 

much lower.  In this work, only one experiment was conducted in the absence of CO2; in 

that experiment (at 70 °C) no degradation occurred, indicating very high sensitivity to 

trace amounts of CO2. 

Second, it is clear that experiments conducted in the presence of CO2 (references 

1, 3, 4, 7, 9, and 11 from Table 2.5) had higher oxidation rate constants than those in the 

absence of CO2 or with only the CO2 in air present (references 5, 6, 8, and 10).  This is 

likely attributed to increased metal solubility as a result of two possible factors: the effect 

of CO2 as an acid in reducing the pH of MEA solutions, or the effect of CO2 acting as a 

ligand to complex metal ions.  Either effect would have the result of increasing metal 

solubility in the solution, and in the second case, also potentially making the metal ion a 

more active catalyst.  Even experiments where no metal was intentionally added would 

likely contain trace amounts in the MEA or from metal surfaces in the experimental 

apparatus. 

Third, there is significant scatter between experiments that contain metals and 

CO2. This is attributed primarily to the fact that different metal ions are more or less 

potent catalysts. Both Goff (2005) and Sexton (2008) observed roughly four times greater 

rates of oxidation in the presence of iron and copper than iron alone.  In this work, 

manganese at sub-ppm concentrations with iron increased oxidation by a factor of two 
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over iron alone.  Thus, manganese contamination from stainless steel in experiments 

where only iron was added could contribute to experimental error.  MEA degradation is 

observed to be especially sensitive to metals probably due to the formation of the five-

membered ring chelate discussed previously.  A second factor is that oxygen 

consumption in MEA solutions is sufficiently fast that poor oxygen mass transfer could 

lead to lower rates of oxidation in some apparatuses. This was likely a factor in 

references 1, 5, and 11 that used very low gas rates with little or no agitation of the liquid 

at moderate temperatures.  Finally, the rate of reaction is sufficiently slow under some 

conditions (especially low temperature and low oxygen concentration) that changes in 

MEA concentration are small.  This, combined with inevitable difficulties in precisely 

controlling the water balance in semi-batch experiments, can contribute significant scatter 

to the data (as in references 3 and 9). 

Because of the myriad experimental variables, which must be controlled in order 

to properly represent MEA oxidation in CO2 capture systems, all of the previous work 

taken together is still insufficient to produce a complete picture of the rate of MEA 

oxidation in real systems.  This work provides significant new insight into the rates of 

MEA oxidation under relevant conditions to CO2 capture, and evidence into the reasons 

for observations of various rates in previous work. 

Oxidation of Other Amines 

This section is used to provide some context for MEA oxidation in relation to 

other amines.  Oxidation of MEA has been widely studied relative to other potential 

amines for CO2 capture, in part, because it is the standard amine and, in part, because it 

has a strong propensity to oxidize.  This section is not intended to be a comprehensive 

review of oxidation chemistry of other amines; it is simply included to provide insight 
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into general modes of amine oxidation in CO2 capture systems by reviewing previous 

screening work.  This section will focus on studies where screening was used to oxidize 

different amine solutions in the same way and draw conclusions regarding why some 

amines are more stable than others. 

Screening Work 

Kindrick et al. (1950) screened thirty-nine amines for oxidative stability. The test 

was conducted at 80 °C with 50% oxygen and 50% CO2; metals were introduced into the 

solution via a metal coil placed in the reactor.  Among those amines tested, several trends 

emerged.  2-methyl-2-amino-propylamine (AMP) was stable to oxidation, probably 

because it has no hydrogen on the alpha carbon to the nitrogen.  This suggests that amine-

containing free radical species are produced from abstraction of the alpha hydrogen.  

Steric hindrance by the methyl groups, which restricts formation of the five-member ring 

metal chelate discussed previously, may also increase the oxidative stability of AMP.  

This may partially explain the stability of isobutanolamine and alpha-alanine.  All tertiary 

amines tested were observed to be stable to oxidation, and indeed were able to protect 

primary and secondary amines from oxidation.  This effect is attributed to the fact that 

tertiary amines heterolytically decompose organic hydroperoxides that initiate oxidation, 

sacrificing themselves in the process to form amine-oxides. Two other amines, 

aminoethyl-morpholine and potassium salt of alpha alanine were stable to oxidation.  It is 

likely that the ring structure of morpholine increases oxidative stability.  The potassium 

salt of alpha-alanine has a high ionic strength, which reduces oxygen solubility.  In 

addition, this molecule is more stable than MEA because it has one fewer alpha 

hydrogens, which can be abstracted to form a free-radical.  Structures of amines resistant 

to oxidation by Kindrick are shown in Figure 2.26. 
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Figure 2.26: Oxidative stable amines from Kindrick et al. (1950). Conditions: 80 °C, 

50% oxygen, 50% CO2, with carbon steel for seven days. 

LePaumier et al. (2009) screened 12 different amines for oxidative stability at 140 

°C with 3.56 bar O2 initially.  The results are problematic because of the absence of CO2 

and dissolved metals, and conditions which do not represent real systems and are likely 

oxygen mass transfer controlled.  However, the conclusion of this work generally agreed 

with Kindrick et al. (1950): AMP was the most stable to oxidation; tertiary amines tested 

were more stable than the primary and secondary amines. 

Martin et al. (2012) used a similar method of degradation to LePaumier but in the 

presence of CO2.  Amines were degraded at 140 °C for 14 days with 0.25 bar O2 and 375 

bar CO2; total amine loss was measured at the end of the experiment.  This work suffers 

from some of the same drawbacks as that by LePaumier: that oxidation at these 

conditions is mass transfer controlled and not representative of absorber conditions.  

