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Abstract 
 

Synthesis and Characterization of Alkylamine-Functionalized  
Metal-Organic Frameworks as Adsorbents for Carbon Dioxide 

 
by 
 

Thomas Michael McDonald 
 

Doctor of Philosophy in Chemistry 
 

University of California, Berkeley 
 

Professor Jeffrey R. Long, Chair 
 

The work herein describes an investigation of metal-organic frameworks as 
adsorbents for selectively removing carbon dioxide (CO2) from low-pressure gas 
mixtures. Metal-organic frameworks are permanently porous, crystalline solid phase 
materials composed of organic molecules connected together by metal-based nodes into 
ordered structures. Generally exhibiting very high gravimetric surface areas, the pore 
surfaces of metal-organic frameworks can be rationally designed to allow for highly 
specific interactions between the adsorbent and guest species. Through chemical 
modifications of the pore surfaces, metal-organic frameworks were designed to adsorb 
CO2 over other small molecules. 

Chapter 1 begins with background information on carbon capture and 
sequestration (CCS) and the role it can potentially play in slowing anthropogenic CO2 
emissions. An analysis of desirable metal-organic frameworks properties is presented 
along with a summary of the most significant work in the field of developing new metal-
organic frameworks as CO2 adsorbents. Finally, a summary of amine-functionalized solid 
adsorbents that have directly influenced the synthesis and characterization methods 
reported in this investigation is presented. 

Chapter 2 reports the synthesis and characterization of the metal-organic 
framework mmen-CuBTTri. At the time it was first synthesized, mmen-CuBTTri 
exhibited some of the best CO2 adsorption properties of any metal-organic framework, 
including the highest selectivity for CO2 over N2 yet measured. The sorbent was the first 
to demonstrate that aliphatic amines could significantly improve the CO2 adsorption 
properties of metal-organic frameworks with open metal sites. Furthermore, despite an 
enthalpy of CO2 adsorption of nearly –100 kJ/mol at zero coverage, it was shown that the 
sorbent could be effectively cycled with modest temperature swings. 

Chapter 3 reports the original synthesis and characterization of mmen-
Mg2(dobpdc). Utilizing the same diamine as the sorbent in Chapter 2, it was 
demonstrated that the nature of metal-organic framework support, and not just the amine 
functional groups, affects the CO2 adsorption properties. In this case, the high density of 
amines within the pores resulted in a material that could effectively remove CO2 at very 
low concentrations; it was the first metal-organic framework studied for its ability to 
remove CO2 directly from air. Furthermore, mmen-Mg2(dobpdc) was the first amine-
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functionalized solid sorbent to exhibit steps in its pure component CO2 isotherm. Finally, 
it was shown that the adsorption properties of the material, especially the regeneration 
energy, make it competitive with aqueous amine solutions. 

Chapter 4 builds upon the work of Chapter 3. The adsorption mechanism of 
mmen-Mg2(dobpdc), which was studied by infrared spectroscopy, solid state NMR 
spectroscopy, and in situ powder X-ray diffraction measurements was revealed to be a 
previously unprecedented cooperative insertion mechanism. The origin of the unusual 
isotherm steps was revealed to be a phase transition of the amines attached to the pore 
surface. In Chapter 4, a method of controlling the position of isotherm steps is described. 
Finally, the superior carbon capture characteristics of phase change adsorbents are 
enumerated.  

Chapter 5 is a departure from the previous chapters and describes a simple and 
convenient method of utilizing a commercially available thermogravimetric analyzer to 
assess the porosity and activation conditions of metal-organic frameworks. The 
importance of identifying proper activation is discussed and a suggested protocol for 
researchers to use is given. Lastly, the ability of the method to improve the reported gas 
adsorption properties of the metal-organic framework Mn-BTT is reported. 
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Chapter 1: Metal-Organic Frameworks as Adsorbents for Carbon Dioxide 
 
1.1 Introduction 
 

Carbon dioxide is a minor component of the Earth’s atmosphere, presently only 
395 ppm.1 However, the unrestrained combustion of carbon based fuels since the dawn 
on the Industrial Revolution has resulted in the release of vast quantities of stored carbon 
and has contributed significantly to the 120 ppm increase in the concentration of CO2 in 
the Earth’s atmosphere that has been observed over the past few centuries.2 In 2010, the 
world consumed nearly 17 TW of energy and this number is expected to rise by 37% by 
2040 as the energy usage by both developed and developing countries further increases.3 
While energy use is an essential ingredient for development, unrestrained emissions of 
CO2 have the potential to drastically and perhaps irreversibly change the chemistry of the 
atmosphere and oceans. 

The dual threats of climate change2 and ocean acidification4 require us to 
transform our civilization into one that is not primarily reliant upon fossil fuels for energy 
production. While the transition of energy production from carbon-based sources to 
cleaner alternatives, including wind, solar, hydrothermal, and geothermal power stations, 
is accelerating, significant technical and financial hurdles remain. Owing to the 
abundance, reliability, cost, and convince of using coal, oil, and natural gas as energy 
sources, fossil fuels will likely continued to be utilized as society’s primary sources of 
energy and heat for the foreseeable future.3 However, the CO2 emissions that will results 
from our projected use of fossil fuels will likely have significant and potentially 
devastating effects on the Earth’s climate.2 While much of the world’s CO2 is produced 
by small, distributed sources, over 60% of total CO2 emissions result from stationary 
combustion of fossil fuels for industrial applications, electricity generation, and heat 
production.5 Thus, the development of technologies that can potentially allow for fossil 
fuels to be utilized for energy production, yet not release CO2, can potentially allow us 
dramatically reduce our CO2 emissions over the coming decades. Because carbon capture 
and sequestration (CCS) technologies have the potential to abate large quantities of CO2 
emissions in the very near future, CCS can function as a bridge between a future 
economy reliant upon clean sources of energy and today’s society that is heavily reliant 
upon fossil fuels.6 
 
1.1.1 Stationary Sources of Carbon Dioxide 

 
As shown in Figure 1.1, CO2 from fossil fuel combustion accounts for more than 

half of all anthropogenic greenhouse gas emissions.2 In 2011, the combustion of coal 
alone was responsible for more than nine gigatons of CO2.5 Natural gas, the second 
largest contributor, is responsible for approximately 20% of CO2 emissions from 
electricity and heat sources. However, natural gas is quickly becoming the fuel of choice 
for stationary power production owing its low fuel cost and substantially lower emissions 
of harmful pollutants including CO2, SOx, NOx, and heavy metals (especially mercury, 
arsenic, and selenium).5 
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Coal is the most carbon intensive fuel regularly combusted for energy. Lignite 
coal generates approximately 1005 kg CO2 per MWh.5 In comparison, natural gas 
generates only 400 kg CO2 per MWh, making it the least carbon intensive fossil fuel. The 
carbon intensity of the fuel source directly corresponds to the concentration of CO2 
present in the resultant flue gas. Thus, while the concentration of CO2 in coal flue gas is 
generally 12-15%, natural gas flue gas contains only 4-5% CO2 by volume. 
 
1.1.2 Carbon Capture and Sequestration 
 

Currently, there is significant interest in adopting carbon capture and 
sequestration (CCS) technologies as a CO2 abatement strategy.7 CCS involves the 
selective removal of CO2 from the waste gases, the compression of CO2 to the 
supercritical fluid phase, transportation to an injection site, and finally permanent 
subterranean or submarine storage. Owing to the difficultly of removing only the CO2 
component of a gas mixture, the selective removal of CO2 is the most expensive 
component of the CCS process.8 

There are three generally recognized methods of accomplishing the carbon 
capture portion of CCS, summarized in Figure 1.2.9 For post-combustion capture, fossil 
fuels are burned using regular air as the oxygen source and CO2 is removed directly from 
the flue gas; the primary separation challenge thus becomes removing CO2 from a high 
concentration of N2. For pre-combustion capture, the fuel source is converted into 
combustible H2 and CO2 is removed prior to combustion such that the sole product of 
combustion with air is water. For oxy-fuel capture, fossil fuels are burned using O2 
diluted in CO2. The O2 for such a process is first separated from air and CO2 and H2O are 
produced as the only products of combustion. 

Pre-combustion and oxy-fuel technologies are considered to be among the most 
promising methods for constructing future fossil fuel power stations. However, for the 
large number of existing power plants, a retrofit to enable post-combustion CO2 capture 
is the likeliest process configuration. In this design, fuel is burned in air and CO2 is 
removed from the effluent. For coal-fired power plants, the largest flue gas components 

 
Figure 1.1 Global greenhouse gas emission sources in 2004 of which CO2 accounts for 
approximately 77% of total emissions.2 Permitted reproduction of Reference 9. 
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by volume are N2 (70-75%), CO2 (12-15%), H2O (5-7%) and O2 (3-4%), with total 
pressures near 1 atm and temperatures between 40 and 60 °C. Coal power plants are 
generally considered to be the most promising initial target for CCS because the 
significantly greater concentration of CO2 in the flue gas results in a lower cost of capture 
per kg of CO2 abated. Furthermore, as the single largest stationary CO2 source, abating 
only coal CO2 emissions would have a significant impact on total anthropogenic CO2 
emissions. 
 
1.1.3 Carbon Capture Process Configurations 
 

For any carbon capture process to be cost-effective, CO2 sorbents must be 
recycled tens of thousands of times with minimal degradation. Sorbent regeneration is 
generally accomplished by either a pressure swing adsorption (PSA) process or 
temperature swing adsorption (TSA) process (Figure 1.3).9 

In a PSA process, gases at high pressures are exposed to fresh sorbent. The gases 
that are strongly adsorbed by the sorbent will remain in the bed while the gases that are 
weakly adsorbed will pass through the bed and elute first. For a gas mixture, gases with 
larger dipole or quadrupole moments and greater polarizability values will be 
preferentially adsorbed. Table 1.1 lists the kinetic diameters, dipole moments, quadrupole 
moments, and polarizability values of the most important components of coal flue gas.10-

11 The quantity of each gas adsorbed is dependent upon the affinity of the gas for the 
adsorbent surface and the partial pressure of the gas in the mixture. For all carbon capture 
adsorbents, CO2 is preferentially adsorbed over N2. Once the bed is saturated with CO2, 
the pressure of the bed is lowered to atmospheric pressure or potentially evacuated under 

 
Figure 1.2 Flow charts indicating the three primary methods of capturing CO2 from fossil 
fuel power plants. The main separation required for each process is indicated in 
parentheses below each of the headings. Permitted reproduction of Reference 9. 
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vacuum conditions. As the pressure of the bed is reduced, gases desorb from the bed and 
are collected as a CO2 rich stream.  

In a TSA process, the CO2 in flue gas is preferentially adsorbed onto the 
adsorbent at low temperatures and ambient pressures over more inert flue gas 
components. To maximize sorbent and process efficiency, the lowest possible adsorption 
temperature is utilized, which is generally considered to be 40 °C for flue gas. As the 
CO2 rich adsorbent is heated, CO2 is desorbed and captured as a separate stream. For the 
amine absorbents that are typically utilized for CO2 scrubbing applications, discussed 
below, regeneration temperatures between 120 and 150 °C are typical. The optimum 
regeneration temperature for liquid amine absorbents is typically dictated by sorbent 
stability more than overall process or energy efficiency. 

A TSA process is generally thought to be more efficient than a PSA process for 
post-combustion carbon capture for three primary reasons. First, steam provides a 
convenient and relatively cheap source of heat for thermal sorbent regeneration. Second, 
the low fraction of CO2 in flue gas means that the overwhelming majority of the electrical 
energy utilized for compression is wasted to pressurize gas that is not adsorbed by the 
bed. Third, the low concentration of CO2 in flue gas would significantly limit the purity 
of CO2 captured in the void spaces of a traditionally designed PSA bed. 

 
Figure 1.3 Schematic diagrams of idealized temperature swing adsorption (TSA) and 
pressure swing adsorption (PSA) processes for regenerating solid adsorbents in a fixed-
bed reactor. Permitted reproduction of Reference 9. 

molecule kinetic 
diameter 

(Å) 

polarizability 
(10–25 cm–3) 

dipole 
moment 

(10–19 esu–1 
cm–1) 

quadrupole 
moment 

(10–27 esu–1 
cm–1) 

N2 3.64 17.4 0 15.2 
O2 3.46 15.8 0 3.9 

H2O 2.65 14.5 18.5  
CO2 3.30 29.1 0 43.0 

 
Table 1.1 Physical parameters for gases relevant to post-combustion CO2 capture from 
coal flue gas.9-11 
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However, the use of steam for sorbent regeneration in TSA processes has a 
number of significant disadvantages. In a thermal power plant, the primary purpose of 
steam is to drive a turbine connected to a generator that produces electricity. During 
sorbent regeneration, large amounts of valuable steam must be diverted from electricity 
production. Thus, one of the primary costs of carbon capture is the reduced electrical 
output of the plant following implementation of any carbon capture technology. To 
minimize this parasitic energy loss, it is essential that new technologies be developed that 
minimize the impact that the CO2 capture process has on the overall steam cycle of the 
power plant.8 Thus, any material or process that can substantially reduce the amount of 
energy required for CO2 to be captured has the potential to reduce the cost of carbon 
capture substantially. 
  
