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Carbon capture using amine scrubbing is an effective way to reduce CO2

emissions, but nitrosamines, a class of carcinogenic compounds, form from ni-

trogen oxides (NOx) in the process. Kinetic analysis of reactions involving

nitrite and ethanol amine (MEA), piperazine (PZ), diethanol amine (DEA),

methylethanol amine (MMEA), and methyldiethanol amine (MDEA) deter-

mined the reaction rate of each amine under various conditions. The reactions

involving MEA, PZ, DEA, and MMEA were first order in nitrite, carbamate

species, and hydronium ion. The tertiary amine, MDEA, did not fit the same

rate law. A model accurately predicts reaction kinetics for unhindered primary

and secondary amines. The rates of reaction revealed that primary amines

react approximately 10 times slower than secondary amines under identical

reaction conditions. Increased reactivity was noted in secondary amines which

have more electron withdrawing groups attached to the amine. Two proposed

mechanisms involve protonation of the carbamate species, nucleophilic attack
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of carbamic acid by nitrite, and formation of bicarbonate and a nitrosamine.

The comparative kinetics can be applied to the analysis of the steady state con-

centration of nitrosamines in carbon capture, can help identify inhibitors for

this reaction, and can be applied to the use of blends to mitigate nitrosation.
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Chapter 1

Introduction

1.1 History of Carbon Capture

The human population is largely dependent on fossil fuels for energy.

The primary product of fossil fuel combustion is carbon dioxide (CO2). CO2

in the atmosphere can absorb infrared radiation leaving earth’s surface and

re-emit it back towards earth. This behavior classifies CO2 as a green house

gas, and its presence warms the earth.

Due to the strong dependence on fossil fuel combustion for energy and

the effect of global warming from fossil fuel combustion, a large movement

has grown to prevent CO2 from escaping into the atmosphere. This process

involves carbon capture, isolating CO2 post-combustion, and carbon seques-

tration, storing CO2 to prevent the greenhouse effect.

One of the most effective locations to capture CO2 is at large power

plants due to the scale of carbon emissions. At these locations, capture equip-

ment can be installed to reduce CO2 emissions by 90%. One efficient capture

technology uses amine scrubbing to isolate CO2.[19] This thesis discusses one

of the issues involved with this system.
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1.2 Mechanics of Carbon Capture

The basic carbon capture system involves an absorber, stripper, and

heat exchanger. Amine solvents with low CO2 concentrations flow down the

absorber and counter-currently encounters the exit gas from a power plant.

During this phase, CO2 transfers into the amine solution. The amine solution

exiting the absorber then enters a heat exchanger where it is heated by the

hot solution exiting the stripper. This temperature increase decreases the

solubility of CO2 in the solution, so the pressure increases.

The heated solution then enters the stripper where the solution is fur-

ther heated and releases CO2. The hot solution is then cooled by the solution

exiting the absorber and reenters the absorber. This cycle continues to regen-

erate the solvent and extract CO2. Figure 1.1 shows this process schematic.

Amines chemically absorb CO2 in two main mechanisms. The first,

shown in Figure 1.2 involves a reaction between the two amines and CO2 to

form a carbamate compound and a protonated amine. This reaction consumes

two amine groups. The second reaction, in Figure 1.3, involves the protonation

of an amine and the formation of bicarbonate.

The rate of the reaction that forms carbamate dominates for unhindered

primary and secondary amines. Tertiary amines cannot form the carbamate

compound without having an unstable positive charge, so the formation of

bicarbonate dominates. Mixing primary or secondary amines with tertiary

amines enables the formation of carbamate with the accepted proton falling

2
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Figure 1.1: The carbon capture system isolates CO2 from the flue gas of power
plants using an absorber, stripper, and heat exchanger.
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Figure 1.2: This general reaction depicts the formation of carbamate com-
pounds and protonated amines from unhindered primary and secondary
amines and CO2 .
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-

Figure 1.3: This general reaction depicts the formation of protonated amines
and bicarbonate from hindered primary/secondary amines or any tertiary
amines with CO2.

on the tertiary amine.

1.3 Solvent Management Issues

The amines solutions undergo degradation during use. This can phys-

ically be seen as the initial solvent put into the reactor turns opaque after

use. Degradation occurs oxidatively and thermally. Oxygen present in the

flue gas will oxidize the amines. Significant work has been conducted to study

how oxidative degradation affect the solvent performance.[11] Thermal degra-

dation occurs when amines undergo reactions at the high temperatures of the

stripper. Both of these mechanisms can change the physical properties of the

solvent and lower solvent performance.

Another issue in solvent management involves the formation of carcino-

genic compounds called nitrosamines. Figure 1.4 displays the toxic doses of

two nitrosmaines in carbon capture along with that of benzene and ethanol.

These compounds have the N=N−O functional group and form from the in-

troduction of NOx gas. NOx gas is present in the flue gas and will react with
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Figure 1.4: The carcinogenicity in rodents of mononitrosopiperazine (MNPZ)
and nitrosodiethanol amine (NDELA) are shown against that of benzene and
ethanol. The toxic dose (TD50) represents the daily dose required to cause
cancerous tumors in 50% in the test animals. A smaller TD50 represents
higher potency.

the solution to produce nitrite ions (NO−
2 ). Alternatively, the NOx gas can

also react with the solution directly to form nitrosamines.[6]

1.4 Relevant Amines

Various amines are used in carbon capture. Monoethanol amine (MEA)

is the current standard for carbon capture in natural gas treating. Piperazine

5



NN HH

(a) PZ

N

O

H
H

H

(b) MEA

N

H
O

OH

H

(c) DEA

N

H
O

OH
(d) MDEA

N

O

H

H

(e) MMEA

Figure 1.5: Structures of amines studied

(PZ) absorbs CO2 faster than MEA, and current research is helping build a

case for usage of PZ in amine scrubbing. The amines structures appear in

Figure 1.5 along with other amines studied.

1.4.1 Piperazine

Piperazine (PZ) is a 6 membered cyclic diamine. Though it is not

the standard amine for CO2 capture, PZ has many positive attributes. Due to

6



PZ’s low volatility, less amine escaps into the environment. It has high thermal

stability up to 150◦C, so higher CO2 pressures can occur in the stripper without

significant degradation of PZ. It’s high heat of absorption of CO2 also helps

produce high stripper pressures. PZ also has a high CO2 capacity because

there are two amine groups in each molecule.[19]

One drawback on PZ involves it’s solubility. Concentrated solutions of

8 molal PZ in pure water results in the formation of Piperazine-hexahydrate

solid at room temperature. Heating to 40◦C or absorbing CO2 will dissolve

the complex. Because of this issue, PZ cannot be used with minute amounts

of CO2. PZ also exhibits a solubility limit when the moles of CO2 approaches

the moles of PZ. The solubility of this complex does not have a strong temper-

ature dependence due to a low heat of dissolution, so heating will not improve

solubility.