However, the results are also roughly consistent with other work and the relative stability 

of amines tested may therefore be meaningful. Cyclic amines (morpholine and its 

derivatives, pyridine, imidazole, and benzylamine) were stable to oxidation, as were 

several tertiary amines.  One primary amine 1,2-bis-(2-aminoethoxy)-ethane was also 

found to be stable to oxidation.  Some of these amines could be good candidates for 

further testing. 
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MEA Analogues 

Sexton (2008), Closmann (2011), and Zhou et al. (2010) all studied oxidation of 

several different MEA analogues, in the same apparatus used in this work, at 55 °C with 

oxygen and CO2 and in the presence of iron and other dissolved metals.  Sexton found 

that DEA degraded at about the same rate as MEA, whereas 2-aminoethoxy-ethanol 

(trade name diglycolamine, or DGA®) and AMP were stable to oxidation.  Closmann 

found that N-methyl-aminoethanol (MAE) and DEA were susceptible to oxidation, 

whereas MDEA (a tertiary amine) was not.  These findings were similar to those by 

Kindrick et al., who reported high rates of oxidation for DEA and MAE, although DGA® 

was also significantly oxidized at 80 °C.  This work has found that DGA® is more stable 

than MEA at 55 °C, but degrades at a comparable rate to MEA at 70 °C.   

Zhou (2010) found that diamines ethylenediamine (EDA) and 1,2-

diaminopropane (DAP) were susceptible to oxidation; this work shows that the same is 

true of another diamine, 1,3-propane-diamine (MAPA).  Epp (2010) detected oxidation of 

potassium glycinate, albeit at a rate of about one-half to one-fourth that of MEA, by 

observing oxygen consumption, ammonia production, and formaldehyde production.  

Martin (2012) observed that potassium glycine was extensively degraded at 140 °C in the 

presence of oxygen, although losses may have been from amide polymerization at high 

temperature rather than oxidation. 

Based on these previous studies and this work, it appears that many straight-chain 

primary and secondary amines and amino acids, especially many of those with two 

carbon atoms between nucleophilic groups are susceptible to oxidation. The exceptions to 

this are 1,2-bis-(2-aminoethoxy)-ethane, AMP and isobutanol-2-amine (IBA).  In the case 

of AMP, the resistance to oxidation can be due to the steric hindrance between 

nucleophilic groups, which prevents formation of a five-membered metal chelate.  
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Diamines containing both a primary and tertiary amine are also expected to show 

resistance to oxidation, compared with primary mono-amines due to the inhibiting effect 

of tertiary amines (Figure 2.27). 

NH2

[N,O]

     =     NH
[N,O]R

     >>     

N
[N,O]R

R  

Figure 2.27: Relative stability of primary - and secondary-amine MEA analogues 

Piperazine Derivatives 

Piperazine is relatively stable to oxidation compared to many primary, secondary, 

and even tertiary straight-chain amines (Freeman, 2011).  In fact, piperazine and its 

derivatives may be some of the most degradation resistant amines considered for CO2 

capture due to its resistance to both oxidative and thermal degradation.  Piperazine, 2-

methyl-piperazine, 1-methyl-piperazine, and aminoethyl-piperazine all show good 

resistance to oxidation at low temperatures.  The stability of these molecules is likely the 

result of the six-membered ring.  This bodes well for other proposed amines for CO2 

capture, including aminoethyl piperazine, 1,4-dimethylpiperazine, 2,5-

dimethylpiperazine, as well as morpholine derivatives and piperadine derivatives. 

Conclusions 

Although MEA is prone to oxidation, it is not unique in this regard.  At this point 

it is not possible to determine whether an amine will oxidize simply by studying its 

structure.  Some structures, including tertiary amines, rings, and those with no alpha 

hydrogen or steric hindrance, are more likely to resist oxidation.  Several straight chain 

amines studied in this work with at least three carbons between nucleophilic groups also 

showed some resistance to oxidation.  However, even molecules that are relatively 

resistant to oxidation at low-temperature may degrade in real systems with cycling to 
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high temperatures.  A summary of amines susceptible and resistant to oxidative 

degradation is shown in Tables 2.6 and 2.7, respectively.  Further details of amine 

screening tests for oxidation at low temperature carried out in this work are provided in 

Appendix A. 

Table 2.6: Summary of amines susceptible to oxidation at absorber conditions 

Oxidizes Structure Reference 

Monoethanolamine
 OH

NH2  
Kindrick et al. (1950) 

Ethylendiamine NH2
NH2  

Zhou (2010) 

1,2-diamino-propane
 

NH2
CH3

NH2

 

Zhou (2010) 

Bis-aminoethyl-ether
 

NH2

O
NH2 

This work 

Diethanolamine
 

OH
NH

OH 
Sexton (2008) 

Closmann (2011) 

Methyl-aminoethanol
 OH

NH
CH3

 
Closmann (2011), 

Lepaumier et al. 

(2011b) 

2-ethoxy-aminoethyl-ether
 

NH2

O
OH 

This work 

3-methylamino-1-

propylamine
 

NH
CH3

NH2

 

This work 

1-amino-2-propanol 

CH3

NH2 OH

 

This work 

 



 70 

 

Table 2.6 (cont.): Summary of amines susceptible to oxidation at absorber 

conditions 

aminoethyl-piperazine 
NH N

NH2 

This work 

Potassium taurinate
 

S
NH2 O

O
OH

 

This work 

Potasssium sarcosinate
 

NH

OH

CH3O  

This work 

Potassium glycinate
 

NH2

OH

O  

This work, Martin 

(2012) 

Table 2.7: Summary of amines resistant to oxidation 

Resists Oxidation Structure Reference 

All tertiary amines
 

N R

R

R  

Kindrick et al. 