1.1.4 Aqueous Amine Absorption Technologies 
 

For post-combustion capture, aqueous solutions of strongly basic aliphatic amines 
are currently the most viable technology for carbon capture under the aforementioned 
conditions.12 The basic design of acid gas scrubbers has been around for nearly a 
century.13 Amine scrubbers are currently used on the industrial scale to remove CO2 from 
commodities, most notably natural gas. While a number of improved amine mixtures are 
commercially sold, 30% monoethanolamine (MEA) in water is the benchmark solvent 
against which competing technologies are generally compared. The low solvent cost and 
proven effectiveness makes MEA an attractive absorbent for many applications. 
However, if MEA were to be utilized for carbon capture from coal flue gas, electricity 
prices are projected to increase by 86%.8 The U.S. Department of Energy has targeted a 
maximum 35% increase for the cost of electricity produced from a coal power plant that 
captures 90% of the CO2 it generates. 

Liquid amine absorbents are regenerated using a TSA process, and absorb CO2 
via a chemical absorption mechanism.13 For primary and secondary amines, at low 
temperatures ammonium carbamate species are formed. Zwitterionic ammonium 
carbamates are unstable in contrast to charge-separated ammonium carbamates, so proton 
transfer to form an ion pair is essential (Figure 1.4). Thus, amine absorbents require that 

 
Figure 1.4 Reaction of CO2 with monoethanolamine (MEA) to give a carbamate product 
(upper), and the corresponding reaction with triethanolamine (TEA) resulting in a 
bicarbonate species (lower). Permitted reproduction of Reference 9. 
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two moles of amine be used to capture a single mole of CO2. In contrast, tertiary amines 
bind CO2 through ammonium carbonate formation involving a mole each of tertiary 
amine, CO2, and H2O. However, the rate of reaction between tertiary amines and CO2 is 
significantly slower than the reaction rate for primary or secondary amines. Thus, despite 
the improved stoichiometry associated with using absorbents based upon tertiary amines, 
tertiary amine sorbents must be made as mixtures with primary or secondary amines to 
accelerate reaction kinetics.12 

The use of aliphatic amines is necessary for carbon capture because aromatic 
amines lack sufficient basicity for carbamate formation to be favorable. The pKa values 
of ammonium complexes can help explain the basicity differences between different 
classes of amines. Table 1.2 lists the pKa values for selected ammonium complexes.14 
Note that the conjugate acids of pyridine and aniline are significantly more acidic than 
the conjugate acids of benzylamine or ethylamine.  

The primary advantage of amine scrubbers is the very high selectivity of the 
system for CO2 over other gases. The primary disadvantage of amine scrubbers is the 
very large absorbent regeneration energy. Regeneration energy has two primary 
components. 

The sensible energy components include all of the energy costs associated with 
heating the absorbent solution to its regeneration temperature. Owing to the use of heat 
exchangers, a significant portion of the sensible energy put into liquid bed can be 
recovered.12 However, the use of water diluent increases significantly the heat capacity 
and volume of material that must be heated and cooled during each cycle. 

The latent energy component includes the heat required to desorb the CO2 from 
the solution during regeneration. The high heat of adsorption actually benefits the overall 
process because the quantity of CO2 adsorbed as a function of temperatures changes more 
dramatically in adsorbents that exhibit high heats of adsorption. However, the greatest 
inefficiency of the system is a second latent enthalpy transition, namely the boiling of 
water. Because the amine regeneration temperature exceeds the boiling point of water, 
the pressure inside the regeneration bed must be maintained at super-atmospheric 
pressures to minimize evaporative loses. The vaporization of water during regeneration is 
the largest inefficiency associated with amine-based sorbents.12 Thus, technologies that 
can mimic the behavior of amine sorbents in the solid phase, thus eliminating the 
undesirable effects of utilizing water as a solvent, have the potential to significantly 
improve the overall energy efficiency and cost metrics of carbon capture processes. 

Parent Amine pKa 

Aniline 4.60 

Pyridine 5.23 

Benzylamine 9.38 

Ethylamine 10.79 

 
Table 1.2 Representative pKa values for the dissociation of protonated amine complexes 
in water.14 
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The regeneration of a liquid amine solution occurs in a dedicated stripping bed. In 
this bed, the partial pressure of CO2 is substantially greater than the partial pressure of 
CO2 in flue gas. Owing to the high partial pressure of CO2 in the desorption bed, only a 
small fraction of CO2 absorbed is actually removed during each cycle. For example, for 
one of the most promising next-generation aqueous amines, piperazine, less than 25% of 
CO2 is removed during each regeneration cycle.15 

Aqueous amine technologies also suffer from a number of issues regarding their 
environmental sustainability. Owing to the size of absorbent beds necessary for carbon 
capture, hundreds to thousands of tons of amines will be required to capture CO2 from a 
single power station. Volatilization of the amines into the environment is a significant 
source of amine loss; estimates indicate that 40-160 tons of amine emission per plant per 
year.16 Furthermore, amine absorbents would further increase the utilization of water by 
power plants. Presently, 41% of fresh water used in the United States goes through a 
power plant, nearly equivalent to the amount of water used by agriculture each year.17 In 
drought prone areas, such as California and much of the western United States, water 
may not be available in the future for CO2 capture plants to operate. 

Despite these drawbacks, the use of aqueous amines absorbents remains the most 
viable technology today for CO2 capture and the first power plant scale CO2 capture 
facility recently became operational in Canada.18 
 
1.2 Solid Adsorbents for Carbon Capture 
 

The separation of carbon dioxide from gas mixtures has been extensively studied 
in porous solids.19-20 Generally, all solid surfaces preferentially adsorb CO2 over N2 via a 
physisorption mechanism owing to the greater polarizability and quadrupole moment of 
CO2. The introduction of polarizing functional groups onto surfaces enhances the 
selectivity of the material. Accordingly, solid sorbents replete with polarizing functional 
groups, for example cation-exchanged zeolites, are among the most studied materials 
adsorbents for CO2 separations.21-22 However, modulating the affinity of pore surface for 
CO2 and the other components of flue gas is an essential aspect of rationally designing 
new adsorbents for CO2 capture. Recently, a new class of highly tunable, permanently 
porous solids has emerged that has allowed the field to grow rapidly. 
 
1.2.1 Metal-Organic Frameworks 
 
 Metal-organic frameworks are a recent and rapidly growing class of crystalline 
solids that have attracted attention for use in gas separations.23-25 These structures consist 
of metal-based nodes (single ions or clusters) bridged by multitopic organic linking 
groups to form one-, two-, or three-dimensional coordination networks.26 Significantly, 
upon evacuation of guest species the structures remain porous, distinguishing them from 
many traditional coordination polymers. The structural rigidity of metal-organic 
frameworks has given rise to some of the highest surface area values ever reported, with a 
number of materials reported to have surface areas in excess of 5,000 m2/g.27-28 Beyond 
gas separations, metal-organic frameworks are considered promising materials for a 
diverse range of applications including gas storage,29-30 catalysis,31 drug delivery, 32 and 
sensing. 33 Owing to the nearly unlimited number of organic ligands that are can afford 
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metal-organic framework structures, new materials can often be rationally designed such 
that specific chemical functionalities are present in the final structure. 
 
1.2.1.1 Synthesis and Functionalization 
 

Metal-organic frameworks are traditionally synthesized using solvothermal 
reaction methods. Bridging ligands are generally highly symmetric aromatic compounds 
that contain an organic functional group known to bind to metal ions or clusters with 
predictable coordination geometries. While the majority of the best-known metal-organic 
frameworks utilize carboxylate moieties to connect the aromatic backbone to the metal 
connectors, a large number of metal-organic frameworks that do not utilize carboxylate 
groups have been reported.34-35 

Multiple phases of metal-organic frameworks can be synthesized from same 
reagents depending upon the synthesis conditions, contributing significantly to the 
structural diversity of frameworks.36 However, the possibility of synthesizing multiple 
phases in a single reaction necessitates that researchers be careful to ensure samples are 
phase pure. The ability of researchers to simulate metal-organic frameworks structures 
greatly aids in the identification of new materials.37 Yet, while a large number of metal-
organic framework structures have been theoretically predicted,38 the discovery of the 
exact synthesis conditions that give rise to a particular structure are typically only 
experimentally discovered through trial and error. Frequently, hundreds of reaction 
conditions must be surveyed for new materials to be discovered. Reaction conditions that 
have been observed to affect the final structure include the reaction temperature, time, 
reagent concentration, relative reagent ratio, solution pH, water content, and solvent 
composition.39 Frequently, a combination of solvents is necessary for phase-pure metal-
organic frameworks to be formed. 

A variety of methods have been reported that can further expand the functionality 
of metal-organic frameworks. For example, crystalline metal-organic frameworks can be 
formed from reaction solutions that contain multiple types of organic bridging ligands.40 
For some materials, especially pillared metal-organic frameworks, the second organic 
ligand is incorporated in structurally distinct positions.41 However, in the case of metal-
organic frameworks composed of linkers that are structurally similar yet contain different 
secondary functional groups, the distribution of organic linkers in the final structure is 
only partially ordered.42-43 Ligand functionalization prior to framework assembly is one 
of the easiest methods of generating pores with unique functionalities. However, 
generally such modifications give rise to only small enhancements in gas adsorption 
properties. 
 
1.2.1.2 Functionalization via Post-Synthetic Modification 
 
 While more inert functional groups, such as halides, can be included onto the 
organic bridging units prior to metal-organic framework, functional groups that can 
strongly bind metal cations, including amines, aldehydes, alcohols, and carboxylic acids, 
are difficult to include prior to framework assembly because they induce the formation of 
amorphous extended solids under most synthesis conditions. Thus, a number of strategies 
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have been devised that allow for highly desirable coordinating functional groups to be 
included into metal-organic frameworks. 

If reagents are judiciously chosen, coordinating functional groups can be 
incorporated onto organic ligands prior to framework assembly. For example, an 
aluminum-based metal-organic framework Al(OH)(bpydc) (MOF-253, bpydc2- = 2,2’-
bipyridine-5,5’-dicarboxylate) was reported44 that exhibited the same network topology 
as the well-known metal-organic framework Al(OH)(BDC) (MIL-53).45 The material 
contains bipyridine functional groups within the one-dimensional pores. Owing to the 
low affinity of the bipyridine moieties towards the Al3+ ions used to construct the 
framework, these sites were vacant following synthesis, allowing metal ions to be 
selectively inserted post-synthetically. The framework was loaded with a variety of 
transition metal salts, and the resulting products were screened for their CO2 adsorption 
properties. Of the compounds studied, the Cu2+-loaded material, 
Al(OH)(bpydc)·0.97Cu(BF4)2 exhibited the best performance for carbon capture 
applications. 

A second method of introducing reactive functional groups is to protect the 
functional groups using traditional organic chemistry approaches.46-47 Following metal-
organic framework formation the protecting group can be chemically or thermally 
removed. However, this approach requires multiple synthetic steps that would likely 
hinder the long-term applicability of such materials for carbon capture applications.  

The simplest and most widely applied post-synthetic modification is the exchange 
of metal ligated small molecules found within the structures of many metal organic 
frameworks. In some metal-organic frameworks, these small molecules bridge multiple 
metal sites making the exchange difficult, but for a subset of materials, the bound solvent 
molecules can be easily exchanged without collapsing the pore structure. Frequently, the 
synthesis solvent, for example DMF, is exchanged post-synthetically with methanol to 
afford a material with only weakly coordinated solvents ligated to metal sites. Under the 
appropriate thermal and vacuum activation conditions, which frequently require 
significant time and effort to optimize, the solvent molecules can be removed exposing 
open metal sites48 that generally behave as Lewis acids.49 In this work, other small 
molecules, namely aliphatic amines, were introduced onto these metal open metal sites to 
introduce amine functional groups that were otherwise difficult to incorporate into metal-
organic framework structures. 

In the aforementioned case of exchanging solvents, the exchanged molecules are 
not essential to the structural integrity of the framework. However, a number of recent 
reports indicate that structurally integral elements of the framework, both the metal 
cations50 and the organic bridging ligands,51 can be exchanged post-synthetically. While 
this conversion frequently does not go to completion, even the partial conversion of 
structurally integral building blocks has allowed for otherwise challenging functional 
groups to be introduced into the pores of metal-organic frameworks.52 
 
1.2.1.3 Structural Characterization 
 
 In contrast to other classes of porous sorbents, the highly ordered structures of 
metal-organic frameworks allow many materials to be conveniently characterized by X-
ray and neutron diffraction techniques. By elucidating the framework connectivity and 
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topology with single crystal X-ray diffraction, researchers have a much clearer 
understanding of the chemical features that give rise to experimentally observed gas 
adsorption properties. Frequently, the same topology can be made with various metal and 
organic bridging units.53 Thus, the discovery of new derivatives of previously discovered 
metal-organic framework topologies is accelerated by matching the experimentally 
observed powder X-ray diffraction pattern to the predicted pattern of a related structure 
that has been fully characterized by single crystal X-ray diffraction. 
 Single crystal structures are typically collected on as synthesized compounds. 
These materials frequently have disordered solvent in their pores, and owing to the 
fragility of large crystals to guest exchange, generally cannot be used directly for 
diffraction experiments that seek to elucidate the preferred binding sites of gases. Thus, 
powder X-ray or neutron diffraction is more commonly used to collect structures of 
gaseous species adsorbed within porous materials. With a good understanding of the 
parent framework structure, the adsorption sites of small molecules including H2/D2,54 
CO2,55 and CH4,56 can be resolved at low temperatures. From powder and neutron 
structures of gases adsorbed within metal-organic framework pores, the importance of 
certain functional groups, especially open metal sites, is now well understood. As 
discussed further in Chapter 4, X-ray diffraction experiments provide the most conclusive 
evidence for the new adsorption mechanism reported here based upon the final structure 
of adsorbed CO2. 
  