The solubility drawbacks of PZ lead it to be mixed with other amines

for usage in carbon capture. With these mixtures, greater solubility can be

obtained.

1.4.2 Monoethanol Amine

Monoethanol amine (MEA) is currently the standard amine for usage

in carbon capture systems. This amine is cheaper to produce when compared

to PZ, but has higher volatility and degradation rates. MEA does not form

solids in solution, so solubility limits are not of concern.

7



1.4.3 Diethanol Amine

Diethanol amine (DEA) is essentially MEA with another ethanol group

attached to the nitrogen. This significantly changes the reaction chemistry,

and gives DEA a lower pKa than MEA. DEA normally occurs in CO2 capture

system as a byproduct of MEA production, so using MEA will introduce DEA

into the system.

1.4.4 Methyldiethanol Amine

Methyldiethanol amine (MDEA) has been studied in blends with PZ

to improve solubility issues of PZ with minimal loss of performance. It is also

currently used in SOx scrubbing systems. Since it is a tertiary amine, it cannot

form a carbamate complex. Instead, MDEA acts as a proton acceptor to give

bicarbonate. This reaction is slower than the carbamate formation, so MDEA

is sought as an additive in a blend instead of an isolated solvent.

1.4.5 Methylethanol Amine

Methylethanol Amine (MMEA) is an amine that is not currently used

in carbon capture. However, studying the reaction rate of MMEA highlights

the structure relationship between electron withdrawing groups on nitrosation

rates. DEA has more electron withdrawing groups than MMEA, so comparing

MMEA to DEA can improve understanding about the importance of electrons

on the amine group.

8
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Figure 1.6: This general reaction of nitrite with a primary or secondary amine
forms a nitrosamine compound

1.5 Amine Reaction with Nitrite

Amines react with nitrite to form carcinogenic nitrosamines described

previously in section 1.3. An overall reaction is shown in Figure 1.6.

Figure 1.6 indicates that the reaction of interest produces a base. Under

carbon capture conditions, bicarbonate is normally produced. Due to the

buffered solvent and the low concentration of nitrite, the pH change due to

this reaction would be negligible.

Kinetics of nitrosation have been studied extensively under acidic con-

ditions because much nitrosamine formation was thought to form inside hu-

man stomachs from nitrite-treated meat. This research concluded that the

di-protonated form of nitrite was the nitrosating agent causing nitrosamine

formation.[7] This active species definitely required a strongly acidic environ-

ment since the pKa of nitric acid is less than 4.[7] However, less research of

nitrosation has been conducted under basic conditions, especially in the pres-

ence of CO2.
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Figure 1.7: Nitrosamines formed from primary amines undergo degradation
through proton transfer from the nitrogen and α carbon to the oxygen resulting
in the loss of water. Finally, nitrogen gas escapes the system leaving either a
secondary amine, alcohol or other product.[7]

1.5.1 Primary Amines

Primary amines, like MEA, form nitrosamines under the general re-

action shown by Figure 1.6, but these nitrosamines are not very stable. At

the temperatures of the stripper, nitrosamines which formed from primary

amines will quickly degrade into nitrogen gas and other products through the

mechanism shown in Figure 1.7.[7]

1.5.2 Secondary Amines

Like primary amines, secondary amines form nitrosamines as shown in

Figure 1.6. However, since the secondary nitrosamines do not have a hydrogen

attached to the nitrogen group, they are unable to undergo the fast degradation

mechanism shown in Figure 1.7. Work is currently being done to characterize

how secondary nitrosamines degrade in carbon capture solvents.[8] From this

work, it is evident that higher temperatures are required for degradation of

nitrosamines than their formation.

In 2010, N-nitrosopiperazine (MNPZ), a carcinogenic nitrosamine formed

10
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Figure 1.8: The mechanism proposed by Sun and Lv for nitrosation of dimethy-
lamine which uses CO2 as a catalyst. CO2 forms the carbamate ion with the
amine, turns into carbamic acid, and then reacts with nitrite.[22, 17]

from PZ, was found in CO2 capture pilot plants running PZ solvent.[15] Re-

searchers initially used theoretical methods to better understand how this

reaction could proceed under basic conditions. One hypothesis discussed in

two papers involved using CO2 as a catalyst. These researchers mentioned

the mechanism shown in Figure 1.8 as a potential reaction pathway with an

activation energy of 45 kcal/mol.[22, 17]

1.5.3 Tertiary Amines

Tertiary amines are unable to form stable nitrosamines directly since

the central nitrogen would result with a formal change of +1. For nitrosation

to proceed with tertiary amines under acidic conditions, one of the alkyl sub-

stituents must be removed from the amine. The kinetics for this reaction under

acidic conditions indicate that tertiary amines nitrosate 10,000 times slower

than secondary amines.[7]. The kinetic study also suggests that an aldehyde

product would form from the dealkylation. Even with this knowledge, the

mechanism for nitrosation has not been studied under basic conditions char-

11



acteristic of carbon capture.

If the reaction mechanism for nitrosation under acidic conditions is

similar to basic conditions, tertiary amines need to convert to a secondary

amines before forming a nitrosamine. In carbon capture, this can happen two

ways: oxidative and thermal degradation.

12



Chapter 2

Methods

2.1 Safety Considerations

As mentioned in section 1.3, nitrosamines are carcinogenic. Certain

safety measures were taken into account to reduce exposure to nitrosamines.

Solutions were heated inside convection ovens connected to fume vents. Ni-

trosamine samples were contained inside a single fume hood. In addition to

these measures, gloves, goggles, and lab coats were worn whenever inside the

laboratory.

2.2 Experimental Runs

To determine the rate of nitrosamine formation, a solution needs to be

heated for different lengths of time and analyzed to see how the concentration

varies with time. Solutions were placed inside 3/8 inch stainless steel tubing

with Swagelok cap, known as Swagelok cylinders. These give a constant vol-

ume container that can withstand high pressures at nitrosation temperatures.

For each solution and temperature, five Swagelok cylinders were heated

with the same solution inside. The cylinders were removed over an arithmetic

time scale to correspond with approximately 50% to 95% completion of the

13



Table 2.1: Sources of chemicals and purity used in the experiments.

compound purity source
CO2 99.5% Matheson Tri-Gas
DEA 99% Acros Organics
KHCO3 99.5% Sigma
KOH 87% Fischer Scientific
MEA 98.5% Eastman Chemical
MMEA 99% Acros Organics
MDEA 99% Acros Organics
MNPZ 98% Toronto Research Chemicals
NaNO2 98.5% Acros Organics
PZ 99% Sigma-Aldrich

reaction. When using the convection ovens, the first sample was not removed

after less than an hour because significant time is necessary heat up the cylin-

ders to the oven temperature.