(1950) 

Piperazine
 NHNH

 

Freeman (2011) 

1-methyl-piperazine
 NHNCH3

 

This work 

2-methyl-piperazine
 

NHNH

CH3

 

This work 
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2-piperadine-ethanol 
N
H

OH 

This work 

Aminoethyl morpholine
 NO

NH2 

Kindrick et al. 

(1950) 

Morpholine NHO

 

Martin (2012) 

4-methyl-morpholine NO CH3

 

Martin (2012) 

Potassium prolinate 

N
H

OH

O

 

This work 

Pyridine 

N

 

Martin (2012) 

2-phenylethylamine 

NH2 

Martin (2012) 

imidazole N NH

 

Martin (2012) 

2-amino-2-methyl-1-

propanol
 

NH2

OH
CH3

CH3

 

Kindrick et al. 

(1950), Sexton 

(2008) 

3-amino-2-methyl-2-

propanol
 

OH

NH2

CH3

CH3

 

Kindrick et al. 

(1950) 
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3-amino-propanol
 

OH NH2 This work 

Potassium ɓ-alaninate
 

OH

O

NH2  

This work 

Potassium Ŭ-alaninate 

NH2

OHCH3

O

 

Kindrick et al. 

(1950) 

1,2-bis-(2-aminoethoxy)-

ethane NH2

O
O

NH2

 
Martin (2012) 

Hexane diamine NH2

NH2

 
This work 

Butane diamine NH2

NH2

 
This work 

APPLICATIONS TO REAL  SYSTEMS 

Lab-scale oxidation experiments are ideally designed to mimic certain parts of a 

full -scale system in order to provide insight into amine degradation in a specific part of 

the system. This allows for better control of dependent variables and aids data 

interpretation.  Data from an MEA pilot-plant campaign shows that degradation products 

resemble those produced in lab experiments in the presence of oxygen (LePaumier, 

2011a).  This suggests that oxidation is one of the dominant mechanisms of amine 

degradation in a real system and validates the need for greater understanding of this 

mechanism.  Nonetheless, lab-scale experiments can lead to systematic oversight where 

degradation rates, products, catalysts, and inhibitors differ from those in real processes.  

Most previous work has focused on oxidation in the absorber; the purpose of this section 

is to highlight the discrepancies and applicability of lab-scale experiments to full-scale 

systems 
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Rates of Oxidation in a Real System 

In real processes, the amine solution is contacted with flue-gas in the absorber and 

cycled between a low-temperature environment with excess oxygen and a high-

temperature environment where oxygen and oxygen carriers are depleted.  Results can 

differ significantly from batch low-temperature experiments although very little work has 

been done in dedicated oxidation experiments that more closely resemble real systems.  

Real systems can exacerbate oxidative degradation in several ways, discussed below. 

Oxygen Carriers and High-Temperature Cycling 

There is one published study, which specifically explores the effects of oxidative 

degradation in CO2 capture with high-temperature cycling (Closmann, 2011).  Closmann 

oxidized MDEA, MDEA+PZ blend, and PZ in a cycling system in which the solution 

was contacted with oxygen at 55 °C and then heated to various temperatures above 100 

°C. In this experiment, piperazine showed significantly better stability to oxidative 

degradation than MDEA or MDEA+PZ.  

Closmann observed that formate was generated faster when PZ and MDEA 

solutions (which showed no degradation at 55 °C) were cycled to higher temperatures, 

and hypothesized that oxidation was controlled solely by the reaction of dissolved oxygen 

in the high-temperature part of the system.  This meant that there would be an upper limit 

on oxidation in a cycling system as the temperature increased, and the maximum 

degradation would correlate to the solubility of oxygen in the solution leaving the 

absorber.  It also implies that stripping dissolved oxygen would halt degradation, and 

indeed Closmann demonstrated that nitrogen stripping could significantly reduce 

oxidative degradation in MDEA+PZ.   

However, this assumes negligible amounts of other oxygen carriers (such as 

peroxides and metals), which could reach much higher concentrations than dissolved 
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oxygen.  Furthermore, the steady-state concentration of these peroxides, as well as their 

stoichiometry, may be a function of the cycling temperature.  In other words, the higher 

temperatures result in more free radicals forming (via peroxide decomposition) and in 

greater amounts of amine consumed per unit of oxygen carrier, which in turn results in 

more peroxide formation in the absorber, and so on.  This work will present evidence that 

there is no upper limit to oxidation up to the highest stripper temperatures proposed for 

CO2 capture (typically 150 °C), and that the oxidation in real systems will be accelerated 

by higher temperatures in both the absorber and the stripper.  This work will also show 

that oxidative degradation continues in the absence of dissolved oxygen, suggesting the 

presence of other oxygen carriers.  This has important implications for process design, 

namely, that stripping dissolved oxygen can reduce but not eliminate oxidative 

degradation, and that both the absorber and stripper temperatures should be considered in 

optimizing a CO2 capture system around oxidative degradation.  

Effect of Thermal Degradation 

Thermal and other types of degradation can interact synergistically with oxidative 

degradation.  Thermal degradation can produce products that are more susceptible to 

oxidation than the parent amine (for example, 1-(2-hydroxyethyl)-ethylenediamine in 

MEA); when these products decompose they produce free radicals that increase the 

overall oxidation rate of the solution.  Thermal products include polyamines, which are 

corrosive and may drive up the concentration of metals, thus catalyzing oxidation.  