1.2.1.4 Gas Adsorption Measurements 
 

Gas adsorption measurements are generally measured for porous materials for two 
distinct reasons. First, the full characterization of any new compounds includes 
ascertaining the specific surface area of the material. Second, for an adsorbent that is 
potentially useful in carbon capture applications, it is important to measure the affinity of 
the material for CO2 and N2 at the relevant temperature and pressures. Fortunately, a 
large number of commercially available instruments have simplified and accelerated the 
collection of both types of gas adsorption data. 
 Surface area measurements are typically measured at 77 K with N2 as the 
adsorbate. Ultra-high purity dinitrogen gas is slowly dosed onto a sample activated at 
elevated temperatures under ultra high vacuum to remove all adsorbed species. As the 
pressure of N2 above the sample increases, N2 molecules are adsorbed onto surface 
adsorption sites until each adsorption site is saturated. The pressure of saturation depends 
on the affinity of each site for the adsorbate. In microporous materials (materials with 
pore sizes less than 20 Å) like the metal-organic frameworks studied here, type I 
isotherms were generally observed.57 For microporous materials, pore filling prevents 
multiple layers of adsorbate from forming, resulting in a characteristic type I isotherm 
shape. Surface areas can be calculated using the Langmuir model that assumes all gases 
are adsorbed as a single layer.58 However, a more accurate method tailored to high-
surface area microporous materials59 has been developed to allow for accurate Brunauer-
Emmett-Teller (BET) surface areas to be calculated.60 
 Surface area measurements are frequently utilized to assess the purity and quality 
of synthesized samples, often in conjunction with complementary X-ray diffraction 
experiments. For the highest surface areas to be achieved, the pore environment must be 
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first cleansed of adsorbed impurities that were likely introduced during framework 
synthesis. To do this, as-synthesized materials are generally soaked multiple times in 
strongly polarizing solvents, especially DMF, to rinse away poorly soluble species. DMF 
is then removed by exchanging the high boiling point solvent with a lower boiling solvent 
such as methanol. The final gas adsorption properties of porous materials are highly 
dependent upon the ways that were prepared for their experiments.61 Furthermore, the 
temperature of activation can significantly alter the gas adsorption properties of the 
material. Identifying the proper activation conditions frequently takes as much time as 
discovering new materials, and unfortunately, there have been significant differences in 
the reported gas adsorption properties of the same metal-organic framework because 
materials are frequently activated improperly.9,62 To better address this serious problem, a 
new method of quickly identifying the proper activation temperatures of metal-organic 
frameworks is discussed in Chapter 5. 
 To study a particular gas separation application, single component gas adsorption 
isotherms must be collected at conditions relevant to the application. Thus, for CO2 
capture, isotherms are best collected at 40 °C to mimic adsorption conditions and at 
higher temperatures to assess potential desorption conditions. To accurately calculate 
isosteric heats of adsorption, isotherms at multiple temperatures are required. For carbon 
capture, the gas adsorption properties of CO2 and N2 are essential for calculating sorbent 
selectivity, capacity, and approximate regeneration energy values. For the best 
performing adsorbents, H2O isotherms are also highly relevant yet unfortunately rarely 
reported owing to the difficulty of the measurement and the inability of most metal-
organic frameworks to adsorb CO2 in the presence of H2O.63 
 
1.2.2 Evaluating Solid Adsorbents for Carbon Capture 
 
 For post-combustion carbon capture two distinct product streams will result from 
the process. Following the CO2 capture process, any unadsorbed components of flue gas 
are discharged into the environment through the smokestack. While these stack gases are 
mostly N2, O2, and H2O, a small amount of CO2 will inevitably pass through the 
adsorption bed and is discharged into the environment. The U.S. Department of Energy 
has set a general target that any CO2 capture process should remove at least 90% of the 
total CO2 present in flue gas.8 Thus, for carbon capture from coal, the final partial 
pressure of CO2 in the stack gas will be no more than 15 mbar. Thus, a key adsorbent 
selection criterion is the ability of the material to capture large quantities of CO2 down to 
low partial pressures. 
 Second for integrated carbon capture and storage processes, the captured CO2 will 
be transported by pipeline as a supercritical fluid to a suitable storage location. When 
adsorbents capture components other than CO2, two problems arise. First, the captured 
CO2 may not meet the required purity level for the pipeline and thus require a secondary 
cleanup step. Second, any trace gases trapped in CO2 will also require compression to 
pressures of approximately 150 bar. As gas compression represents a significant fraction 
of the total capture cost, there are significant energy and cost advantages to producing a 
very pure CO2 gas stream. However, the primary impurity in most capture CO2 is H2O. 
While the compression of H2O adds to the total cost of compression, H2O vapor will 
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condense to the liquid phase during the compression process and thus can be more 
effectively eliminated than other impurities. 
 
1.2.2.1 Adsorption Capacity and Working Capacity 
 
 The amount of gas adsorbed by a surface is dependent upon the strength of the 
interaction between the surface and the gas, the pressure of the gas, the temperature of the 
system, and competition for adsorption sites by other molecules in the system. 
Isothermal, single-component adsorption measurements are the standard method of 
collecting adsorption data. One of the advantages of isothermal measurements is that at 
every measured temperature the effect of gas pressure on adsorbed quantity is easily 
discerned. For assessing metal-organic frameworks for CO2 capture, low-pressure 
isotherms are generally collected because the total pressure of flue gas is approximately 1 
atm. In this work, the capacity of an adsorbent for CO2 is evaluated at 0.15 bar. Similarly, 
the N2 uptake of different adsorbents is approximated from single-component adsorption 
isotherms at 0.75 bar. These points correspond to the approximate partial pressures of the 
gases in coal flue gas. Frequently, researchers report CO2 adsorption quantities at 
pressures of 1 bar in the context of CO2 capture. However, this value is significantly less 
relevant for measuring the capacity of an adsorbent for post-combustion CO2 capture. For 
most solid adsorbents, especially weakly adsorbing ones, the 1 bar capacity significantly 
overestimates the ability of the adsorbent to perform in this challenging application. 
 There is no threshold capacity that determines if an adsorbent is a suitable 
material for post-combustion CO2 capture.  However, the amount of CO2 adsorbed by the 
adsorbent will significantly affect the size of the adsorption bed. Thus, adsorbents with 
very large CO2 capacities will likely require smaller equipment, reducing the total capital 
cost of carbon capture. Thus, it is desirable to maximize the volumetric capacity of the 

 
Figure 1.5 The CO2 working capacity for an adsorbent regenerated by a TSA process is 
estimated from single component isotherms collected at relevant adsorption and 
desorption conditions. 
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sorbent. Unfortunately, sorbent capacities are generally reported as gravimetric 
capacities. Thus, without a good knowledge of the density of the material and the particle 
packing of the adsorbent in a reactor, it is difficult to assess materials based upon 
gravimetric capacity alone. Based upon work published to date, it appears that a 
minimum CO2 capacity of 2.5 mmol/g (approximately 10 wt.%) at 0.15 bar and 40 °C is 
necessary for an adsorbent to be considered relevant for carbon capture applications. 

The absolute capacity of an adsorbent is significantly less relevant than the 
working capacity of an adsorbent (Figure 1.5).64 However, accurately assessing working 
capacities can be much more challenging as it can only be determined if high temperature 
adsorption data are also collected.65 The working capacity of the sorbent is dependent 
upon the chosen sorbent regeneration process. Thus, an understanding of the best 
desorption conditions is necessary for accurate working capacities values to be reported.66 
If an adsorbent is to be reactivated under ultra high vacuum then the working capacity is 
the same as the absolute adsorption capacity. However, vacuum swing desorption is 
generally considered to be impractical at the scale necessary for CO2 capture. Thus, 
temperature swings are generally the regeneration method of choice for solid adsorbents. 

During regeneration the partial pressure of CO2 in the adsorbent bed increases as 
the temperature of the bed increases owing to the large amount of CO2 that is desorbed 
from the pore surfaces. To approximate desorption conditions, the partial pressure of CO2 
is assumed to be 1 bar as that is the approximate pressure at which captured CO2 will be 
collected as a product stream. It has been shown that only adsorbents replete with strong 
adsorption sites are viable for pure TSA processes because adsorbents without strong 
adsorption sites, even very high surface area materials, will never exhibit positive CO2 
working capacities under feasible regeneration temperatures.64 However, regeneration 
temperatures in excess of 150 °C are still required for many metal-organic framework 
adsorbents. For aqueous amine solutions, such high temperature would rapidly degrade 
the amines.12 Similarly, some of the high capacity metal-organic frameworks decompose 
before they exhibit positive working capacities in a TSA process.67 

 
1.2.2.2 Enthalpy of Adsorption 
 
 The enthalpy of gas adsorption is dependent upon the gas being adsorbed and the 
nature of the adsorption site. In metal-organic frameworks, every material generally 
posses multiple adsorption sites and each of these sites will have a particular enthalpy of 
adsorption for CO2.9  Weak CO2 adsorption sites, for examples those found in materials 
without strongly polarizing functional groups such as open metal sites, generally adsorb 
CO2 with an enthalpy of approximately –20 kJ/mol. Open metal sites general increase the 
enthalpy of CO2 adsorption to the range of –30 to –50 kJ/mol. For chemically reactive 
functional groups, for example those containing basic amines, enthalpies of adsorption 
between –50 and –100 kJ/mol have been reported, with expected enthalpies in the range 
of –60 to –80 kJ/mol.19 
 Values reported for enthalpies of adsorption are generally calculated using the 
Clausius-Clapeyron relation and are frequently referred to as isosteric heats of adsorption 
(Qst).68 In contrast to experimental methods of calculating adsorption enthalpies such as 
microcalorimetry, isosteric heats of adsorption are calculated directly from gas adsorption 
isotherms. The Qst value is a parameter that describes the average enthalpy of adsorption 



 
14 

across all available binding sites at a particular loading and is usually evaluated using two 
or more adsorption isotherms collected at similar temperatures (usually within 10 K of 
each other). Here, the temperature-dependent isotherms are first fit to a high-order 
polynomial equation, and the Qst values are subsequently computed using the Clausius-
Clapeyron equation, which takes the form: 
 

(ln P)N = -(Qst/R)(1/T) + C             (1.1) 
 
where P is the pressure, N is the quantity of gas adsorbed, R is the universal gas constant, 
and C is a constant.  The Qst at each adsorption level is readily obtained from the slope of 
the plots of (ln P)N  as a function of (1/T). 
 In general, the isosteric heat of adsorption at zero-coverage is the most important 
value calculated because it directly assesses the interaction energy of the strongest 
adsorption site of a material with CO2. As this work will demonstrate, for the class of 
materials described in Chapters 3 and 4, an unprecedented phase change adsorption 
mechanism allows for heats of adsorption to increase as adsorption sites are filled. Thus, 
it is important to accurately calculate Qst values at multiple loadings to ensure the 
properties of the material are being accurately analyzed. 
 
1.2.2.3 CO2/N2 Selectivity Values 
 
 Discovering adsorbents that are highly selective for CO2 over other flue gas 
components is essential if solid sorbents are to be considered viable materials for carbon 
capture applications. While no hard targets have yet been established for the purity of 
captured CO2, purity targets between 95 and over 99% are reported.7-8 

For the microporous metal-organic frameworks reported here, the preferential 
adsorption of one gas over another is solely responsible for any observed selectivity. As 
previously discussed, CO2 is preferentially adsorbed over N2, owing to the greater 
polarizability and larger quadrupole moment of CO2. Two methods of calculating 
selectivity are frequently utilized. For materials that adsorb gases via physical adsorption 
mechanisms, the preferred method is the Ideal Adsorbed Solution Theory (IAST) 
method.69 While single component isotherms are the base data set for IAST calculations, 
the method is able to account for competition between adsorbates for the same surface 
sites. For materials that have isotherms that can be modeled with continuous equations, 
the IAST method is the preferred method of calculating selectivity. 

The second method approximates selectivity values from the relative amounts of 
gases adsorbed in the CO2 and N2 pure component isotherms at the relevant partial 
pressures.70 For most materials, the IAST method is significantly more reliable and will 
generate larger selectivity values than when data points are taken directly from isotherms. 
However, the discontinuous nature of the isotherms reported in this work necessitate that 
the second method be utilized. Thus, while the selectivity values reported here are among 
the highest values reported for any type of solid sorbent, the selectivity value reported 
would likely be higher than those reported if the IAST method could be utilized. 

It is important to note that the equation used to calculate selectivity values from 
single component isotherms: 
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S = q1 q2
p1 p2

               (1.2) 

 
where S is the selectivity factor, qi represents the quantity adsorbed of component i, and 
pi represents the partial pressure of component i, includes the relative pressures of the two 
components. Thus, very high selectivity values can be calculated for many adsorbents 
when the actual purity of captured CO2 is quite low because of the pressure differential 
was chosen to maximize this effect. Thus, selectivity values between adsorbents should 
only be compared when evaluated at the same pressures. 
 