The samples were removed from the cylinders and placed into 15 mL

amber vials since nitrosamines degrade by UV light.[20] The samples were

then diluted between 30× to 50× into 2 mL amber vials. The magnitude of

dilution depended primarily on the concentration of the original sample.

The samples were analyzed using High Pressure Liquid Chromatogra-

phy or an chromatography instrument. Both instruments produced graphs

with peaks corresponding to nitrite. Using the nitrite calibration curves dis-

cussed in section 2.4 and the magnitude of dilution, the concentration of nitrite

in each sample was found.

14



2.3 pH Measurement

Since preliminary results indicated that solvent pH strongly affects ni-

trosamine formation in PZ, it became necessary to measure pH accurately for

each solution analyzed. To do this, the pH probe from an automatic titrator,

described in section 2.5, measured the pH. This device had inaccuracies from

its calibration to dilute solutions and the inability to measure temperature.

2.3.1 Ionic Strength

Since the pH probe was calibrated for dilute solutions, our procedure

involved diluting samples before any pH measurement. Diluting samples lowers

the ionic strength. Since equilibrium constants for acid/base reactions are

dependent on ionic strength, inaccuracies result from diluting. In an attempt

to correct for this error, a series of dilutions were measured in the device as

shown in Figure 2.1.

Increasing dilutions decreases the measured pH value because ionic

strength stabilizes ions by decreasing their activity coefficient. With dilu-

tions, the activity of protonated amines decreases less than other species, so

equilibrium is driven towards unprotonated amines and hydronium ions. This

results in a lower pH.

2.3.2 Method Development

Different methods were developed to account for the shift in pH shown

in Figure 2.1. We used the four DEA solutions from subsection 4.3.1 to mea-

15
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Figure 2.1: Data were from a solution of 8 molal PZ loaded to 0.3 mol CO2/mol
nitrogen. The regressed line shows the expected effect of the Debye-Hückle
theory.
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sure pH in different ways. After each pH method was tried, the data was

regressed with reaction rates to see if a better correlation resulted. The best

correlation would correspond with the most accurate pH measurements.

The first method attempted to extrapolate a line from the Debye-

Hückle theory shown in Figure 2.1. Each DEA solution was diluted at three

points over an order of magnitude. Each solution was regressed independently

to find the dependence of the solution pH on ionic strength. The high loading

experiments showed an opposite dependence than the low loading experiments.

This was most likely due to the formation of bicarbonate. The resulting data

was extrapolated to find the concentrated solution pH. When applied to the

experimental rates, a correlation coefficient of 0.90 resulted.

The second method involved measuring the concentrated solution. Prob-

lems with this method include a large amount of sample (4 mL) required to

immerse pH probe and the dilute calibration of the pH probe. The first sam-

ple tested took over 50 minutes to converge on a pH reading and drifted 0.012

during the last 30 minutes. Subsequent measurements took approximately 5

minutes to reach a final value. The difference in timing likely resulted from a

change in concentration inside the pH probe increasing error in this method.

The pH values were correlated with the reaction rates yielding a correlation

coefficient of 0.89.

The best method utilized involved measuring all four solutions at 300×

dilutions, and ignoring ionic strength affects. When correlated with reaction

rates, a correlation coefficient of 0.97 was obtained. However, this method

17
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Figure 2.2: The values of pH for all three methods. The concentrated mea-
surements correlated least with the data while the 300× dilutions showed the
best correlation.

contains some unregressed systematic error from ionic strength affects. The

pH readings of all three methods are shown in Figure 2.2.

2.3.3 Final Method

The final method developed for measuring the pH involves diluting sam-

ples so that the amine concentration loosely correlates with a three hundred

dilution of PZ. Each diluted sample is stirred for five minutes with the pH

probe in the solution. Stirring is stopped, and the measured if the measured
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pH value stabilized for twenty seconds, it is recorded, if it is not stable, more

stirring is conducted till the pH is stable. After each pH measurement, the

sample is stirred for one minute. Then the stirring is stopped so another pH

measurement can be taken. This process is repeated till three measurements

are taken. If the measurements show drift, more measurements are taken till

the most recent samples are within 0.002 units. The average is then taken of

the measurements.

2.4 Nitrite Standards

To convert the peak areas obtained from the HPLC and Anion chro-

matography into concentrations, a correlation between peak areas and known

concentrations is necessary. This is obtained by making a series of dilutions of

a known concentration. A linear relationship describes peak areas and concen-

tration for dilute solutions. However, since less dilute solutions impact linear

regressions more than more dilute solutions, large errors will result in dilute

solutions if all points are regressed together.

2.4.1 Standard Preparation

To prepare standards, a 500 ppm solution was prepared by adding 0.1

g of a pure component (taking into account purity and spectator ions) into

200 mL of water. The mixture was stirred till well mixed. Dilutions from 5×

to about 200× were taken. If lower calibrations are necessary, a dilution of

the stock solution can be made to enable further dilution. This should result
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Figure 2.3: Two nitrite standards for the anion chromatography instrument
appear above. The more recent standard has a slightly higher slope than the
older standard.

in concentrations ranging from 0.5 to 100 ppm.

2.4.2 Standard Results

The anion chromatography instrument was calibrated for nitrite during

July 2012 and February 2013. The two calibrations are shown in Figure 2.3.

The result from Figure 2.3 may indicate a degraded column, but since

multiple standards have not been conducted at one time, there is no knowledge

of the uncertainty of the standard-making method, so no conclusive knowledge
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Table 2.2: Calibration curves for nitrite in the anion chromatography equip-
ment based from two separate calibrations.

calibration date ppm range m b r2

July 2012 1-50 6.78 ± 0.09 0.59 ± 0.29 0.9993
July 2012 0.1-2.5 7.57 ± 0.16 0.06 ± 0.024 0.9987
February 2013 2-30 7.74 ± 0.04 0.25 ± 0.09 0.9998
February 2013 0.3-2 8.31 ± 0.61 0.13 ± 0.09 0.9894

about the degradation of the column can be determined from just these two

standards.

The equations for each standard follow the form:

C = m× A+ b (2.1)

Where C is concentration in ppm and A is area in milli-absorbance

unit×minute.