Oxidation products, including nitrite, organic acids, aldehydes, imines, and peroxides can 

all react at higher temperatures increasing the amine loss rate and consuming MEA to 

form entirely new products.   
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Effect of NOx and SOx 

NOx can also contribute directly to solvent oxidation as demonstrated in a recent 

study (Fostas et al. 2010).  This is likely the result of NO2Å reacting in the solution to 

produce nitrite and another free radical.  Nitrite can react to form nitrosamines, which 

thermally decompose generating two new free radicals (Williams, 1994).  These free-

radicals exacerbate oxidative degradation, which yields nitrite as a product, allowing the 

cycle to feed on itself.  Thus, NO2Å can increase oxidation as a source of ñinitialò free 

radicals, and as a continuous source of additional free radicals to a system where 

oxidation is already occurring (Figure 2.28) 

NO2Å
 

Ą RNÅ + NO2
- 

CO2 

ĄĄ 
R-N=O Ą RNÅ + ÅN=O 

RNÅ + O2 Ą Ą NO2
-
   

Figure 2.28: Reaction of NO2Å in amine solutions in a CO2 capture process 

SO2 will react rapidly with any amine solvent, thus 100% removal is expected in a 

CO2 capture system.  SO2 initially forms dissolved sulfite in the solution, neutralizing 

two mols of amine (Figure 2.29) 

SO2 + 2 RN + H2O Ą SO3
2- 

+ 2 RNH
+ 

Figure 2.29: Reaction of SO2 in amine solutions in a CO2 capture process 

However, neutralization does not necessarily constitute degradation per se, in the 

context of oxidation, since the free amine could be recovered by certain reclaiming 

methods (e.g. treatment of the amine solution with caustic and precipitation of potassium 

sulfate). From an analytical standpoint, neutralized amine detected by ion 
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chromatography would appear in the total amine concentration, whereas that detected by 

acid titration would not. 

Sulfite is known to be an oxidation inhibitor in amine solutions (Goff, 2005) and 

will scavenge oxygen, gradually converting to sulfate.  Thus, slower rates of oxidation 

might be expected in the presence of SO2.  However, pilot plant and certain bench scale 

work has suggested the oppositeðthat SO2 accelerates amine degradation (Gao et al. 

2011a, 2011b; Uyanga and Idem, 2007).  This effect may have been due to increased 

corrosion or solvation of metals in the presence of SO2.  In this work, bench-scale 

oxidation experiments performed in the presence of 50 ppm SO2 or 50 ppm NO2 indicate 

no substantial effect of these contaminants on overall rates of oxidation. 

Fly-ash Transition Metals 

Several transition metals are shown to be catalysts for MEA oxidation; many 

others appear to have no effect.  However, it is an enormous task to screen all possible 

metals in a real system due to the number of them present in fly ash (Table 2.8).  

Furthermore, certain combinations of metals may prove to be especially pernicious at 

catalyzing oxidative degradation.  The presence of unexpected or untested transition 

metals (or combinations thereof) in a CO2 capture process, as a result of fly ash incursion 

can accelerate or retard oxidation rates.  In the presence of a chelating agent oxidation 

inhibitor, unexpected incursion of transition metals could also accelerate oxidation 

indirectly by displacing the existing metal in the metal-chelate complex.  

Table 2.8: Metals present in fly-ash (USGS) 

Major components (g/kg): Si, Fe, Al, Ti, Ca, Mg, S, Na, K 

Minor components (mg/kg): Cd, Pb, Zn, Cu, Cr, Mn 

Trace (ɛg/kg): As, Be, Hg, Mo, Ni, Ra, Se, Th, U, V 



 77 

Degradation Products 

The dominant degradation products in real systems resemble those produced in 

the lab in the presence of oxygen, rather than under anaerobic conditions. Two exceptions 

to this are HEIA and 2-oxalidinone (OZD).  HEIA is only produced via thermal 

degradation (anaerobic reaction of MEA with CO2 at stripper temperatures), whereas 

OZD has been observed during both thermal and oxidative degradation.  Both HEIA and 

OZD were observed by Strazisar et al. (2003) in degraded MEA contacted with flue gas 

from a coal-fired boiler, albeit in relatively small amounts. 

The present work (discussed in Chapter 5) suggests that the profile of oxidative 

degradation products produced will be altered by high-temperature cycling in real 

systems, compared with lab-scale oxidation at low-temperature only.  Some products 

may only be produced in significant quantities at high temperatures (via formation or 

hydrolysis of an amide bond, for example).  Glycine, 1-(2-hydroxyethyl)-glycine, and its 

amide HEHEAA have also been observed in relatively larger quantities in plant samples 

and high-temperature oxidation experiments compared with bench scale oxidation 

experiments at low temperature (Strazisar, 2003; Lepaumier et al., 2011a).  This can also 

be due to mis-identification of some products (discussed in Chapter 4), as a result of the 

different analytical methods for detecting them. 