1.2.2.4 Adsorbent Regeneration Energy 
 
 The regeneration energy of a sorbent is perhaps the single most important metric 
for ranking carbon capture adsorbents. If traditional amine solutions are utilized for 
carbon capture, electricity prices are expected to increase by 86%.8 For TSA processes, 
adsorbents are regenerated utilizing steam that would otherwise be utilized for making 
electricity. Because amine solutions can reduce electrical output by nearly 30%, the 
remaining electricity that is generated must be sold at substantially higher prices to offset 
the reduction in net plant output and the costs associated with constructing and operating 
the CO2 capture plant itself. 

To achieve significant cost reductions, new sorbent technologies would ideally be 
designed to maximize the amount of electricity generated. This can be achieved in two 
primary ways. The first method is to reduce the total heat required for regeneration versus 
current technologies. Using MEA solutions as a baseline, highly optimized process 
configurations for MEA have reduced the energy required for absorbent regeneration to 
approximately 3.5 MJ per kg of captured CO2 (MJ/kg). Second, the amount of electricity 
that is lost is dependent upon the temperature of the steam. Thus, it is advantageous to 
utilize only low temperature steam for regeneration. For example, hypothetical 
adsorbents A and B both require 2 MJ/kg for regeneration, but adsorbent A is regenerated 
at 100 °C while adsorbent B is regenerated at 150 °C. Adsorbent A is significantly more 
efficient to operate because more electricity can be generated from the lower temperature 
steam before it is diverted to regenerate the adsorbent. 

As previously discussed, the regeneration energy of sorbents is generally divided 
into the sensible energy and latent energy components. The sensible energy component 
accounts for the energy required to heat the adsorbent, the reactor bed, and the adsorbed 
gases from the adsorption temperature to the regeneration temperature. To accurate 
calculate sensible energy requirements, a good understanding of the adsorbent heat 
capacity is required. It is frequently cited that metal-organic frameworks are more energy 
efficient than liquid amine solutions for CO2, owing to the reduced heat capacity of solids 
versus H2O (Figure 1.6).9 However, the majority of the sensible energy that liquid amine 
solutions require is recycled through the use of heat exchangers.12 Thus, the sensible 
energy component of a solid sorbent is likely to equal or exceed the sensible energy 
required by amine solutions because of the lack of suitable heat exchangers for solid 
phase materials. If solid adsorbents did not have significantly lower heat capacities than 
liquid absorbents, it is unlikely any solid sorbent technology would be competitive with 
liquid amines. However, if solid phase heat exchangers can be developed it would reduce 
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the cost of CO2 capture with solid phase materials even lower than those values reported 
here. 

The primary disadvantage of utilizing aqueous amine solutions is the latent heat 
associated with heating water to temperatures above 100 °C. To minimize water 
vaporization in the desorption bed it is generally operated at pressures substantially 
higher than 1 bar. For example, the state-of-the-art piperazine system absorption system 
is regenerated at 150 °C and approximately 8 bar total pressure.15 The lack of volatility of 
metal-organic frameworks affords significant opportunities to reduce the latent energy of 
adsorbent regeneration. For metal-organic frameworks, the latent energies is roughly 
equal to the sum of the enthalpies of adsorption of the primary components of flue gas: 
CO2, N2, and H2O. 

The easiest way to reduce the latent energy of regeneration is to reduce the 
amount of N2 and H2O adsorbed in the pores. It has been reported that materials that 
exhibit high heats of CO2 adsorption are more energy intensive to regenerate. However, 
this analysis only includes the latent energy of CO2 adsorption.66,71 Materials with larger 
heats of adsorption are actually more sensitive to temperature swings and thus frequently 
require less sensible energy and lower regeneration temperatures.15 Thus, under many 
circumstances it actually more desirable to utilize high enthalpy adsorbent materials to 
maximize the working capacity of the sorbent for CO2 and to minimize the regeneration 
temperature, even if the total latent energy input for CO2 is slightly greater. 
 Properly analyzing regeneration energies requires a deep understanding of the 
adsorbent material and the process that is most suitable for it.72 Thus, while single 
characteristics are frequently used to justify the superior properties of one material over 
another, it is likely that no single material will be best for every carbon capture 
application. 
 
 
 
 

 
Figure 1.6 Heat capacities for alkanolamine solutions and a representative metal-organic 
framework, MOF-177, are depicted. The low heat capacity of the solid adsorbent 
contributes to the low sensible energy required for regenerating metal-organic framework 
adsorbents thermally. Permitted reproduction of Reference 9. 
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1.2.2.5 Flue Gas Impurities 
 
 The quality of coal utilized for energy production varies significantly throughout 
the world. However, three general classes of impurities arising from coal components are 
likely to cause significant difficulties for most carbon capture adsorbents: H2O, SOx, and 
trace heavy metal impurities. 
  Owing to the large amount of sulfur found in many coals and current 
environmental regulations, carbon capture processes are expected follow flue gas 
desulfurization (FGD). Most coal plants have adopted wet scrubber technologies for 
FGD. Thus, the desulfurization process determines the temperature and gas composition 
of flue gas for carbon capture. In general, the gas is cooled to temperatures between 40 
and 60 °C and the gas stream is saturated with H2O vapor.9 With a partial pressure of 
more than 50 mbar, significant amounts of H2O are expected to be adsorbed by 
hydrophilic porous adsorbent. Many materials, especially metal-organic framework 
decorated with open metal sites, are deactivated under such conditions, owing to 
competitive adsorption between CO2 and H2O.73 However, even metal-organic 
frameworks that still adsorb CO2 in the presence of H2O vapor would ideally adsorb a 
minimal amount of H2O because the quantity and strength of H2O adsorption 
significantly affects regeneration energy. 
 Of the trace impurities found in gases, SO2 and SO3 are the likeliest to induce 
adsorbent degradation.74 From these gas phase compounds, sulfite and sulfate species, 
especially sulfuric acid, can form via gas phase reactions of SOx molecules with O2 and 
H2O molecules. These compounds are especially difficult for amine-based materials to 
tolerate, owing to the stability of the resultant ammonium sulfate salts. Thus even as trace 
contaminants present at ppm concentrations, the high affinity of amine adsorbents for 
these species can be the sole cause of adsorbent deactivation over thousands of cycles. 
 Lastly, many coal beds contain trace amounts of heavy metals, especially 
mercury, arsenic, and selenium. Presently, large quantities of these materials are allowed 
to enter the environment through flue stacks every year. Despite technologies designed to 
reduce the amount of metals, especially Hg, that are released each year, the carbon 
capture bed would likely adsorb enough heavy metals to necessitate that it be treated as 
solid toxic waste. Unfortunately this limits the ability of expensive solid adsorbent 
materials to be reprocessed into fresh adsorbent after each use, potentially increasing 
adsorbent manufacturing costs substantially. 
 For the amine-based sorbents reported in the following chapters, SOx and heavy 
metal impurities may cause significant problems. Fortunately, natural gas is increasingly 
used for energy production and carbon capture from natural gas flue gas does not have 
these challenges to the same extent. Despite the lower concentration of CO2, metal-
organic frameworks are likely to be more suitable for carbon capture from natural gas 
power production facilities than coal-fired facilities. 
 
1.2.2.6 Considerations for Industrial Applications 
 

While many of the metal-organic frameworks reported in the following chapters 
are promising CO2 adsorbents, very significant engineering and technical hurdles still 
remain. While many of these considerations go beyond the level of laboratory research, 
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these hurdles must be overcome prior to the utilization of any solid phase material for 
carbon capture applications. 

The primary driver of one technology over another is the total cost of CO2 
capture. Solid adsorbents have the potential to significantly reduce the operating cost of 
carbon capture. However, a single 500 MW power plant would likely require a few 
kilotons of sorbent to operate and thus low-cost adsorbents are necessary for practical 
applications to be developed.75 

In contrast to liquid absorbents that are generally mass transfer rather than heat 
transfer limited, significant capital expenses are necessary to design and construct 
reactors that effectively exchange heat with the adsorbent. The poor thermal conductivity 
of porous solids limits the ability of fixed beds to cycle rapidly, necessitating multiple 
beds and thus very large capital investments. As discussed in Chapter 4, processes that 
can more transfer heat more effectively than traditional fixed bed reactor designs can 
potentially reduce these substantial capital costs. 
 
1.3 Metal-Organic Frameworks for Post-Combustion CO2 Capture 
 
 The ideal metal-organic framework for post-combustion CO2 would exhibit all of 
the aforementioned properties. However, to date very few adsorbents have demonstrated 
the majority of the necessary properties simultaneously. A diverse number of approaches 
have been devised over the past decade to design and build metal-organic frameworks 
that are suitable for post-combustion CO2 capture. Here, a summary of different 
approaches is briefly reviewed.  
 
1.3.1 Enhancing Selectivity with Weakly Basic Nitrogen Functional Groups 

 
Metal-organic frameworks functionalized with nitrogen-containing organic 

groups have been intensively studied for their CO2 adsorption properties.9 The dispersion 
and electrostatic forces resulting from the interaction of the quadrupole moment of CO2 
with localized dipoles generated by heteroatom incorporation are typically responsible for 
the enhanced CO2 adsorption. In some cases, acid-base type interactions between the 
lone-pair of nitrogen and CO2 have been observed. The degree to which nitrogen 
incorporation enhances CO2 adsorption depends significantly on the nature of the 
functional group. 

Perhaps owing to the ease of synthesis, a particularly large number of metal-
organic frameworks with organic bridging units derived from nitrogen-containing 
heterocycles have been studied in the context of CO2 capture.9,76-78 However, the 
incorporation of these heterocycles generally improves capacity only modestly at low 
pressures. Among the best-performing metal-organic frameworks featuring nitrogen-
containing heterocycles are those incorporating biologically derived moieties.79-80 The 
ratio of heteroatoms to carbon atoms in these frameworks can be quite large, resulting in 
pore surfaces with significant surface polarization. For example, bio-MOF-11 was 
synthesized from adeninate and acetate linkers (Figure 1.7).81 Its CO2 adsorption capacity 
is ca. 5.8 wt.% at 298 K and 0.15 bar, with a corresponding isosteric heat of adsorption at 
zero-coverage of –45 kJ/mol. The large initial isosteric heat is likely partially attributable 
to the presence of an aromatic amine that also decorates the pore surface. However, the 
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effects of the nitrogen heterocycle are considerable because the CO2 capacity of bio-
MOF-11 exceeds that of other aromatic amine functionalized frameworks. 

The commercial availability of aromatic amine containing linkers, especially 2-
aminoterephthalic acid (NH2-BDC), and the expected affinity of amino groups towards 
CO2 has generated significant interest in aromatic amine functionalized frameworks.82-84 
In particular, the IRMOF series of frameworks provides a basis for elucidating the effects 
of aromatic amines within metal-organic frameworks. At 298 K and 1.1 bar, Zn4O(BDC)3 
(IRMOF-1 or MOF-5) adsorbs approximately 4.6 wt.% CO2, while the amine-
functionalized variant Zn4O(NH2-BDC)3 (IRMOF-3) adsorbs 5.0 wt.% CO2, despite a 
decrease in the BET surface area from 2833 to 2160 m2/g. The reduced surface area of 
IRMOF-3 decreases the high-pressure CO2 adsorption capacity, but the higher uptake 
observed within the material at lower pressures leads to it being a higher-performance 
material compared to IRMOF-1 in the context of post-combustion CO2 capture.86 

Amine functionalization has been shown to enhance CO2 capacity in a number of 
other metal-organic frameworks, including Ni2(NH2-BDC)2(DABCO), Al(OH)(NH2-
BDC), and In(OH)(NH2-BDC), when their low-pressure capacities are compared to that 
of the parent material.87 However, the amine may not always be directly responsible for 
the enhanced adsorption. It was shown for the well-studied compound Al(OH)(NH2-
BDC) (NH2-MIL-53(Al)) that the aromatic amine has little direct interaction with 
adsorbed CO2 at low pressures.88 However, the presence of the amine favors the 
formation of a flexed, narrow-pore structure upon evacuation. This same narrow-pore 
structure, in which hydrogen bonding is observed between the aromatic substituents and 
the Al-based clusters, is not observed for the parent MIL-53(Al) framework until the 
material is cooled to temperatures below 150 K.  In the narrow-pore structure, CO2 
molecules can interact with multiple pore surfaces simultaneously. While enhanced 
adsorption of CO2 in NH2-MIL-53(Al) was originally attributed to direct interactions 
between the amino functionality and CO2,89 in-situ infrared spectroscopy experiments 
showed that the N-H resonances of NH2-MIL-53(Al) were only slightly perturbed by CO2 
adsorption. Amines are generally expected to enhance CO2 adsorption in porous materials 

 
Figure 1.7 A portion of the crystal structure of Co2(adenine)2(CH3CO2)2 (bio-MOF-11).81 
Turquoise, gray, blue, and red spheres represent Co, C, N, and O atoms, respectively. H 
atoms are omitted for clarity. Permitted reproduction of Reference 9. 
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by acid-base chemistry, electrostatic forces, or enhanced dispersion forces. In this case, 
however, the actual mechanism of binding, when fully elucidated, was shown to be quite 
different to those observed in other frameworks. 