The standard errors shown in Table 2.2 indicate that the slope difference

does not result from inaccuracies during dilution. The difference in slope

indicates a change in instrument performance. In particular, the poor r2 value

for the later dilute standard indicates an increase in the minimum detection

limit. Other errors in this standard can be created by initial measurement of

the stock solution.
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2.5 Other Solution Analysis

Methods were used to obtain the amine concentration and total inor-

ganic CO2 added to the system. The amine concentration involves a Metrohm

Titrando 835. Sulfuric acid at 0.1 M is added to a diluted solution sample

using an automatic titrator. A computer plots the pH as a function of amount

of acid added and determines the equivalence point. The final equivalence

point represents when all the amine has been protonated. The amount of acid

needed corresponds to the gravimetric concentration of amine according to

Equation 2.2.

Camine =
VacidMacid

msolution

(2.2)

The total inorganic carbon method determined the amount of carba-

mate, bicarbonate, carbonate, carbonic acid, and free CO2 in the solution. To

do this, a sample of solution, which is usually diluted one hundred times, is

injected into a solution of phosphoric acid. All the carbonate and carbamate

species are converted into free CO2 which is then carried by N2 gas into a

CO2 analyzer. Because the flowrate and temperature of the carrier gas may

change, standards were taken after each sample run using an inorganic carbon

standard from Ricca Chemical Company. To improve precision, triplicate mea-

surements of each sample were taken. More information about the titration

and total inorganic carbon method can be found in Freeman’s dissertation.[11]
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2.6 Calculations for Analysis

Determining reaction kinetics from the experimental data required theory-

based calculations. These enabled the reaction conditions at elevated temper-

atures and the pH of an unknown amine with CO2 to be estimated. It also

allowed for rate constants to be derived for each time series.

2.6.1 Rate Regression

Nitrosamine formation is first order in nitrite.[13] To discover the pseudo

first order rate constant, kobs, the natural log of nitrite concentration for the

five samples was plotted against time (shown in Figure 2.4). The opposite sign

of the slope represents kobs.

d[NO−
2 ]

dt
= kobs[NO

−
2 ] (2.3)

2.6.2 Predicting pKa at Elevated Temperatures

The pKa of amines changes with temperature according to van’t Hoff

equation.[1] This equation requires a pKa at a reference condition and an en-

thalpy of disassociation which were found from literature. For amine solutions

with CO2, the protonated amine and unprotonated amine buffer the solution.

The pKa change of the amine over the temperature range directly correlates

with the pH change of the solution measured at room temperature.

The solutions of PZ that were not conducted in a buffer used the Inde-
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Figure 2.4: kobs was found using a linear regression on statistical software.
This plot shows nitrite disappearance in 3 molal MEA loaded to 0.15 mol CO2

/ mol N.

Table 2.3: pKa and enthalpy of disassociation for amines used in estimating
pH change with temperature.

Amine pKa at STP ∆H (kJ/mol) source
MEA 9.498 50.52 [12]
PZ 9.731 42.89 [12]
DEA 8.883 42.08 [12]
MMEA 9.85 44.4 [14]
MDEA 9.498 50.52 [16]
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pendence model to predict nitrosation rates.[10] All other solutions and amines

utilized the method in this section.

2.6.3 Predicting pH in Amine-CO2 Solutions

Solutions of amines have various pH values at different temperatures.

Extensive models have been derived PZ and MEA.[10] However, models for

each potential amine cannot reasonably be developed, so a method for pre-

dicting pH of loaded solutions is necessary. One quick way to estimate the

pH of solutions of various amines with loaded CO2 only requires the pKa at

standard conditions, the standard enthalpy of disassociation, and the loading.

Using the Henderson-Hasselbalch equation and equations shown in Fig-

ure 1.2 and Figure 1.3, an estimation of the pH of a solution can be estimated

for loadings between 0.1 and 0.4 mol CO2/mol amine group.

pH = pKa + log(
α

1 − 2α
) (2.4)

pH = pKa + log(
α

1 − α
) (2.5)

Equation 2.4 shows the pH prediction for carbamate forming amines,

and Equation 2.5 shows the pH prediction for sterically hindered and tertiary

amines. α represents the loading in units of mol CO2/mole amine group.
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Chapter 3

Model Development

PZ was used for to develop the nitrosation model since most previous

work involved PZ characterization. The experimental set of data is shown by

Table 3.1. The rate is reported as kobs estimated from the data from each

experiment by Equation 3.1. This value is compared to the kobs estimated by

a global correlation using Equation 3.5. A significant rate of nitrite disap-

pearance was observed in 0.5-5 mol/dm3 PZ at 50-100◦C. The rate was also

measured in phosphate buffered solution at 135◦C at 0.1 mol/dm3 PZ.

The yield of N-nitrosopiperazine (MNPZ) is defined as the final MNPZ

over the difference in the final and initial nitrite. An average yield of 95±11%

was obtained for the 14 experiments discussed here. The high yield indicates

no major competing reactions consuming nitrite occur in the PZ solvent. This

value is slightly below unity because MNPZ decomposes at these reaction

conditions.[8]

Small, but quantifiable, amounts of N, N’-dinitrosopiperazine (DNPZ)

were found in various samples. However, the nitrite yield to DNPZ was less

than 1% under these conditions, so it is not a major product.[8]
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Table 3.1: Summary of PZ experiments. Between 6 and 10 mmol NaNO2 per
mol PZ was added to each sample. Total CO2 represents both physically and
chemically absorbed CO2. kobs is the observed first order rate constant for
nitrite disappearance from each experiment. Yield describes how much nitrite
formed MNPZ.

Temp PZ pH Total CO2 kobs (s−1 × 106) Yield
(K) (M) (at Trxn) (M) Exp. Model (%)
135 0.099 ± 0.004 7.85 ± 0.01a 0.040 ± 0.003 52 ± 6 44 ± 12 86
135 0.099 ± 0.004 7.37 ± 0.01a 0.040 ± 0.003 120 ± 10 133 ± 36 112
135 0.099 ± 0.004 7.58 ± 0.01a 0.040 ± 0.003 72 ± 4 81 ± 22 105
135 0.099 ± 0.004 8.04 ± 0.01a 0.040 ± 0.003 30 ± 2 28 ± 8 112
100 5.0 ± 0.2 9.09 ± 0.05b 1.00 ± 0.08 6.3 ± 0.2 6.9 ± 2.2 96
100 5.0 ± 0.2 8.72 ± 0.05b 2.13 ± 0.17 32 ± 1 35 ± 11 81
100 5.0 ± 0.2 8.36 ± 0.05b 2.94 ± 0.24 112 ± 4 111 ± 35 80
100 5.0 ± 0.2 7.69 ± 0.05b 4.14 ± 0.33 675 ± 26 733 ± 229 100
100 4.9 ± 0.2 8.30 ± 0.05b 3.05 ± 0.24 149 ± 3 132 ± 41 101
100 1.7 ± 0.1 8.22 ± 0.05b 1.07 ± 0.09 70 ± 3 56 ± 18 97
100 .48 ± 0.02 8.18 ± 0.05b 0.30 ± 0.02 13.7 ± 0.2 17 ± 5 94
100 4.29 ± 0.04 8.24 ± 0.01c 0.011 ± 0.001 3.2 ± 0.1 0.5 ± 0.1 82
80 5.0 ± 0.2 8.61 ± 0.05b 2.96 ± 0.24 13.3 ± 0.3 15 ± 4 76
50 5.0 ± 0.2 9.08 ± 0.05b 2.96 ± 0.24 0.43 ± 0.01 0.4 ± 0.1 99