Certain transformations are also expected to occur from exposure to elevated 

temperatures.  Nitrite is essentially inert at absorber conditions, but is consumed rapidly 

at stripper temperatures, in some cases forming nitrosamines.  Thus nitrite is not observed 

in plant samples. Aldehydes react rapidly with amines to form hemi-aldehydes; upon 

heating these can dehydrate to imines, which can in turn react to form imidazoles or other 

heterocyclic compounds.  Amides are hydrolyzed to form the protonated amine and 

anionic organic acid.  Acids and amides are expected to equilibrate to approximately a 
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two-to-one relative concentration.  Oxalate is unstable at elevated temperatures and will 

decompose to formate and CO2.  Ammonia, which is continuously stripped in semi-batch 

experiments may have time to react in a real system (in the absorber sump and cross 

exchanger) forming liquid-phase imidazoles, imines, or amides. 

Gas phase contaminants SO2 and NO2Å are not expected to significantly influence 

the profile of organic degradation products.  NO2Å will form nitrite in the liquid phase, 

which is already produced via oxidative degradation, whereas SO2 will be converted to 

sulfite and then sulfate. 

Overall, although some of the products in real systems can be generated via low-

temperature oxidation, others may require high temperature.  Other oxidation products, 

which are unstable to heat, are not observed at all in real systems.  Thus, bench-scale 

cycling systems with a high-temperature section provide a better indication of the 

products that will be formed in real systems. 

Catalysts and Inhibitors 

No oxidation inhibitors have been previously tested in pilot- or full-scale systems.  

Similarly, the role of transition metals and other catalysts in real systems has not been 

established.  The role of catalysts and inhibitors in bench scale systems relies on 

interactions with organic peroxides. High-temperature cycling is expected to provide a 

dampening effect to both oxidation catalysis and inhibition by reducing the concentration 

of temperature-labile peroxides via thermal decomposition.  The present work indeed 

shows that this is the case: metals have a less drastic catalytic effect on oxidation of 

MEA, and oxidation inhibitors are much less effective with high-temperature cycling.  
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Conclusions 

Absolute rates of oxidation in real systems will be a major function of a large 

number of variables: the amine solvent employed and concentration; oxygen content and 

contaminants of the flue gas; operational loadings; holdup and temperature in the 

absorber, cross-exchanger, stripper, and reboiler; concentration of dissolved metals from 

fly ash, corrosion, and additives; and potentially even the history of the solvent.  The 

currently available data and understanding of the degradation mechanisms in real systems 

does not allow for accurate prediction of oxidation rates; significantly more study is 

required to achieve this understanding. 

However, the present work and previous lab-scale studies do provide useful 

qualitative information about relative oxidation rates (for different amines or different 

conditions), as well as the types of products formed and relative effect of various 

additives that can be used in optimizing a real system. 
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Chapter 3: Methods 

  

 

 

 

 

 

 

This chapter discusses experimental apparatuses, analytical methods and data 

analysis methods used to produce all of the results that will be presented in subsequent 

chapters.  Some of these methods were developed by previous researchers, and some that 

were developed in this work have been previously published by others.  Therefore, 

previously published work is referenced to provide detailed descriptions of the methods, 

both analytical and experimental. 

ANALYTICAL METHODS 

Analytical methods include the following: liquid chromatography, total material 

methods, fourier-transform infrared spectroscopy (FTIR) (gas phase only), gas 

chromatography, mass spectrometry (alone or in tandem), and elemental analysis.  Most 

of these methods are quite straightforward and require no sample preparation or special 

treatmentðthe one exception is analysis of amides by ion chromatography, which 

requires pre-treatment with sodium hydroxide.  This work relied most heavily on ion 

chromatography (for monoethanolamine [MEA], and formate) and FTIR (for ammonia).  

Therefore, these methods will be covered in the greatest detail. 
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Anion Chromatography 

Organic acids and other anionic species are produced from amine oxidation and other 

processes in CO2 capture systems.  Ion chromatography was used to resolve anionic 

species in amine solutions.  The system used was a Dionex ICS-3000 with AS15 

analytical column (4 x 250 mm), potassium hydroxide eluent produced from an eluent 

generator, and conductivity detector.  The system also included an AG15 guard column, 

suppressor, and carbonate removal device.  The method is the same as that employed by 

Sexton (2008), Freeman (2011), and Closmann (2011). 

 

Figure 3.1: Analysis of MEA degradation products by anion chromatography with 

AS15 analytical column and KOH eluent at 1.7 mL/min. 
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Figure 3.2: Sample formate calibration curve 

Amine samples were diluted 100x to 10,000x times depending on the amount of 

analyte present.  The species of interest for degraded MEA samples (in order of elution 

time) were formate, N-(2-hydroxyethyl)-oxalamide (HEO, suspected), nitrite, sulfate, 

oxalate, nitrate (Figure 3.1).  HEO is suspected on the basis that the retention time is 

close to that of oxalamide (the ammonia amide of oxalate), and the peak disappears when 

the sample is treated with NaOH, which hydrolyzes the amide bond.  A sample 

calibration curve for formate is shown in Figure 3.2; a quadratic fit was used to calculate 

the concentration of formate in unknown samples due to the deviation from linearity 

observed over the concentration range. 

Amides were analyzed by treatment of 0.5 mL of sample with 1 mL of NaOH and 

letting the mixture react for 48 hours at room temperature.  For heavily degraded MEA 

samples, a white precipitate was observed to form slowly after adding NaOH.  These 

samples were diluted twice, once to dissolve the solids (~10x) followed by a 100x 
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dilution for analysis.  The difference in formate and oxalate present before and after 

NaOH treatment indicates the amount of amide present, since excess NaOH will 

hydrolyze the amide bond (Figure 3.3 and 3.4).  This hydrolysis method was initially 

developed for detection of N-formyl-diethanolamine in diethanolamine solutions (Koike, 

1987), and has recently been used with degraded MEA solutions (Sexton, 2008).   