For heterocycle and aromatic amine-based frameworks, enhanced adsorption at 
low pressures is likely only partially attributable to the basicity of the nitrogen donor 
atom. The presence of electron withdrawing carboxylate functionalities ortho or para to 
the amine would be expected to further reduce the basicity of aniline derivatives. Thus, 
the enhanced adsorption of CO2 in metal-organic frameworks containing pyridine and 
aniline derivatives is likely primarily attributable to the increased number of polarizing 
sites that decorate the pore walls. Without the formation of Lewis acid-base pairs, the 
binding of CO2 is still physisorptive and regeneration conditions are generally very mild.   

 
1.3.2 Enhancing Selectivity with Polarizing Functional Groups 

 
Organic linkers with heteroatom functional groups other than amines have also 

been investigated in detail for their effects on the CO2 adsorption behavior.90-95 These 
functional groups include hydroxy, nitro, cyano, thio, and halide groups, and the degree 
to which CO2 adsorption is enhanced in these cases depends largely upon the extent of 
ligand functionalization and the polarizing strength of the functional group. In general, 
more strongly polarizing groups will influence CO2 adsorption more favorably.  

A systematic understanding of polarization strength is perhaps best observed in 
the large number of functionalized zeolitic imidazolate frameworks (ZIF) that have been 
reported.92-93 This subclass of metal-organic frameworks is convenient for understanding 
the effects of different functional groups, because all frameworks incorporate 
imidazolate-based organic linkers and most have tetrahedral Zn2+ cation nodes. While 
there are important topological differences between the many frameworks, a wide 
number of isostructural compounds with different functional groups have also been 
reported, allowing comparisons to be made between the compounds. For example, a 

 
Figure 1.8 A portion of the crystal structure of Zn(Im)(nIm) (ZIF-70) as viewed along 
the [001] direction.93  Yellow, blue, red and gray spheres represent Zn, N, O and C atoms 
respectively; H atoms omitted for clarity. 
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number of mixed-linker frameworks of the GME topology were studied for functional 
group and pore size effects on adsorption.92 Linkers containing various functional groups 
afforded a series of frameworks with drastically different pore sizes. Adsorption was 
found not to correlate with the pore size, which varied between 7.1 and 15.9 Å. 

Different functional groups, however, appear to impact volumetric adsorption 
capacity. The compound ZIF-78 exhibits the largest volumetric capacity because every 
imidazolate and benzimidazolate linker was modified with a polarizing nitro group. 
Frameworks synthesized from cyano- and nitro-functionalized (ZIF-82), chloro- and 
nitro-functionalized (ZIF-69), and bromo- and nitro-functionalized (ZIF-81) imidazolate 
linkers performed similarly to each other, but slightly worse than ZIF-78. Frameworks 
partially functionalized with alkyl groups adsorbed the least amount of CO2 on a 
volumetric basis. As expected, the greater the surface polarization engendered by the 
functional group in the framework, the higher the CO uptake capacity is at low pressures. 

 
Figure 1.9 A portion of the crystal structure of Zn4O(BDC)3 (IRMOF-1 or MOF-5).96  
Blue tetrahedra represent ZnO4 units, while gray and red spheres represent C and O 
atoms, respectively.  H atoms have been omitted for clarity. Permitted reproduction of 
Reference 9. 

 
Figure 1.10 MTV-MOF-5-EHI is composed of the three ligands shown above. The 
incorporation of multiple functionalized ligands within a single crystallite was reported to 
improve CO2 selectivity and capacity significantly. Permitted reproduction of Reference 
9. 
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The foregoing conclusion is not immediately apparent if framework performance 
is only benchmarked by gravimetric capacity. On a gravimetric basis, less-functionalized, 
lighter frameworks outperformed the more functionalized, heavier materials. The 
compound ZIF-70, composed of non-functionalized and nitro-functionalized imidazolate 
linkers (Figure 1.8), exhibits a higher gravimetric capacity than ZIF-78. For the latter 
materials, the presence of benzimidazolate linkers increases the molecular weight 
significantly, but with the same connectivity, the unit cell volumes of ZIF-78 (11,514 
Å3)92 and ZIF-70 (11,386 Å3)93 are very similar. Thus, the best comparison between ZIF-
70 and ZIF-78 is the quantity of CO2 adsorbed within a fixed volume. Assuming void 
spaces between crystallites are similar, a particular volume of ZIF-78 would adsorb 33% 
more CO2 than the same volume of ZIF-70, which for a stationary application like carbon 
capture is relevant to infrastructure costs. For isostructural materials, volumetric capacity 
calculations can elucidate the effects of functional groups without discriminating against 
the additional mass.   

The IRMOF series of metal-organic frameworks are similarly suitable for 
investigating functional group effects on CO2 adsorption in a controlled manner. In one 
study, multiple functional groups from different types of organic linkers were 
incorporated into individual IRMOF crystallites.42 Volumetric CO2 adsorption capacities 
were again utilized to account for mass differences between frameworks. Two potential 
benefits of this mixed linker technique are apparent. First, mixed ligand frameworks can 
incorporate functional groups (like 2-nitroterephthalic acid) into the IRMOF structure 
(Figure 1.9)96 that could not be incorporated when used alone. In particular, the nitro 
functionality was a common feature among the best performing frameworks synthesized. 
Second, the presence of multiple functional groups along a single pore surface can afford 
properties that exceed those expected from a simple linear combination of the individual 
components. This was demonstrated by the synthesis of Zn4O(NO2-BDC)1.19((C3H5O)2-
BDC)1.07((C7H7O)2-BDC)0.74 (MTV-MOF-5-EHI) (Figure 1.10), which adsorbs 7.7 wt.% 
CO2 at 1 bar and has a CO2/CO selectivity at 298 K of which is over 4 times greater than 
that observed within MOF-5, which does not possess any substitutions on the organic 
backbone. While the performance and stability of the IRMOF series of metal-organic 
frameworks may ultimately make them unsuitable for CO2 capture applications, mixed 
ligand and mixed functionality frameworks could potentially lead to materials with finely 
tunable properties. 

 
1.3.3 Metal-Organic Frameworks with Open Metal Sites 
 

Another strategy that has been explored as a means for improving the affinity and 
selectivity of metal-organic frameworks towards CO2 over N2 is the generation of 
structure types bearing exposed metal cation sites on the pore surface. These sites are 
usually obtained following desolvation of the material, where one of the solvent 
molecules in the coordination sphere of the metal center is removed in vacuo at elevated 
temperatures. Such metal binding sites facilitate close approach of guest molecules to the 
pore surface, increasing adsorption enthalpy. In the context of post-combustion CO2 
capture, the open metal cation sites serve as charge-dense binding sites for CO2, which is 
adsorbed more strongly at these sites, owing to its greater quadrupole moment and 
polarizability compared to N2. 
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The earliest studies of metal-organic frameworks possessing exposed metal cation 
sites were performed predominantly on Cu3(BTC)2 (HKUST-1, Figure 1.11).48 Here, the 
solvent molecules present on the axial sites of the paddlewheel units can be removed to 
afford open Cu2+ adsorption sites. These sites interact more strongly with CO2, owing to 
the high charge density of the Cu2+ cation, resulting in a zero-coverage isosteric heat of 
adsorption of –29.2 kJ/mol.97 

The adsorption of CO2 within the chromium-based metal-organic frameworks 
Cr3O(H2O)3F(BTC)2 (MIL-100) and Cr3O(H2O)2F(BDC)3 (MIL-101) has also been 
studied.98-99 These materials exhibit BET surface areas of 1900 and 4230 m2/g, 
respectively, and feature exposed Cr3+ sites following removal of the H2O molecules 
originally bound to the metal centers. Accordingly, the high charge density of the 
trivalent metal ion affords a zero-coverage isosteric heat of adsorption of –62 kJ/mol in 
the case of MIL-100 and –44 kJ/mol for MIL-101. 

The M2(dobdc) (MOF-74; M = Mg, Mn, Co, Ni, Zn; dobdc4- = 2,5-dioxido-1,4-
benzenedicarboxylate) series of metal-organic frameworks are perhaps the most 
thoroughly studied series of materials for this application (Figure 1.12).100-104 The high 
density of binding sites decorating the hexagonal one-dimensional pores affords these 
materials some of highest adsorption capacities for CO2 at 0.15 bar. With a capacity of 
6.1 mmol/g, Mg2(dobdc) has the highest reported capacity for CO2 at low-pressures 
despite its relatively low surface area (SABET = 1495 m2/g), demonstrating the importance 
of decorating the pores with a large number of high-affinity binding sites. The zero-
coverage isosteric heat of CO2 adsorption across this series is significantly affected by the 
metal cation, wherein Mg2(dobdc) was observed to display the highest affinity (Qst = –42 
kJ/mol), while Zn2(dobdc) exhibited the weakest interactions (Qst = –26 kJ/mol. The 

 
 

Figure 1.11 A portion of the crystal structure of Cu3(BTC)2 (HKUST-1).48 Green, gray 
and red spheres represent Cu, C and O atoms, respectively. H atoms have been omitted 
for clarity. Permitted reproduction of Reference 9. 
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considerable difference in the isosteric heat of adsorption between the compounds is 
attributed to the higher ionic character of the Mg-O bonds in Mg2(dobdc) compared to the 
Zn-O bonds within Zn2(dobdc), leading to a higher partial positive charge on the Mg2+ 
metal centers which consequently facilitates a greater degree of polarization on the 
adsorbed CO2 molecules. 
 
1.3.4 Narrow Pore Metal-Organic Frameworks 
 
 Recently, a series of narrow pore metal-organic frameworks with excellent CO2 
capacities at low partial pressures have been reported. With the general composition 
M(pyz)(SiF6) (M = Zn or Cu; pyz = pyrazine), the pores of these three-dimensional 
frameworks are decorated with F– anions.67,105 With pore sizes comparable to the kinetic 
diameter of CO2, significant van der Waals interactions between a single CO2 molecule 
and multiple pore surfaces allows CO2 to adsorb with a higher than normal isosteric heat 
of adsorption of–45 kJ/mol at zero coverage. The Jahn-Teller distortion of the Cu2+ 
material reduces the pore volume to 3.5 Å from 3.84 Å in the Zn2+ case, further 
increasing the low pressure capacity and increasing the heat of adsorption to more than   
–50 kJ/mol. The high density of strong adsorption sites in Cu(pyz)(SiF6) endows the 
material with an excellent capacity for adsorbing CO2 at very low concentrations, 
including from air. However, the thermal stability of the materials are quite low and 
unfortunately the maximum working capacity for a pure TSA process is always negative 
in the case of Zn(pyz)(SiF6). 
  
 
 
 

 
 

Figure 1.12 A portion of the crystal structure of M2(dobdc) (M-MOF-74). Black, gray 
and red spheres represent M, C and O atoms, respectively. H atoms have been omitted for 
clarity. Permitted reproduction of Reference 9. 
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1.4 Solid Amine Adsorbents for Post-Combustion CO2 Capture 
 
 The majority of metal-organic frameworks reported for carbon capture utilize 
physisorption to generate selectivity, while comparatively little work has been done on 
synthesizing metal-organic frameworks that utilize chemisorption mechanisms. Most 
solid adsorbents that have been functionalized with aliphatic amines adsorb CO2 via a 
chemical adsorption mechanism. Methods of generating amine-functionalized solids were 
originally established in other classes of porous solids, especially mesoporous silica 
materials. In general, the solid adsorbent is utilized primarily as a support for the amines, 
with the specific composition of solid phase playing only a minor role in determining the 
final properties of the material. Here, the most significant types and characteristics of 
amine-functionalized porous solids are discussed. 
 