aBuffered by 0.5 M phosphate adjusted by KOH. pH measured at room temperature and
corrected to reaction temperature

bpH at reaction temperature estimated by ‘Independence’ in Aspen Plus
cIncluded 2.5 M H2SO4, pH measured at room temperature and adjusted to reaction

temperature, not regressed in the model
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Figure 3.1: MNPZ formation in 5 M PZ loaded to 0.60 mol CO2/mol PZ at
80◦C. Curves calculated with kobs = 13 × 10−6s−1

3.1 Nitrite Dependence

MNPZ formation is first order in nitrite. Using a linear regression

derived from Equation 2, the average coefficient of determination for all piper-

azine experiments is 0.991. Figure 3.1 shows this first order dependence by

the apparent linear decrease of nitrite on a log scale.

The decrease in nitrite is associated with a stoichiometric increase in

MNPZ. The curves were calculated from the equation in the figure using a

rate constant, kobs of 13 × 10−6s−1. The slightly lower calculated MNPZ con-
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centration may result from MNPZ degradation, bias in the calibration curves,

or a yield less than one.

dMNPZ

dt
= kobs[NO

−
2 ] (3.1)

Using data similar to Figure 3.1, an observed first order rate constant,

kobs, was determined from the nitrite for 4 sets of reaction conditions. Exper-

iments were conducted with 5 M PZ with between 0.2-0.8 mol CO2/mol PZ,

with between 0.5-5 M PZ and 0.6 mol CO2/mol PZ, with 5 M PZ at lower

temperature, and with 0.1 M PZ in a phosphate buffer.

3.2 pH Dependence

Four experiments with equal bicarbonate and PZ and with different

proportions of monobasic and dibasic phosphate had a pH at room temperature

between 7.1 and 7.8. The van’t Hoff equation and thermodynamic data were

used to estimate the pH at reaction conditions.[12, 1] The pKa difference of

a monobasic phosphate buffer between the oven conditions (135◦C) and room

temperature is 0.17. This difference would correspond to a similar change

in pH for the four solutions because the solutions are in the range of the

phosphate buffer.

The pH measurements at room temperature were adjusted to account

for the increase in pKa of the buffer at 135◦C. Figure 3.3 demonstrates a first

order dependence of kobs on H+ concentration determined from the pH with a
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Figure 3.2: Varying pH in 0.5 M phosphate with 0.1 M PZ and a loading of
0.4 mol CO2/mol PZ. The H+ concentration is given by the negative log of
the pH.

coefficient of determination of 0.96.

From this analysis, the observed rate constants were normalized for pH

at the reaction conditions by defining k2 using the following equation:

dMNPZ

dt
= k2[NO

−
2 ][H+] (3.2)

The formation of nitrosamines, shown by Figure 1.6, indicates the pro-

duction of a basic product. Solutions without a phosphate buffer would still
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have a relatively stable pH because they contain two buffers: protonated and

unprotonated amine as well as protonated and unprotonated amine carbamate.

This natural buffering effect, along with the minimal concentration of nitrite

added, significantly reduces the potential change in pH during nitrosation of

the more concentrated amine solutions.

3.3 Carbamate Dependence

Previous work has suggested that CO2 plays a role in nitrosation of CO2

capture solvents. To test the effect of CO2, strong acid was added to match the

pH of solutions with and without significant quantities of CO2. A 4.3 M PZ

solution with 0.25 mol H2SO4/ mol PZ was heated to 100◦C to determine how

nitrosation occurs with low total CO2. The solution absorbed atmospheric

CO2 to a low loading of 0.002 mol CO2/mol PZ during solution preparation.

The kobs for this condition was 3.1 × 106s−1. This rate is significantly slower

than 112 × 106s−1, the rate in 5 M PZ with a loading of 0.6 mol CO2/mol PZ

heated to 100◦C. Despite the large rate difference, the pH difference between

the two experiments was only 0.12±0.06. Since the two solutions with different

amounts of carbamate resulted in large reaction rate differences, total dissolved

CO2 significantly catalyzes nitrosation.

To understand how absorbed CO2 affects nitrosation, the speciation of

CO2 inside PZ solution must be understood. All of the CO2 added to the sys-

tem can exist as physically absorbed CO2, bicarbonate, or as a carbamate with

PZ. In our experiments, the majority of CO2 exists as a carbamate. Since PZ
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contains two secondary amines, a PZ carbamate molecule can either contain an

unprotonated amine, a protonated amine, or a carbamate group on the other

amine group. These species are called PZ carbamate, protonated PZ carba-

mate, and PZ dicarbamate, respectively. At high pH and low total dissolved

CO2, PZ carbamate dominates. As more CO2 is added, the PZ carbamate

concentration starts to decrease and protonated PZ carbamate and PZ dicar-

bamate concentrations increase. When the total dissolved CO2 approaches the

amount of PZ, significant bicarbonate concentrations arise, but this condition

is not often seen in carbon capture systems with PZ. More information about

speciation can be found in previous literature.[19, 9]

To discover which species containing CO2 are reactive, the authors used

the Independence thermodynamic model in Aspen Plus to calculate the pH

and speciation of 7 solutions heated to 100◦C.[10] From this, the k2 for each

set of solutions was determined from Equation 3.2. A rate constant, kt, was

defined to determine the species that catalyze nitrosation along with the order

of concentration dependence.

kt =
k2

[Cspecies]α
(3.3)

Table 3.2 lists each species analyzed in the 7 experiments at 100◦C. For

each species in Table 3.2, an order of reaction was found that resulted in the

smallest relative standard deviation between the 7 experiments, representing

the best correlation between reaction rate and the species concentration.
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Table 3.2: Reaction dependence on different carbamate species. Total dis-
solved CO2 represents all CO2 added to the system. Relative standard devia-
tion of kt for 7 experiments found using Equation 3.3.