NH

O

R  

+ OH
-
 

Ą O

O
-

 

+ NH2

OH 

Figure 3.3: Hydrolysis of formyl amides by treatment with NaOH 

 

Figure 3.4 Sample anion chromatograph for degraded MEA before and after 

treatment with 2x volume NaOH at room temperature for 48 hours. NaOH treated 

sample was at a higher dilution factor. 

Cation Chromatography 

Cation chromatography was used to determine amine and dissolved ammonia in 

degraded samples (Figure 3.5).   
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Figure 3.5: Analysis of MEA and dissolved NH3 by cation chromatography column? 

Both Dionex ICS-2500 and ICS-2100 instruments were used in this work; however the 

methods were qualitatively the same.  The method is also the same as that developed by 

Davis (2009) and used by Sexton (2008), Closmann (2011) and Freeman (2011) to study 

thermal degradation of amines.  Cations were separated on an IonPac CS17 analytical 

column (4 x 250 mm) with methane sulfonic acid (MSA) as the eluent, supplied (in later 

experiments) by an eluent generator.  The system also employed a guard column (CG-17) 

and suppressor; cations were detected by a conductivity detector. 

 An important finding in this work is that condensation products of MEA and 

formaldehyde (presumably imines and hemiaminals) are likely detected as MEA on the 

cation chromatograph using this method.  Formaldehyde was added to MEA in various 

ratios and let react at room temperature for 24 hours; the reaction is known to be very fast 

(Winkelman, 2002).  In each case, all of the MEA initially added was detected regardless 

of the presence of formaldehyde (Figure 3.6) 
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Figure 3.6: MEA with formaldehyde analysis by cation chromatography 

Fourier-Transform Infrared Spectroscopy 

Fourier-transform infrared spectroscopy (FTIR) was used to analyze gas-phase 

degradation products in the amine degradation experiments.  Ammonia was the primary 

degradation product observed from MEA oxidation. A much smaller amount of another 

product, possibly N2O, was also observed, however it was typically less than 1ppmð

below the detection limit of the method.  Other gas-phase degradation products were 

occasionally observed from oxidation of other amines: methyldiethanolamine (MDEA) 

produced formaldehyde and acetaldehyde during cycling experiments; N-methyl-

aminoethanol produced methylamine, as did potassium sarcosine.  In most cases, 

however, ammonia was the only gas-phase degradation product observed above the 

detection limit. 
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Table 3.1: FTIR Analysis ranges for components in gas from oxidized MEA 

Compound Range 1 (cm
-1

) Range 2 (cm
-1

) Range 3 (cm
-1

) 

Water 3157ï3477   

CO2 910ï1003 3425ï3616 2165ï2251 

MEA 2416ï3150   

NH3 915ï988 2423ï2560  

N2O 2123ï2224 2505 ï 2628  

Analysis regions on the FTIR are chosen based on the absorption peaks of the 

pure component and the absence of absorbing peaks from other species in the matrix 

(Table 3.1).  In practice, there is always overlap between the spectra for the different 

components; therefore the software calculates the concentration of all components 

simultaneously, and subtracts out the contribution of any interfering peaks in calculating 

the concentration of each component.  Interferences between components were specified 

in the software (Table 3.2) 

Table 3.2: Interference matrix for analysis of components on the FTIR 

 Main Component 

Interfering 

Component 

Water CO2 MEA NH3 N2O 

Water  X X X X 

CO2 X  X X X 

MEA  X  X  

NH3 X X X   

N2O X X    

High Performance Liquid Chromatography 

Several HPLC methods were developed for analyzing nitrosamines and amine 

degradation products.  Two systems were used for this work: a Dionex ICS-3000 system 

with an electrochemical detector and a Dionex Ultimate 3000 with a variable wavelength 

ultraviolet (UV) detector. 
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The Dionex Amino Acid Analysis (AAA) direct method was implemented on the 

ICS-3000 system for analysis of 1-(2-hydroxyethyl)-glycine in degraded MEA samples.  

The column was AminoPac PA10 (4 x 250 mm) weak anion exchange column, which 

retained amino acids as negatively charged ions at high pH, and released them as the pH 

was reduced and they became zwitter-ionic.  Thus, the method works to separate amino 

acids based on their isoelectric point.  The eluents used were water, 0.25 M NaOH, and 

1.0 M sodium acetate.  The pH of the eluent is reduced over the course of the run as 

sodium hydroxide is substituted for with sodium acetate.  MEA and many other species 

are detected by the electrochemical detector; however they are not separated by the 

column.  Samples were run at 20-50x dilution. 

Two methods were primarily used on the Ultimate 3000 for quantification of 

MEA degradation products with the UV detector.  The UV detector provides better 

sensitivity for many degradation products than ñuniversalò detectors including the 

evaporative light scattering detector, refractive index detector, or mass spectrometer.  An 

important finding of this work was that eluent buffering, particularly to high pH, greatly 

improved separation of some degradation products, especially nitrosamines.  The reverse-

phase method employed 10 mM ammonium carbonate (pH=9.1) as the primary polar 

eluent and acetonitrile as the non-polar eluent.  The column was a Dionex 

PolarAdvantage 2 (4 x 250 mm), which was stabilized to tolerate eluents up to pH 10.  

UV detection at 240 nm was used for nitrosamines; for other MEA degradation products, 

210 nm was used (carbonyl functional groups absorb more strongly in this region).  