1.4.1 Synthesis Methods 
 
 Two primary methods of amine-functionalization are generally utilized to 
functionalize the pore surfaces of mesoporous silica materials with amines.19 The most 
common method is generally referred to as amine impregnation.106-108 Here, high 
molecular weight amines, especially polyethyleneimine (PEI), are dissolved in polar, low 
boiling solvents such as methanol. Activated porous materials are added to the solution 
and the methanol is allowed to evaporate. Strong physical adsorption interactions 
between the pore walls and the polar amines generate pore surfaces that are coated by 
high concentrations of aliphatic amines. The optimum loading of amine for every 
material is generally experimentally determined by varying the weight fraction of amine 
loaded. The large pores of the solid adsorbent facilitate diffusion of gases to the pore 
surfaces, where very thin layers of liquid amines are able to adsorb CO2. Because CO2 
must generally diffuse into the liquid amine layers prior to adsorption, mass transfer is 
generally slower than other classes of solid phase adsorbents.19 For the impregnation 
method, high surface area silica materials with defined pore structures, such as SBA-15 
and MCM-41, are frequently used. However, all porous materials are theoretical suitable 
for this technique and thus PEI impregnated alumina109 and metal-organic frameworks 
adsorbent have also been reported.110 
 The second method is generally referred to as amine grafted or covalently tethered 
amine (CTA) adsorbents.19 Here, individual aliphatic amines are attached to the silica 
surface by covalent bond formation. For example, the reaction of (3-
aminopropyl)triethoxysilane molecules with terminal hydroxyl functional groups that 
decorate the silica pore walls generate a functionalized material with a high density of 
aliphatic primary amines.111-112 In contrast to PEI impregnated amines that effectively 
function as liquids, silica surfaces with grafted amines generally exhibit rapid kinetics, 
owing to the better accessibility of every adsorption site. However, surface silanization is 
a less general technique and results in lower densities of amines per unit volume than PEI 
impregnation. 
 Lacking surface hydroxyl functionalities, silane chemistry cannot be utilized to 
anchor aliphatic amines to the walls of metal-organic framework pores. However, it was 
demonstrated that aliphatic diamines such as ethylenediamine could be effectively grafted 
onto the open metal sites of metal-organic frameworks. In these materials, one of the two 
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amines of ethylenediamine is used to form a strong coordinate bond with the open metal 
site while the other amine is free to do chemistry within the pore.70,113-118 This technique 
was first demonstrated in the Cr3+ based metal-organic framework MIL-101, where 
amine functionalized materials exhibited significantly increased catalytic activity in the 
Knoevenagel condensation reaction.113 However, because the adsorption of CO2 by 
covalent bond formation requires two amines to react concertedly, not all amine-
functionalized metal-organic frameworks are capable of strongly adsorbing CO2. Thus, 
metal-organic frameworks that contain aliphatic amines yet do not strongly adsorb CO2 
have been reported. In these materials, the lack of activity is likely attributable to the 
inability of adjacent amines to form appropriately stabilized ammonium carbamate 
species. For example, the functionalization of the organic linking units of metal-organic 
frameworks with aliphatic amines has been reported.119 However, the capacity and 
selectivity of such materials are significantly lower than expected for solid sorbents 
functionalized with basic amines by other methods. 
 
1.4.2 Gas Adsorption Properties 
 
 The mechanism of CO2 adsorption in amine-functionalized solids is nearly 
identical to the mechanism of absorption in aqueous amine solutions. For primary and 
secondary amines, two moles of amine adsorb one mole of CO2 through the formation of 
charge-separated ammonium carbamate species. Tertiary amines cannot adsorb CO2 from 
dry flue gas streams because only unstable zwitterionic ammonium carbamates can from 
tertiary amines. However, tertiary amines can adsorb CO2 under humid conditions via 
ammonium carbonate chemistry. Carbonate chemistry is less desirable than carbamate 
chemistry, owing to significantly slower adsorption kinetics.9,19 
 Amine-functionalized adsorbents generally outperform other types of porous 
materials for carbon capture applications for a number of reasons. First, the chemical 
adsorption mechanism is specific to CO2. Thus, amine-functionalized adsorbents are 
generally significantly more selective for CO2 over N2 than other classes of porous 
materials. Second, ammonium carbamate chemistry is not significantly affected by the 
presence of water vapor.120-121 In fact, water will generally increase the amount of CO2 
adsorbed over time owing to the slow shift towards carbonate chemistry, which only 
requires one amine equivalent to bind CO2. Third, amine-functionalized materials 
generally have significantly lower surface areas, reducing the number of adsorption sites 
available for other gases such as N2 and H2O to adsorb via physisorption. Finally, the 
high enthalpy of CO2 adsorption onto amines generally allows the materials to possess 
excellent absolute capacities for CO2 at the relevant flue gas adsorption conditions. 
 It is generally recognized that the high capacity of amines is related to their very 
large heats of adsorption. Enthalpies of adsorption are generally reported to be between –
60 and –80 kJ/mol.19 The capacity of amine-functionalized solids is actually modulated 
by the very large entropy of adsorption.122 Physical adsorption mechanisms require no 
surface reorganization, but the amine-based chemical adsorption mechanism requires a 
concerted reaction between three components. Large entropies of adsorption are very 
desirable for TSA processes because such systems are highly dependent on temperature. 
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1.4.3 Elucidating Amine Adsorption Mechanisms 
 

Infrared spectroscopy is the technique of choice for characterizing the nature of 
adsorbed species on solid surfaces. A number of infrared adsorption studies have 
attempted to assign infrared bands to CO2 adsorbed on amine-grafted silica sorbents.74,121, 
123-124 In one particularly noteworthy investigation, three samples with different 
arrangements of grafted amines onto silica surfaces were prepared.125 First, distinct 
infrared signatures were assigned to the ammonium carbamate species that form via the 
expected ammonium carbamate mechanism. Surprisingly, the authors demonstrated that 
ammonium carbamate species formed from two anchored amines and CO2 are actually 
easily regenerated utilizing only vacuum. Additionally, the authors were able to find 
distinct spectroscopic signatures for a second adsorption mechanism that utilizes only a 
single amine and a surface hydroxyl group to form a surface coordinated carbamate with 
CO2. Such carbamates were shown to very stable and required vacuum and heat to 
regenerate. Lastly, it was conclusively demonstrated that well isolated amines could not 
strongly adsorb CO2. 

Other spectroscopy techniques, including solid state NMR, have also been utilized 
to characterize ammonium carbamate species.119,126 Fortunately, the positions of 
ammonium carbamate resonances are very distinct, allowing for solid state NMR to 
provide useful information. Furthermore, the long time scale of NMR in comparison to 
infrared spectroscopy is also suitable for determining dynamic motions of the flexible 
amine groups. 
 In contrast to highly ordered metal-organic framework adsorbents that can be 
characterized by X-ray diffraction, amine adsorption sites on silica surfaces are not 
regularly ordered. Furthermore, the long alkyl chains that tether amines to solid surfaces 
can order in multiple ways thus making conclusive structural determinations by X-ray 
diffraction very challenging.  Thus, spectroscopic measurements are essential for building 
the models that are necessary to solve powder diffraction patterns of systems with 
multiple potential configurations. For example, the successful solution of the powder X-
ray diffraction structure of CO2 adsorbed within the pores of the amine-functionalized 
metal-organic mmen-Mn2(dobpdc) was only possible by first correctly understanding the 
chemical signatures that were observed by infrared and solid state NMR spectroscopy.118 
 
1.5 Conclusions 
 

Carbon capture and sequestration (CCS) has been proposed as a method of 
mitigating the build-up of greenhouse gases in the atmosphere. However, if implemented 
the cost of electricity generated by fossil fuel-burning power plants would rise 
substantially, owing to the expense of removing CO2 from the effluent stream. Thus, 
more efficient gas separation technologies are urgently needed. Metal-organic 
frameworks are permanently porous solid-phase materials. Through rational design 
principles, metal-organic frameworks that are substantially more energy efficient than 
current technologies can be synthesized. However, industrial considerations necessitate 
that an adsorbent possesses a large working capacity, a very high selectivity value, and 
excellent stability to water vapor. The inclusion of aliphatic amines within the pores of 
solid adsorbents is known to enhance CO2 adsorption properties. In the following 
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chapters, an investigation into diamine-functionalized metal-organic frameworks is 
presented. The goal of the work was first to understand and characterize the interactions 
between gas phase CO2 and solid amine adsorbents, and then to use these results to 
inform the design of improved materials. This work ultimately resulted in the discovery 
of a new, cooperative CO2 adsorption mechanism that will likely only be replicated in 
certain classes of amine-functionalized metal-organic frameworks. With our new 
mechanistic understanding of the diamine-appended materials described here, the 
extraordinary advantages of using phase-change adsorbents for industrial carbon capture 
applications are described.  
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Chapter 2: Enhanced Carbon Dioxide Capture upon Incorporation of 
N,Nʹ′Dimethylethylenediamine in the Metal-Organic Framework CuBTTri  
 
2.1 Introduction 
 

The separation of carbon dioxide from nitrogen at low pressures, applicable to 
post-combustion carbon capture, has been extensively studied in porous solids.1 The 
majority of solid surfaces preferentially adsorb CO2 over N2 via a physisorption 
mechanism, owing to the greater polarizabilty and quadrupole moment of CO2. 2 
However, the introduction of polarizing functional groups onto surfaces can enhance this 
selective adsorption. Accordingly, activated carbons, zeolites and metal-organic 
frameworks, all of which can be replete with strongly polarizing sites, are among the best 
solid adsorbents for CO2 separations. In particular, metal-organic frameworks show 
exceptional promise for such applications, due to their high surface areas and chemical 
tunability.3 

For post-combustion CO2 capture, maximizing adsorption capacity for CO2 at low 
pressures is highly desirable. Because the partial pressure of CO2 in flue gas emitted from 
coal-fired power stations is typically between 0.10 and 0.15 bar, 4  the simplest 
approximation for the capacity of materials being considered is the quantity of gas 
adsorbed at these lower pressures, not the capacity at 1 bar. To date, the best performing 
materials in this regard have incorporated coordinatively-unsaturated metal centers acting 
as Lewis acids.5 Most notably, five-coordinate Mg2+ cations in Mg2(dobdc) (dobdc4– = 
1,4-dioxido-2,5-benzenedicarboxylate) impart the framework with impressive 
characteristics for low-pressure CO2 adsorption: approximately 6.1 mmol/g at 0.15 bar 
CO2 pressure and 25 °C.6 

Such solid adsorbents are being investigated as alternatives to the aqueous amine 
scrubbers traditionally used to effect CO2 removal from a mixed gas stream. In the 
simplest configuration of an amine scrubber, a gas mixture containing CO2 is passed 
through an aqueous solution of monoethanolamine (MEA).7 The formation of ammonium 
carbamate from two MEA molecules and one CO2 molecule endows the scrubber with 
extremely high selectivity for CO2, but significant energy is required to regenerate the 
solution. This high regeneration energy cost has two primary components: first, the 
strong, chemisorptive bond between the carbon dioxide and the amine must be broken; 
second, a large amount of spectator water solvent must be heated and cooled along with 
the active amine adsorbent, giving rise to an inefficient system.8 Because amines are 
corrosive to plant infrastructure, solutions are typically limited to no more than 30% 
(w/w) of the amine, and a significant increase in this concentration is not deemed 
feasible. In addition to the solvent boil-off that occurs during repeated regeneration 
cycles, these limitations represent the most significant obstacles to wider implementation 
of amine scrubbing technologies for post-combustion carbon capture. The National 
Energy Technology Laboratory, a unit of the United States Department of Energy, has 
established targets for CO2 capture materials. Implementation of carbon capture and 
storage utilizing amine scrubbers is expected to result in an 86% increase in the cost of 
electricity,8b while the current target is for a maximum 35% cost increase with 90% CO2 
removal. For these reasons, new materials for post-combustion carbon capture are 
actively being sought. 
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 Among the primary benefits of physisorption onto solid materials is the low 
regeneration energy compared to that required for aqueous amines; however, this benefit 
frequently comes at the expense of low capacity and poor selectivity. Our research 
therefore focuses on developing adsorbents that bridge the two approaches through the 
incorporation of sites that bind CO2 via chemisorption into solid materials. By 
eliminating the aqueous solvent, we aim to develop new materials that have significantly 
lower regeneration costs compared with traditional amine scrubbers, yet maintain their 
exceptional selectivity and high capacity for CO2 at low pressures. 
 We previously reported the grafting of ethylenediamine (en) within the water-
stable metal-organic framework H3[(Cu4Cl)3(BTTri)8] (CuBTTri; H3BTTri = 1,3,5-
tri(1H-1,2,3-triazol-4-yl)benzene). 9  In this system, en-CuBTTri, the diamine was 
incorporated as a ligand on the Cu2+ cation sites exposed on the framework pore 
surfaces.10 Because the diamines were shorter than the distance between two adjacent 
metal sites, it was proposed that one amine from each en molecule was bound to a single 
metal site, while the other amine was free to interact with guest gas molecules upon 
framework activation. At zero coverage, the isosteric heat of CO2 adsorption approached 
–90 kJ/mol, significantly greater in magnitude than the value of –20 kJ/mol originally 
calculated for the unappended framework. The large isosteric heat was attributed to the 
formation of a weak bond between an amine and a CO2 molecule, most likely forming a 
zwitterionic carbamate. Unfortunately, only a very low CO2 capacity could be achieved 
in this material, presumably owing to clogging of the outermost framework pores within 
each crystallite upon en grafting.  
 The incorporation of alkylamine groups at higher loadings is expected to further 
polarize the overall surface area of a metal-organic framework, thereby increasing the 
capacity for CO2 capture. Other functional groups are similarly capable of polarizing 
framework surfaces,11 but few are capable of undergoing the chemisorptive type process 
we are pursuing. Inspired by the current generation of amine scrubbers that have begun to 
incorporate sterically hindered amines for improved performance, we were interested in 
surveying the influence of amine sterics on the isosteric heat of adsorption.12 Indeed, 
higher order amines, in particular secondary amines, have been reported to have more 
favorable adsorption characteristics in solutions as well as on solid adsorbents.13 Herein, 
we demonstrate that the incorporation of N,Nʹ′-dimethylethylenediamine (mmen) at high 
loadings within CuBTTri affords a material with exceptional CO2 capture characteristics. 
 