Carbamate Species Optimized α Relative standard
deviation of kt
with optimized α

Relative standard
deviation of kt
with α=1

Physically Dissolved CO2 0.30 0.50 1.46
Bicarbonate 0.50 0.51 0.94
PZ carbamate 0.00 o.74 0.91
Protonated PZ carbamate 0.77 0.19 0.30
PZ dicarbamate 0.39 0.37 1.32
Total CO2 as carbamate 0.87 0.22 0.28
Total dissolved CO2 1.09 0.17 0.18

The high errors associated with the individual carbamate species is

likely due to multiple carbamate species participating in nitrosation. Multi-

ple PZ carbamate species can catalyze nitrosation as long as the two amine

groups on PZ function semi-independently. Previous research indicates that

protonation of the inactive nitrogen on PZ does not make the other nitrogen-

containing group unreactive.[4] The ability for multiple carbamate groups to

participate in reaction would explain why none of the individual carbamate

species had both an order of reaction similar to stoichiometric orders of reac-

tion (0.5, 1, 2) and a low relative error. The total carbamate species correlated

better than any particular carbamate species because of this additive affect.

Since the different carbamate species are likely to have slightly different rate

constants, there is some error associated with using the sum of all carbamate

species. However, uncertainties in the speciation model prohibit any meaning-

ful analysis on the individual carbamate rate constants.
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Figure 3.3: Reaction rate dependence on total dissolved CO2 in 0.5, 1.7, and
5 M PZ with 0.6 mol CO2/mol PZ and 5 M PZ with 0.1, 0.2, 0.3, 0.8 mol
CO2/mol PZ.

The total dissolved CO2 is a practical way to determine total carbamate

concentration in most solutions since physically dissolved CO2 and bicarbonate

are only present at low concentrations. Figure 3.3 demonstrates this practical

correlation in experiments with 0.5 to 5 M PZ over a range of loadings.

Using the effect of carbamate, Equation 3.4 represents a simplified rate

equation which agrees with the experimental data.

dMNPZ

dt
= k3[NO

−
2 ][H+][R2NCOO

−] (3.4)
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R2NCOO− corresponds to the carbamate species in the solution, but

it is calculated using the total amount of CO2 added per volume solution. As

long as the moles of CO2 are fewer than the moles of PZ, this approximation

will hold. With more CO2 than PZ, significant levels of bicarbonate form.

3.4 Temperature Dependence

Nitrosation is faster at higher temperature. Two effects cause this

change: there is more thermal energy to overcome the activation energy, and

the pH decreases with temperature due to the temperature dependence of the

pKa of PZ. After normalizing the rate constant for the pH and total CO2, the

activation energy was determined to be 80 ± 2 kJ/mol (Figure 3.4).

3.5 Kinetic Model

Using the temperature dependence and Equation 3.4, a model for MNPZ

formation can predict nitrosation of PZ by aqueous nitrite in the presence of

CO2. All of the k3 values, except the experiment with added sulfuric acid,

were normalized to 100◦C and averaged to obtain the preexponential factor,

k3,avg ≈ 8.6 × 103 ± 1.1 × 103 M−2s−1.

dMNPZ

dt
= k3,avge

Ea
R

( 1
373K

− 1
Texp

)
[NO−

2 ][H+][CO2added] (3.5)

The CO2 loading should be less than 1.0 mol/mol PZ for this model to

accurately predict kinetics. This model might not be applicable in the presence
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Figure 3.5: The k1,model for each experiment was obtained from the model using
Equation 3.6. The line indicates perfect agreement between experimental and
predicted data. The acid experiment was not regressed.

of significant amounts of formaldehyde which can also catalyze nitrosation at

similar conditions as CO2.[3] Previously published data on the pH of PZ can

be used to determine the hydrogen ion concentration.[10] Using Equation 3.1

and Equation 3.5, a predicted first order rate constant, k1,model was derived.

k1,model = k3,avge
Ea
R

( 1
373K

− 1
Texp

)
[H+][CO2added] (3.6)

Figure 3.5 shows how the observed first order rate constants, kobs, com-

37



pare to predicted first order constants, k1,model, from Equation 3.6. In this

figure, the acid experiment with minimal CO2 shows significantly higher rate

than the model predicts. This indicates that at low carbamate concentrations,

a different nitrosation reaction may dominate.
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Chapter 4

Amine Comparison

This chapter expands on the model presented in chapter 3 by explain-

ing and comparing the reaction kinetics of a primary, a tertiary, and various

secondary amines. Two possible mechanisms are proposed followed by the

overall thesis’s significance and future directions.

4.1 Nitrite Consumption in Primary Amines

Experiments were conducted to see if MEA nitrosation kinetics were

comparable to PZ. To accomplish this, four solutions were created at MEA

concentrations of 7 and 3 molal with loadings of 0.2 and 0.4 mol CO2/mol

MEA. These solutions were heated between 100◦C and 135◦C.

After unloading the cylinders, a slight fizzing sound indicated that the

cylinders increased in pressure from when they were loaded. This observation

was followed by the formation of bubbles within the amber storage vials. These

observations occurred because of N2 formation from the decomposition of a

primary nitrosamine as shown in Figure 1.7.

Since the MEA nitrosamines degraded during the reaction timespan,

the reaction rate was determined by the disappearance of nitrite in the sam-
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ple. This may lead to some inaccuracies in the reaction rate due to potential

side reactions. However, the nitrite disappearance appeared clearly first or-

der with a coefficient of determination of 0.997, and the presence of bubbles

indicated that primary nitrosamines were a primary product, so the nitrite

disappearance results are indicative nitrosation of MEA.

A first order rate constant, kobs, was derived for nine experiments of

MEA. This value was then regressed for the predicted pH at reaction condi-

tions and the total amount of dissolved CO2. As done in section 3.5, all the

experiments with MEA were regressed together. These experiments gave an

activation energy of 81 ± 6 kJ/mol and preexponential constant of 560 ± 110

M−2s−1. The activation energy is comparable to PZ, but the preexponential

constant is over 10× smaller than PZ, so MEA will likely react with signifi-

cantly less nitrite than PZ when mixed.