Hydrophilic liquid interaction chromatography (HILIC) was also used, in this case for 

detecting 1-(2-hydroxyethyl)-imidazole (HEI) in degraded MEA samples.  A 

Phenomenex Luna unbonded silica column (4.6 x 150 mm) was used for the HILIC 
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method, with acetonitrile as the primary eluent and 10 mM aqueous ammonium 

carbonate as the secondary eluent. 

Mass Spectrometry 

Various types of analyses by mass spectrometry (MS) were attempted in this 

work.  These methods included gas chromatography (GC) MS, liquid chromatography 

(LC) MS, and MS direct injection.  One of the reasons for selecting ammonium carbonate 

as a buffer for HPLC is that both ions are volatile.  This enabled running HPLC methods 

coupled with MS on the back end without producing a salt residue and damaging the 

instrument.  The best results were produced by using a splitter to reduce the flow rate 

from the HPLC (1.0 mL/min) down to about 50 µL/min.  This flow rate was sufficiently 

low that the entire sample evaporated and no liquid droplets accumulated around the 

cone.  A dilution factor of 100x typically provided good peak shape and detection limit of 

the analytes. 

GCMS analysis (primarily with chemical ionization) was conducted with the help 

of the University of Texas Mass Spectrometry Facility (UTMSF).   Electrical ionization 

(EI) was not useful for product qualification because most known degradation product 

spectrums do not have an EI mass spectrum in any of the major libraries.  The GC 

separation methods used were based on the methods described by LePaumier et al. 

(2009).  Both polar (CARBOWAX-Amines) and non-polar (CPSIL8-CB-Amines) 

columns were used; however the non-polar column typically provided better resolution 

and results. In general, GCMS results were inconsistent and often produced poor results 

with highly asymmetrical peak shape and poor signal to noise ratio.  Changes in initial 

column temperature, dilution factor, and dilution solvent were not able to resolve this; 

various filters and liners that were tested did not significantly improve the results.  It was 
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determined that better results were produced by using an initial column temperature of at 

least 60 °C with sample dilution in methanol at 10-25x. 

High-resolution mass spectrometry (by direct injection) with chemical ionization, 

also conducted with the help of UTMSF, provided the most fruitful results.  Direct 

injection provides a spectrum of the products in the solution; masses for components with 

higher concentrations and ionization potentials have greater abundance (peak height) on 

the mass spectrum.  The most abundant peaks observed in direct injection corresponded 

to the major peaks observed in GCMS and LCMS.  An exact mass was determined for 

each of the major peaks observed in direct injection allowing determination of the 

molecular formula (although not the structure) of the compound. 

Solution Preparation and CO2 Loading 

Amine solutions were prepared by weighing out the required amount of amine 

and water.  A glass sparger and scale were used to weigh the amine solution while CO2 

was bubbled through it.  This provided an approximation of the loading to know how 

much CO2 to add.  In many experiments, the loading was also determined more precisely 

by one of two methods: gravimetrically, by weighing the entire solution before and after 

CO2 sparging; or by total inorganic carbon (TIC) analysis, by treating the solution with 

acid and analyzing the amount of CO2 produced (as described in detail by Freeman, 

2011).   

Total Material Methods 

Other than TIC (discussed above) several total material methods were employed 

to provide supporting analysis of degraded amine samples.  Total alkalinity was 

determined by titrating amine samples with 0.2 N sulfuric acid.  In general, total 

alkalinity and amine (by cation chromatography) were in agreement; the cation 
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chromatography measurement should be more accurate and more precise, assuming 

significant error is not introduced during sample dilution.  The variance for repeat 

measurements by cation chromatography is lower than for titration, and the measurement 

is also more specific and less prone to interference from other degradation compounds.  

Nonetheless, titration is a cheap and accurate way of determining amine concentration in 

degraded solutions.  Since equilibration of amines with aldehydes is expected to be very 

fast, both total alkalinity and MEA (by cation chromatography) will suffer from 

interference due to aldehydes.   

Lastly, total nitrogen by Kjedahl analysis was determined using an Aurora 1030C 

analyzer with total bound nitrogen (TNb) add-on module (both manufactured by OI 

Analytical).  The total nitrogen analysis was used to estimate volatile nitrogen losses 

from MEA degradation in the low gas flow (LGF) degradation apparatus.  Absolute 

quantification of total nitrogen was not possible due to poor consistency in the instrument 

response for calibration curves produced using a variety of different nitrogen containing 

species (including sodium nitrate, MEA, and MDEA).  Therefore, the initial (un-

degraded) sample was used for instrument calibration and only total nitrogen loss is 

reported.  Total nitrogen loss was the least precise of any of the methods used in 

degradation product quantification for the LGF; however, it does agree with ammonia 

production from the HGF measured by FTIR (discussed in Chapter 4). 

EXPERIMENTAL METHODS 

Several types of experimental methods were employed in this work.  Semi-batch 

oxidation apparatuses were used to study oxidation of various amines at absorber 

conditions.  These included the low gas flow (LGF) and high gas flow (HGF) reactors.  

Stainless-steel pressure vessels sealed with Swagelok fittings were used for conducting 
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batch experiments at stripper conditions.  Several high-temperature cycling systems were 

used for studying amine degradation under more realistic conditions that mimicked both 

the absorber and the stripper.   

Low Gas Flow Reactor 

The LGF reactor was a simple semi-batch reactor developed by Sexton (2008) to 

accelerate oxidation of MEA and thus to observe significant changes in amine and 

products over one to two weeks.  Freeman (2011) and Closmann (2011) also both used 

this apparatus to study oxidation of MDEA, piperazine (PZ) and other amines at absorber 

conditions.  