2.2 Materials and Methods 
 
 In contrast to en, conditions for achieving a high loading of mmen in CuBTTri 
were readily identified. A sample of the metal-organic framework was suspended in 10 
mL of anhydrous hexane, and upon addition of 1.8 equiv of mmen, the color of the solid 
instantaneously changed to a deep blue. To effect complete grafting of the diamine, the 
suspension was refluxed for 18 h under an N2 atmosphere. The resulting purple solid was 
collected by filtration and washed copiously with hexanes. The grafted material, mmen-
CuBTTri, was activated by heating at 50 °C for 24 h under a dynamic vacuum prior to 
gas adsorption. Nitrogen adsorption isotherms collected at 77 K indicate a BET surface 
area of 870 m2/g, while powder X-ray diffraction data show the structure of the CuBTTri 
framework to be intact. Overall, the characterization data are most consistent with a 
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chemical formula of H3[(Cu4Cl)3(BTTri)8(mmen)12], with approximately one mmen 
molecule for each available metal site. Thus, mmen-CuBTTri is thought to possess a high 
concentration of surface-appended mmen molecules, where one of the amine groups is 
bound to a Cu2+ center, while the other dangles within the pore, as depicted in Figure 2.1. 
 
2.3 Results and Discussion 
 
 The incorporation of mmen in CuBTTri results in a material with excellent CO2 
adsorption characteristics. As shown in Figure 2.2, mmen-CuBTTri displays significantly 
enhanced CO2 adsorption at all pressures between 0 and 1.1 bar relative to the 
unappended framework. The previously reported material en-CuBTTri, with a loading of 
just 0.3 en per Cu2+ center, showed increased CO2 adsorption only at pressures of less 
than 0.08 bar.  
 Quantifying the extent of the improvement in CO2 adsorption between CuBTTri 
and mmen-CuBTTri is not trivial, since the degree of improvement depends significantly 
on the units to which the gas uptake is normalized. Figure 2.2a plots the gravimetric gas 
adsorption isotherm, while Figure 2.2b plots the crystallite volumetric gas adsorption 
isotherm for the two materials. Gravimetric capacities were converted into volumetric 
capacities via unit cell densities. Experimentally, gravimetric capacity is significantly 

 
Figure 2.1 A portion of the structure of the amine functionalized metal-organic 
framework mmen-CuBTTri, with red, green, blue, and gray spheres representing Cu, Cl, 
N, and C atoms, respectively. Stoichiometric incorporation of the diamine N,N’-
dimethylethylenediamine onto open metal sites within the pores begets a framework with 
excellent capacity and selectivity for CO2 capture at low pressures. 
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easier to measure than volumetric capacity and gas sorption data normalized to mass is 
widely reported. The volumetric capacity for an actual adsorber unit is dependent upon 
how crystallites pack together and the fraction of void space within the occupied volume. 
Yet, gravimetric capacity alone does not provide a complete measure of the performance 
of a material being proposed for stationary applications, such as post-combustion CO2 
capture. Here, infrastructure costs are linked more directly to the volume the adsorbent 
would occupy than to its mass. Because incorporation of mmen into CuBTTri increases 
the framework density by 34% with no significant change in volume, this system is a 
good candidate for comparisons between gravimetric and volumetric capacities. It is 
important to note, however, that no single-crystal diffraction data are available for either 
CuBTTri or mmen-CuBTTri. Framework volumes are based upon powder pattern unit 
cell optimizations, and framework compositions are based upon elemental and 
thermogravimetric analyses.  

 
Figure 2.2 Isotherms for CO2 (squares) and N2 (circles) adsorption at 25 °C for mmen-
CuBTTri (green) and CuBTTri (blue). Gravimetric gas adsorption (a, top) and 
volumetric gas sorption (b, bottom) are plotted together for comparison. The horizontal 
dashed line in (a) corresponds to 10 wt % CO2 adsorption. 
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 At 25 °C and 1 bar, mmen-CuBTTri adsorbs 4.2 mmol/g of CO2 (15.4 wt %), 
representing a 15% improvement in gravimetric capacity compared to the unmodified 
CuBTTri framework. However, CO2 comprises at most 15% of coal fired power station 
flue gas and the effluent is released into the environment at total pressures near 1 bar. 
Thus, the more important criterion for CO2 capacity is that of the framework at a pressure 
near 0.15 bar. At 25 °C and 0.15 bar of CO2, mmen-CuBTTri adsorbs 2.38 mmol/g (9.5 
wt %). Note that 2.90 mmol/g would correspond to the adsorption of one CO2 molecule 
per mmen in the functionalized framework. Under the same conditions, the unmodified 
framework only adsorbs 0.69 mmol/g (2.9 wt %). Thus, on a gravimetric basis, mmen-
CuBTTri adsorbs nearly 3.5 times as much CO2 at the relevant pressures. Volumetrically, 
however, mmen-CuBTTri adsorbs about 4.7 times more CO2 at 0.15 bar than CuBTTri. 
The difference between gravimetric and volumetric densities is a direct consequence of 
the increased mass of the appended framework over the unappended material.  
 At 25 °C, mmen-CuBTTri adsorbs less N2 than CuBTTri at all pressures between 
0 and 1.1 bar. This is due to the reduction in specific surface area upon incorporation of 
mmen, with the BET surface area of 870 m2/g for mmen-CuBTTri being roughly half of 
the 1770 m2/g observed for CuBTTri.9 The additional polarizing sites in mmen-CuBTTri 
enhance N2 adsorption less than the decreased surface area diminishes N2 adsorption. The 
opposite trend was observed for CO2 adsorption. Enhanced adsorption of only one gas is 
a defining characteristic of chemisorption.14 In contrast, frameworks replete with open 
metal cation sites can be expected to polarize all gases more effectively, including N2, 
accounting for the substantially greater N2 adsorption in Mg2(dobdc) relative to mmen-
CuBTTri. 
 The selectivity (S) for adsorption of CO2 over N2 in mmen-CuBTTri was 
estimated from the single-component isotherm data. For CO2 capture, this value typically 
reports the ratio of the adsorbed amount of CO2 at 0.15 bar to the adsorbed amount of N2 
at 0.75 bar; the value is normalized for the pressures chosen. The values are derived from 
an approximate flue gas composition of 15% CO2, 75% N2, and 10% other gases, at a 
total pressure of 1 bar. Pure-component isotherm selectivities, which frequently are 
calculated from the excess adsorption data directly measured by gas adsorption, can be 
misleading. The adsorption selectivity, SIAST, was therefore modeled by applying the 
Ideal Adsorbed Solution Theory (IAST) to the calculated absolute adsorption isotherms.15 
The accuracy of the IAST procedure has been established for the adsorption of a wide 
variety of gas mixtures in different zeolites, as well as CO2

 capture in metal-organic 
frameworks.16 For mmen-CuBTTri, SIAST values were calculated to be 327, 200, and 123 
at 25, 35, and 45 °C, respectively. To the best of our knowledge, the selectivity observed 
at 25 °C was the highest value yet reported for a metal-organic framework at the time it 
was first reported. 

Utilizing a dual-site Langmuir adsorption model, isosteric heats of adsorption 
were calculated for CO2 in mmen-CuBTTri. Figure 2.3 compares these values to those 
obtained from data for bare CuBTTri, which were fit using a single-site Langmuir model 
to give a value of –24 kJ/mol. The N2 adsorption isotherm for mmen-CuBTTri was also 
fit to a single-site Langmuir model, resulting in a calculated isosteric heat of adsorption 
of –15 kJ/mol.  
 The isosteric heat of CO2 adsorption in mmen-CuBTTri approaches –96 kJ/mol at 
zero coverage, corresponding to the largest value yet reported for CO2 adsorption in a 
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metal-organic framework. We previously reported a value of –90 kJ/mol for CO2 
adsorption in en-CuBTTri, as calculated by fitting the Clausius-Clapeyron relation to 
excess adsorption values. For comparison to mmen-CuBTTri, the heat of adsorption for 
en-CuBTTri was recalculated with the same dual-site Langmuir model. Because this 
model incorporates absolute adsorption, direct comparisons between the two different 
models are not possible. From the dual-site Langmuir model, we calculate the isosteric 
heat of CO2 adsorption in en-CuBTTri to be –78 kJ/mol at zero coverage, nearly 20 
kJ/mol lower in magnitude than the heat calculated for mmen-CuBTTri. 
 We do not attribute the greater heat of adsorption of mmen-CuBTTri to any 
enhanced adsorption characteristics of secondary amines. Rather, mmen-CuBTTri has a 
significantly larger number of free amines available to bind guest CO2 molecules. 
Because isosteric heats correspond to the average of all adsorption sites potentially 
populated at a specific coverage level, at zero coverage there is a higher probability of the 
CO2 molecule adsorbing onto an amine in mmen-CuBTTri compared with en-CuBTTri. 
Despite the large binding enthalpy between alkylamines and CO2, the substantial 
decrease in the –Qst data with loading indicates that many weaker adsorption sites are 
also being sampled by the CO2 molecules under the conditions probed. While amine 
sterics may play a role in the improved adsorption properties of mmen-CuBTTri, we 
cannot yet make comparisons between isosteric heats of adsorption as a function of 
amine sterics because of the differences in amine loading levels. 
 Isosteric heats of adsorption are commonly calculated after fitting adsorption 
equilibrium data to the Virial equation. At zero coverage, the Virial method gives a 
significantly lower magnitude for the heat of adsorption: –66 kJ/mol. However, 
inflections in the isotherms for mmen-CuBTTri are not accurately modeled with the 
Virial method. We therefore believe the values of the dual-site model are significantly 
more accurate at low CO2 loadings.17 In contrast, at intermediate loadings, there is good 

 
Figure 2.3 Isosteric heats of adsorption for CO2 (squares) and N2 (circles) in mmen-
CuBTTri (green) and CuBTTri (blue), as obtained from fits to the gas adsorption data 
collected at 25, 35, and 45 °C. 
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agreement between the dual-site Langmuir and Virial fits. While mmen-CuBTTri 
exhibits a large heat of adsorption at zero loading, heats of adsorption at intermediate 
loadings are of course also important for CO2 capture. At a loading of 2.4 mmol/g, the 
approximate capacity of mmen-CuBTTri for CO2 at 0.15 bar, the isosteric heat of 
adsorption was calculated to be about –45 kJ/mol by both the dual-site Langmuir and 
Virial models. Hence, in CO2 capture applications, the average enthalpy of adsorption for 
CO2 would be significantly less than the –96 kJ/mol value calculated for very low 
coverage levels. This has important implications for adsorbent regeneration. 
 Solid adsorbents with large isosteric heats of adsorption have considerable 
advantages including high selectivity and high capacity for CO2 at low partial pressures; 
however, they are often believed to be the most difficult to regenerate. Regeneration, 
however, is very dependent on the method best suited to a given material. For carbon 
capture from flue gas streams, vacuum and temperature swing adsorption methodologies 
are the ones most frequently envisioned. Vacuum swing adsorption can best be 
approximated by the difference in capacities between the adsorption and desorption 
pressures. For mmen-CuBTTri, we calculate a ca. 7 wt % working capacity between 0.15 
and 0.02 bar at 25 °C. For temperature swing methods, adsorbents with high heats of 
adsorption may prove to be better candidates than materials with moderate heats of 
adsorption. This is because the capacities of adsorbents with high heats of adsorption are 
more dependent on temperature than materials with smaller heats of adsorption.18 The 
significantly greater working capacities of strongly binding adsorbents may lead to 
materials that are less expensive to operate than those that have smaller working 
capacities. 
 We sought to test the cyclability of the material as a CO2 adsorbent using a 
combined temperature swing and nitrogen purge approach. Utilizing a thermogravimetric 
analyzer, a mixture of 15% CO2 in N2 was introduced into the furnace for 5 min at 25 °C. 
As shown in Figure 2.4, the sample mass increased by nearly 7% upon introduction of the 

 
Figure 2.4 Upon introduction of a 15% CO2 mixture in N2 at 25 °C, the mass of mmen-
CuBTTri increased by nearly 7% as measured by thermogravimetric analysis. Upon 
saturation, a N2 purge flow with a temperature swing to 60 °C fully regenerated the 
material, with no apparent capacity loss after 72 cycles. Note that the data are uncorrected 
for changes in buoyancy, which are small compared to changes in sample mass; this 
accounts for the effective negative mass of the sample at 60 °C. The sample mass was 
normalized to 0% at 25 °C under a flowing N2 atmosphere. 
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mixed gas, due to strong adsorption of CO2, even in the dilute mixture. The adsorbent 
was then regenerated by changing the flow to a pure N2 stream followed by rapid 
ramping of the furnace at 5 °C/min to 60 °C. The sample was held for 2 min at 60 °C, and 
then cooled at 5 °C/min to 25 °C. The temperature was allowed to stabilize for 2 min, 
followed by the reintroduction of the 15% CO2 in N2 mixture. The 27 min cycling 
procedure was repeated 72 times, with no apparent change in capacity. The kinetics of the 
adsorption are sufficiently quick that little additional CO2 is adsorbed after the first few 
minutes, and even shorter cycle times could be utilized with only small reductions in 
capacity. Similarly, complete desorption is realized prior to the end of each 2 min 
isotherm. Importantly, the cycling capacity of mmen-CuBTTri under dry conditions is 
comparable to or even greater than the working capacity of a 30% MEA solution, which 
is approximately 3 wt %.19 
 Heats of adsorption approaching –100 kJ/mol and highly specific interactions are 
indicative of chemisorptive processes. In the absence of water, we believe that the 
electrophilic CO2 molecule is accepting electron density from the lone pair of the free 
amine of mmen, forming a zwitterionic carbamate. Previous spectroscopic studies of CO2 
binding in amine-containing metal-organic frameworks have investigated only less basic 
aromatic amines.20 For example, it was recently shown in NH2-MIL-53(Al) that the amine 
was not directly interacting with the CO2, but rather, other physisorptive processes 
account for the favorable adsorption characteristics of the material. 21 
 Diffuse Reflectance Infrared Fourier Transform Spectroscopy (DRIFTS) 
measurements were performed on mmen-CuBTTri using a high-pressure (0-3 bar) gas 
cell to confirm and characterize the proposed chemisorptive process. Figure 2.5 plots the 