Since the nitrosamine formed by MEA decomposed significantly during

the experimental runs, the amount of nitrite disappearance does not directly

correlate with the amount of nitrosamine in the system. Equation 3.5 was

generalized to remove the concentration of nitrosamine.

r = k3,avge
Ea
R

( 1
373K

− 1
Texp

)
[NO−

2 ][H+][CO2added] (4.1)

Figure 4.1 indicates an good fit between the model developed for PZ

and the MEA reaction rates. This factor supports the notion that both PZ

and MEA undergo a similar reaction mechanism.
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Figure 4.1: The predicted rate constant for MEA using Equation 3.6 and an
activation energy of 81 kJ/mol correlates well with the experimentally observed
rate constant.
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4.2 Nitrosamine Formation in Tertiary Amines

As mentioned in subsection 1.5.3, tertiary amines are unable to form

carbamate, so they likely undergo a different reaction mechanism than primary

or secondary amines. To test if tertiary amines nitrosate using the same rate

law, an experiment was conducted to see the affect of carbonate species while

holding pH and temperature constant.

To obtain the reaction conditions required, a solution of MDEA (see

Figure 1.5 for structure) and water at approximately 1.4 mol MDEA/kg so-

lution was prepared. Potassium bicarbonate was then added to half of the

solution to artificially alter the concentration of CO2 species without a signif-

icant change in pH.

The solution with bicarbonate started forming a white salt after the

addition of sodium nitrite at room temperature. The solution was decanted

during the first four days after preparation. Salt formation decreased signif-

icantly over the 4 days and did not accumulate enough to form a complete

layer on a 4 cm diameter vial. The salt composition likely involved sodium

carbonate, but no composition analysis was conducted.

The pH after the salt formation of the bicarbonate and bicarbonate free

solution were 8.878 and 8.882, respectively. Likewise, the amine concentration

for both solutions 1.431 and 1.434 mol MDEA/kg solution respectively. Us-

ing total inorganic carbon analysis, the amount of carbamate species in the

bicarbonate free solution was 0.0003 mol CO2/mol MDEA while the solution
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Figure 4.2: Rate constants of MDEA without CO2 taken into account (left)
and with regression for pH and inorganic carbon (right)

with bicarbonate had 0.16 mol CO2/mol MDEA. The solutions were heated

to 120◦C for 6 hours. Figure 4.2 shows the observed reaction rates of both

solutions with the third order rate constants, k3, similar to those for PZ and

MEA analysis. The third order rate constant was found in a similar manner

to PZ.

k3 =
kobs

[H+][CO2species]
(4.2)
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Figure 4.2 shows that the kobs of the bicarbonate loaded solution was

three times the kobs of the solution without bicarbonate added. This difference

cannot be attributed to a catalytic affect of bicarbonate since the concentra-

tion of bicarbonate was over 500 times higher in the solution with added

bicarbonate.

Two potential effects can explain the difference in kobs. The less sig-

nificant explanation involves the CO2 species catalyzing nitrosation of sec-

ondary amine impurities within the solution. Due to safety concerns with

nitrosamines, only enough nitrite to correspond with less than 2% nitrosa-

tion of amines is used. Since the purity on a mass basis of the MDEA used

was rated as greater than 99%, there is a possibility that some nitrosation of

secondary impurities increased the reaction rate. The nitrite disappearance

had a coefficient of 0.995 indicating an acceptable first order fit, but a slightly

steeper slope in the initial samples supports that impurities may have played

an effect.

Another possible reason for the reaction rate difference involves the

pKa shift of MDEA and bicarbonate with increasing temperatures. Since

the solution was not buffered, the analysis explained in subsection 2.6.2 can

not predict the pH. However, at reaction conditions the pKa of MDEA is 6.5

while the pKa of carbonic acid is 6.0.[16, 1, 2] In this situation, significant

bicarbonate would be protonated to form carbonic acid and aqueous CO2.

This reaction would leave more unprotonated MDEA, leading to a smaller

drop in pH with temperature for the bicarbonate solution. This basic analysis
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does not account for changes in activation energy which may result in a more

acidic solution.

The differences in kobs are insignificant when compared to the k3 values

shown in Figure 4.2. When normalizing for the amount of CO2 in the solution,

rate constants diverged for the two experiments, indicating that first order

CO2 does not fit MDEA. From these experiments, tertiary amines are not

dependent of existance of carbonate compounds, so they fit a different rate

law than secondary and primary amines amines.

Using a total nitrosamine analysis currently being developed, the ni-

trite disappearance in MDEA corresponds with nitrosamine formation. Fur-

ther kinetic studies are necessary to understand which nitrosamine forms and

the mechanism of formation. This analysis supports the use of nitrite disap-

pearance to study amine reaction rate even for amines that do not nitrosate

readily.

4.3 Nitrosamine Formation in Secondary Amines

To better understand the mechanism of nitrosation and to obtain useful

data for other secondary amines in carbon capture, experimental tests similar

to those in section 4.1 were conducted for both DEA and MMEA.

4.3.1 Diethanol Amine

Diethanol amine (DEA) is very similar to MEA; it just contains an

extra ethanol substituent on the amine group. DEA was tested to both show
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Figure 4.3: The predicted rate constant for DEA using Equation 3.6 and an
activation energy of 60 kJ/mol correlates well with the experimentally observed
rate constant.

the effect of the additional ethanol substituent and since DEA occurs in the

production of MEA.

The experimental set for DEA included 9 experiments ranging from 3-7

molal DEA with 0.18-0.42 mol CO2/mol DEA heated between 60-120◦C. The

kobs for each set of conditions was normalized for pH and amount of CO2. This

data gave an activation energy of 60±3 kJ/mol and a preexponential factor of

19 × 103 ± 3 × 103 M−2s−1. This activation energy is about 25% less than Ea

for PZ or MEA, and the k3,avg is significantly higher than both PZ and MEA.
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Figure 4.3 shows a good correlation between the model and experimen-

tal rate. Comparing structure and reactivity is difficult between DEA and PZ

because of the multiple differences in the molecular structures including cyclic

or linear structures and presence of different electronegative groups.

4.3.2 Methylethanol Amine

To further clarify the structure property relationship in nitrosation of

secondary amines, methylethanol amine (MMEA) was chosen since it replaces

an ethanol group in DEA with a methyl group, reducing the electronegative

pull of electrons from the nitrogen.

The experimental set for MMEA involved 8 experiments ranging from

1-5 molal MMEA with 0.19-0.38 mol CO2/mol MMEA heated between 60-

120◦C. The kobs for each set of conditions was normalized for pH and amount

of CO2.