 

 

Figure 3.7: Diagram of the low gas flow apparatus 

The system consisted of a jacketed batch reactor filled with 350 mL of amine 

solution, with gas fed into the reactor headspace at 100 mL/min and an opening for the 

gas to exit the reactor to the fume hood.  Oxygen mass transfer was enhanced by agitating 

O2 + CO2 in 
O2 + CO2 out 

Agitation at 

1400 RPM 
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the liquid phase at 1400 RPM (Figure 3.7).  The temperature of the reactor was controlled 

using a recirculating heater (with water or dimethylsilicone oil as the heat transfer 

medium) and was set to 40 ï 70 °C, the typical temperature range of the absorber.  The 

feed gas passed through a water saturator prior to entering the reactor; however water loss 

nonetheless occurred at a rate of 1 ï 5 mL/day. The water balance in the reactor was 

controlled by indicating the level on the side of the reactor and adding additional water as 

needed.  Several versions of the same apparatus were used; it variously used either a 

Teflon or rubber stopper as a lid. 

High Gas Flow Reactor 

The high gas flow (HGF) reactor was used to analyze for volatile degradation 

products (primarily ammonia) by hot gas FTIR while oxidizing amines.  The system is 

qualitatively similar to that described in detail by Sexton (2008) and Goff (2005).  The 

advantage of this system is that it allows for instantaneous determination of the oxidation 

rate with different conditions or additives, allowing for rapid screening.   

Other than the FTIR analysis, the HGF differed from the LGF in several ways.  A 

high gas rate of 7.65 SLPM sparged from the bottom of the reactor was used in most 

experiments.  The gas used was air rather than oxygen due to the high rate of gas 

consumption and the stability of O-rings in the FTIR to oxygen.  Agitation was also not 

used in the HGF unless otherwise noted, and water balance was tightly controlled with a 

condenser and a saturator (Figure 3.8).  

Gas passed through a saturator prior to entering the reactor and a condenser after 

leaving the reactor.  The temperatures of the saturator and the condenser could both be 

controlled.  The saturator was fixed at 30 °C, which saturated the gas to ~26 °C at the 

point where it entered the reactor.  The water level in the saturator was fixed using two 
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pumps, one which continuously fed water to the saturator and another which removed 

water if the level in the saturator went above a certain point (Figure 3.9).  Gas leaving the 

reactor was pumped at ~5 LPM to the FTIR.  The water content of the gas was analyzed 

and the temperature of the condenser was adjusted so that the water content was always 

3.4%, ensuring net zero water loss from the system. 

HGF Oxidation 
Reactor

40 ς 70 °C

FTIR, 180 °C

CO2Air Saturator
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Condenser, 24 °C

Liquid level
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Chiller
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Heated line 
180 °C

H2O out

H2O in

Vent to
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Figure 3.8: Diagram of the HGF apparatus 
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Figure 3.9: Close-up diagram of the water saturation system in the high gas flow 

apparatus 

Although the HGF had lower overall rates of oxidation than the LGF (due to the 

use of air rather than oxygen), experiments in the HGF at a given condition were 

typically much shorter due to the rapid determination of the degradation rate using 

volatile ammonia production.  The ammonia rate in MEA reached steady state in less 

than four hours after changing a condition (Figure 3.10). 
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Figure 3.10: Sample raw data for typical MEA degradation experiment in the HGF 

Stainless Steel Pressure Vessels 

Two types of experiments were conducted using stainless steel pressure vessels, 

for studying reactions at stripper conditions.  The first consisted of ½-inch OD 316 

stainless steel tubing cut into a series of 10 cm long segments, each fitted with ½-inch 

Swagelok endcaps (Figure 3.11).  These miniature reactors were filled with 7 to 10 mL of 

amine solution and placed in a convection oven and removed at selected intervals.  This 

experimental method was used by Davis (2009) and Freeman (2011) to study thermal 

degradation of amines at stripper conditions.  The second method consisted of a 2ò OD 

316 stainless steel pipe with welded stainless steel endcaps.  One endcap was tapped with 

two ½-inch NPT threaded holes; a İò male NPT to Swagelok adapter was screwed into 

the hole and welded into place.  The headspace was purged with nitrogen, and removable 

Swagelok endcaps were used to seal the vessel before placing it in a convection oven.  

Samples were collected by removing the vessel from the oven, quenching it with water, 
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and pipetting out a sample.  This reactor allowed for a larger volume of amine to be 

exposed to high temperature and was used for the batch cycling experiments discussed in 

Chapter 5. 

  

Figure 3.11: Photograph of stainless-steel pressure vessels 

Continuous Thermal Degradation 

A continuous flow-through system at the Netherlands Organization for Applied 

Scientific Research (TNO) was also used to thermally degrade nitrosamines.  This system 

had the advantage of very rapid heating rates and short residence times, allowing the 

study of nitrosamine decomposition kinetics at much higher temperatures.   

The system consisted of 3 m of ıò stainless steel tubing in a convection oven held 

at a constant temperature.  Amine solution was pumped through the reactor at 3 mL/min 

with a high-pressure HPLC pump and the residence time in the reactor was 16.4 minutes.  

The system was kept at a constant backpressure of 200 bar with an electronic pressure 

controller (Figure 3.12). After one hour of pumping the solution, samples were collected 

at the exit of the reactor.  Samples were diluted and analyzed immediately after being 

collected.  The average rate of degradation in this system was calculated from the 

difference in nitrosamine in the solution entering and leaving the reactor.  One 