This data gave an activation energy of 61 ± 4 kJ/mol and a preex-

ponential factor of 16 × 103 ± 2 × 103 M−2s−1. This activation energy and

preexponential factor is comparable to the that of MMEA. This indicates that

the methyl subsituent does not change reaction kinetics significantly when

compared to an ethanol group. The primary difference between the rate of

formation between MMEA and DEA depends on the difference in pKa be-

tween the two amines. However, when mixed in the same solution, the pH

that each amine experiences would be identical.
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Figure 4.4: The predicted rate constant for MMEA using Equation 3.6 and an
activation energy of 61 kJ/mol correlates well with the experimentally observed
rate constant.
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4.4 Rate Comparison

From the five amines studied, four accurately fit the model, so the

rates of nitrosation of the various amines can be compared. By comparing the

activation energy and reaction rate constants at 100◦C, the affects of structure

on reactivity can be determined. In addition, comparing amines at particular

reaction conditions highlights the relative rates of nitrosamine formation of

various amine solutions.

4.4.1 Activation Energy and Preexponential Factor

Figure 4.5 and Figure 4.6 compare the activation energy and average

preexponential factor normalized to 100◦C. The large similarity between DEA

and MMEA indicates that the electronic withdrawing of the alkanols in DEA

do increase reactivity (shown by the k3,avg) but not significantly. PZ, as a cyclic

molecule without alkanols, has a lower reactivity than both DEA and MMEA.

The increased activation energy of PZ than the other secondary amines indi-

cates some hindrance toward nitrosation potentially caused by steric affects of

the cyclic structure.

4.4.2 Formation Rates at Conditions

Comparing the k3,avg is a poor indication of reaction rate since different

amines give different solution pH and require different optimal loadings. The

relative reaction rates shown in Figure 4.6 would apply best to amine blends

since all the rates are normalized for pH. However, potential inaccuracies would
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Figure 4.5: The activation energies for DEA and MMEA, two secondary alka-
nol amines , are 25% smaller than those of MEA, a primary amine, and PZ, a
cyclic secondary diamine.
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Figure 4.6: The preexponential factor normalized to 100◦C, k3,avg, for MEA,
a primary amine, is significantly lower than the three secondary amines.
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Figure 4.7: This graph shows the first order rate constants, k1, at 120◦C for
an amine concentration of 1.4 M loaded to 0.16 mol CO2/mol amine group.

result from unequal formation of carbamate between different components.

Using predicted pH from subsection 2.6.3, the four amines were com-

pared based on the pH they would produce at the same loading. Under these

conditions, PZ holds twice the CO2 than other amines since it has two amine

groups. Figure 4.7 shows the first order reaction rate constants from this anal-

ysis. DEA shows a significant increase in reactivity when compared to the

other amines since it has a low pKa, so it produces a more acidic environment.
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4.5 Reaction Mechanism

Any valid reaction mechanism for unhindered primary and secondary

amines must explain both the rate law and the increased reactivity of amines

with less electron density. Two proposed mechanisms both include a nucle-

ophilic attack of the carbamate carbon by nitrite, but differ in the degree of

protonation and the number of steps required.

Figure 4.8 displays a mechanism which correlates with the experimen-

tal data. Step 1 is an equilibrium acid-base reaction. Since the pKa of the

carbamate functional group is less than the pH of a typical solvent solution,

the equilibrium would lie toward the unprotonated carbamate.[10, 5] Step 2

indicates a nucleophilic attack on the carbonyl group by the nitrite ion, and is

the rate limiting step based on theoretical calculations.[22] This reaction would

be easier the less electron density exists on the carbamate carbon. Step 3 in-

cludes the reformation of the carbonyl group accompanied by the formation

of the N-nitrosamine bond in one concerted step.

Figure 4.9 shows an alternative mechanism that also explains exper-

imental trends. The initial reactant shown is a protonated carbamic acid
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compound. This is favorable to balance the negative charge created from ni-

trite attachment. The first step involves the oxygen of nitrite attaching to

the electrophilic carbamic acid. Just like the alternative mechanism, a greater

reactivity would be achieved by having less electron density on the carbamic

acid. The next two steps, 2 and 3, involve the formation of a nitrosonium

ion and reattachment to the amine. The result from these steps is a proto-

nated nitrosamine. These two steps essentially cover what occurs in step 3

in the previous mechanism. The final step involves the deprotonation of the

nitrosamine to yield the product.

Both of these mechanisms show a first order dependence on hydrogen

ions, carbamate, and nitrite while having increased reactivity as less electron

density occurs around the carbamic acid. The differences highlight uncertainty

as to how the reaction proceeds exactly.

4.6 Broader Impact

This research improved the understanding of nitrosamine formation in

carbon capture by discovering a rate law, developing a model, and screening

reactivity of various amines to discover reaction rates. The experiments con-

firmed that CO2 catalyzes nitrosation for primary and secondary amines. The

low reactivity of MEA, while still following the the secondary amine rate law,

indicates a larger barrier to reactivity. The increased reactivity of amines with

less electron density can help predict reactivity of other amines. Finally, the

proposed mechanisms give a fundamental understanding to this reaction.
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After understanding nitrosation, an emphesis on mitigating this reac-

tion is necessary in carbon capture facilities. The formation of nitrosamines in

carbon capture can be reduced through the use of nitrite scavengers or amine

blends. Nitrite scavengers could prevent nitrosation, but most act through ir-

reversible reactions. The scavenger products would accumulate in the solvent

and lower the absorption performance. Using PZ blended with a primary or

tertiary amine is another possibility to prevent nitrosamine formation because

the primary amines do not form stable nitrosamines and tertiary amines re-

sist nitrosation since an iminium ion is necessary.[7, 21] Significant work has

already been conducted to study the performance of amine blends, but little

research exists on the formation of nitrosamines in these blends.

The low reactivity of primary amines creates a challenge on mitigating

nitrosamine formation. Using a blend which preferentially forms a carbamate

with the primary amine could prevent the formation of stable nitrosamines,

since nitrosamines from primary amines are unstable. Using the reactivities

of PZ, MMEA, and DEA, the reactivities of other amines can be estimated

based on the electron density of the amine functional group.

Another possible way to mitigate nitrosamine concentration is to cause

denitrosation. Previous experiments indicate that nitrosamines thermally de-

grades at stripper temperature in carbon capture processes with no increase in

equipment costs.[8] Another possibility for denitrosation includes UV degrada-

tion, though the opaque nature of degraded solvents would lower the efficiency

of this method.[20]
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In summary, nitrosation is a critical problem since it will hinder the ap-

plication of amine scrubbing in carbon capture. Nitrite that forms from solvent

absorption of NOx will react with amines, especially at stripper conditions, to

form nitrosamines. The kinetics for nitrosation in carbon capture conditions

will be helpful when designing a system to minimize nitrosamine formation

from nitrite. The various amines studied indicate the important factors of

reactivity. Both mechanisms give a range of molecular reaction possibilities

for the chemistry behind nitrosation in amine scrubbing.
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