 
Figure 2.5 Infrared spectra obtained upon exposure of mmen-CuBTTri to a 5% CO2/95% 
He gas mixture in a high-pressure DRIFTS cell. Under dry conditions, the N-H stretch of 
mmen is apparent at 3283 cm–1 (vertical dashed line) on a fully evacuated sample 
(purple). Dilute CO2 in He was slowly introduced into the cell (red) up to a dynamic 
pressure of 1.5 bar (green). Upon saturation, the N-H stretch fully disappeared. Following 
reactivation under vacuum and heating at 60 °C (blue), the N-H stretch reappeared. 
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infrared absorbance of mmen-CuBTTri under various pressures of CO2. Most notably, a 
total disappearance of the N-H band at 3283 cm–1 is clearly observed upon introduction 
of 5% CO2 in He into the cell at increasing pressures. The reported frequency for the N-H 
stretch in free mmen is 3279 cm–1.22 Upon regeneration of the solid under vacuum and 
heating, the N-H stretching band returns. A sharp band at 1386 cm–1 also appears in the 
spectra as CO2 is introduced; diffuse bands near 1669, 1487, and 1057 cm–1 are also 
apparent in addition to changes in the fingerprint region. 
 Water was strictly excluded from the material for the DRIFTS measurements to 
eliminate the possibility of carbonate formation. Similar measurements have been 
performed on other porous materials, most notably amine-grafted mesoporous silicas.23 In 
these materials two amines can often act concertedly to adsorb CO2. It has been 
previously reported, however, in dry amino acid-based ionic liquids that zwitterionic 
CO2

– species exhibit sharp infrared band near 1660 cm–1.24 From the large calculated heat 
of adsorption and observed band changes in the infrared region upon CO2 addition, we 
believe that the primary mechanism of CO2 adsorption at low pressures is the 
chemisorption of CO2 gas onto mmen molecules resulting in the formation of carbamates. 
 The framework CuBTTri was additionally modified with N-
methylethylenediamine (men), an asymmetric diamine with one primary and one 
secondary amine. Relative to the performance of mmen-CuBTTri, men-CuBTTri 
performs more similarly to en-CuBTTri, for which only a small enhancement in CO2 
uptake was observed at very low pressures. A small improvement in performance was, 
however, realized through the use of men over en (Figure 2.6). 
 The significantly greater adsorption of CO2 in mmen-CuBTTri is attributable to 
the larger number of amines that are accessible to guest CO2 molecules. There are two 
primary factors affecting the incorporation of primary amines into CuBTTri. First, the 
best fits to the elemental analysis data indicate at least two times as many diamine 
molecules were incorporated into mmen-CuBTTri versus the en- and men- analogues. A 

 
Figure 2.6 CO2 adsorption isotherms at 298 K (green squares), 308 K (blue circles) and 
318 K (red triangles) for men-CuBTTri. 
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reasonable explanation for the higher incorporation of mmen into the framework is the 
formation of a weaker coordinate bond between the secondary amine on mmen and a 
framework Cu2+ ion compared with the relatively stronger coordinate bond formed 
between a primary amine and a Cu2+ ion. The significantly greater reversibility of mmen 
binding with Cu2+ imparts it with a faster diffusion rate through the pores such that mmen 
molecules that bonded with copper sites near pore openings were labile in the hot hexane 
solution employed for grafting. These diamines were capable of migrating deeper into 
pores to achieve high surface coverage. In the case of primary amines, the irreversibility 
of the coordinate bond at the synthesis conditions surveyed severely limited the diffusion 
of en and men into the pores. Once appended, additional diamines could only diffuse 
through constricted pores to reach interior metal sites. Note that in men-CuBTTri, the 
primary amine end of men is coordinated to the metal centers while the sterically 
hindered secondary amine is available to interact with guest molecules in the pores. 
Increased reversibility of en and men binding was sought through the use of higher 
boiling solvents and lower concentrations; however, grafting temperatures that 
significantly exceeded 100 °C resulted in the decomposition of the framework. 
 Second, based upon the calculated heats of adsorption for en- and men-CuBTTri, 
the number of amines that were strongly adsorbing CO2 was significantly less than the 
number of amines that were appended in each framework. This is because not all of the 
amines in the en- and men- frameworks bonded to open-metal sites. Grafted amines 
severely reduced the pore diameters, slowing diffusion rates as previously discussed. 
Some of these pores then became blocked by the excess amines. Amines and other 
adsorption sites beyond these blockages were inaccessible to guest gases. This was 
confirmed by the very lower surface areas calculated for en- and men-CuBTTri. By 
comparison, the surface area for mmen-CuBTTri was significantly higher despite the 
greater number of total amines calculated to be within the framework. 
 
2.4 Conclusions 
 
 The incorporation of alkylamine functional groups onto surfaces can greatly 
improve the CO2 adsorption characteristics of metal-organic frameworks. Amines do not 
necessarily simply polarize CO2; rather, they strongly and selectively bind it via 
chemisorptive interactions. The new compound mmen-CuBTTri had the highest 
selectivity and binding strength for CO2 of any metal-organic framework reported to date. 
Despite its large isosteric heat of CO2 adsorption, the material can quickly be regenerated 
using mild temperature swings. 
 Amines tethered to solid surfaces within porous materials have considerable 
advantages over aqueous alkanolamines. Gaining a better understanding the effects of 
other gases on CO2 adsorption, especially water vapor, is important for all metal-organic 
frameworks being considered for CO2 capture, and follow-up studies to that end for 
mmen-CuBTTri were undertaken. 
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Chapter 3: Capture of Carbon Dioxide from Air and Flue Gas in the Alkylamine-
Appended Metal-Organic Framework mmen-Mg2(dobpdc)  

 
3.1 Introduction 
 

The concentration of CO2 in the Earth’s atmosphere is presently 390 ppm,1 an 
increase of approximately 110 ppm since the start of the Industrial Revolution.2 The 
combustion of fossil fuels is largely responsible for this increase,3 yet fossil fuels will 
continue to be heavily utilized for energy production during the 21st century. Currently, 
there is significant interest in the development and implementation of technologies that 
slow CO2 emissions and thus forestall the most severe consequences of global warming. 
For limiting future CO2 emissions from large, stationary sources like coal-fired power 
plants, carbon capture and sequestration (CCS) has been proposed.4 The CCS process 
involves the selective removal of CO2 from gas mixtures, the compression of pure CO2 to 
a supercritical fluid, transportation to an injection site, and finally permanent 
subterranean or submarine storage.5 For the retrofit of existing power plants, post-
combustion CO2 capture is a likely configuration. In this design, fuel is burned in air and 
CO2 is removed from the effluent. For coal-fired power plants, the largest flue gas 
components by volume are N2 (70-75%), CO2 (15-16%), H2O (5-7%) and O2 (3-4%), 
with total pressures near 1 bar and temperatures between 40 and 60 °C.6 

Aqueous amine solutions are currently the most viable absorbents for carbon 
capture under the aforementioned conditions, and are presently used for the removal of 
CO2 from industrial commodities like natural gas.7 While a variety of advanced amines 
are available, 30% monoethanolamine (MEA) in water is the benchmark solvent against 
which competing technologies are generally compared. The low solvent cost and proven 
effectiveness make MEA an attractive absorbent for many applications. However, if 
MEA were to be utilized for CCS, electricity prices are projected to increase by 86%.8 
The US Department of Energy has targeted a maximum 35% increase for the cost of 
electricity produced from a coal power plant that captures 90% of the CO2 it generates. 
The diversion of steam from the electricity generation cycle to the solvent regeneration 
cycle sharply reduces the net electricity output of the plant, drastically increasing 
electricity costs. Previous work has demonstrated that plant efficiency is highly 
dependent on the solvent regeneration energy.9 

Presently, there is significant interest in the development of solid adsorbents that 
selectively adsorb CO2 at partial pressures applicable to CCS.10 Solid adsorbents are 
promising candidates because the significantly smaller heat capacities of solids may 
reduce the sensible heat required for regeneration. In addition, solvent loss and corrosion 
issues resulting from the use of aqueous amines would be minimized if solids adsorbents 
were instead utilized.9 

While CCS is unlikely to be widely implemented within the next decade,5 a 
number of current industrial processes utilize liquid or solid adsorbents to remove CO2 
from gas mixtures. These processes could benefit greatly from the next generation of 
adsorbents that are currently being proposed for CCS applications. Currently, aqueous 
amines are used industrially to separate CO2 from gas mixtures with high CO2 partial 
pressures like natural gas, while solid adsorbents are used to remove CO2 from mixtures 
with very low CO2 partial pressures. 
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Among the most challenging CO2 separations is the removal of CO2 directly from 
air. Prior to the cryogenic distillation of air for N2, O2, and Ar production, CO2 is 
removed from the air to minimize solid CO2 formation on heat exchangers.11  To 
maximize the capacity of zeolite 13X for CO2 adsorption, the air stream is dried over 
alumina, cooled to 5 °C, and pressurized to 5-7 bar. The effective capacity of zeolite 13X, 
the most widely used adsorbent for this process, under these conditions is ca. 0.35 
mmol/g, which corresponds to a crystallographic volumetric capacity of approximately 
0.5 mmol/cm3.11c,12 In this “prepurification” step, the CO2 concentration in the air is 
reduced to less than 1 ppm. New higher-capacity adsorbents could potentially eliminate 
the costs associated with precooling feed air and reduce the adsorbent regeneration 
energy. 

Carbon dioxide scrubbers are critical life support systems in confined spaces with 
limited air exchange, such as spacecraft, submarines, and breathing suits.13 Because of 
the very low capacity of solid adsorbents for 390 ppm CO2 in unpressurized gas streams, 
weight and volume limitations prevent the implementation of systems capable of 
maintaining CO2 concentrations at atmospheric levels. Thus, the average CO2 
concentration aboard the International Space Station ranges from 3000 to 7000 ppm,14 
which approaches the currently established safe limit for chronic CO2 exposure.14,15 
Improved adsorbents could potentially reduce CO2 concentrations within confined spaces 
to significantly lower and potentially safer levels, while simultaneously reducing the 
adsorbent mass and volume. 

In addition to current processes that remove CO2 from air, proposed technologies 
may benefit greatly from improved air capture adsorbents. For example, alkaline fuel 
cells (AFCs)16 and iron-air batteries17 require CO2-free O2 sources to avoid electrolyte 
side-reactions. It has been previously suggested that improved CO2 adsorbents could 
solve many issues associated with the operation of AFCs because air purification imposes 
considerable engineering and financial burdens on the system.18  

Lastly, directly adsorbing CO2 from the atmosphere combined with geologic 
sequestration has been proposed as a potential solution for offsetting CO2 emissions from 
mobile or diffuse generators.19 Direct air capture, if widely implemented, could also 
theoretically reduce atmospheric CO2 concentrations by capturing historic emissions 
rather than simply abating future emissions. Significant obstacles remain for direct air 
capture including its substantially higher cost compared to traditional CCS.20 Yet many 
estimates rely on the use of traditional inorganic bases, which require the construction of 
very large physical structures to ensure sufficient surface area for air to contact the 
adsorbent.21 Porous solid adsorbents with high surface areas could potentially drastically 
reduce the large capital costs associated with air capture. 

Recently, amine-functionalized porous solids have been proposed as superior 
adsorbents for air capture compared to inorganic bases and zeolites. For example, amine-
modified porous polymers have been tested for use aboard spacecraft.22 Silica,17,23 
alumina,24 and carbon25 adsorbents functionalized with amines have also been analyzed 
for their efficacy as air capture adsorbents, as have ammonium ion-exchange 
membranes.26 The primary advantage of amine-functionalized adsorbents is their high 
capacity for 390 ppm CO2, in some cases in excess of 2 mmol/g. However, existing 
materials of this type frequently require hours to reach saturation because of slow 
adsorption kinetics. 
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Metal-organic frameworks are a class of porous, crystalline adsorbents that have 
recently attracted much attention for use in gas separations.10,27 The high tunability of 
their design may enable greater functionality with reduced adsorbent mass and volume 
compared to traditional solid adsorbents. Among the most interesting features of some 
metal-organic frameworks is the presence of coordinatively-unsaturated metal centers 
(open metal sites) along the pore surfaces.28,29 These five-coordinate metal cations, 
known to behave as Lewis acids that strongly polarize gas adsorbents, are further 
amenable to post-synthetic functionalization.30 

In chemically robust metal-organic frameworks with well-separated open metal 
sites, one amine of a diamine molecule can bind to a metal cation as a Lewis base while 
the second amine remains available as a chemically reactive adsorption site. The 
modification of open metal sites within the metal-organic framework Cu-BTTri with the 
secondary amine N,Nʹ′-dimethylethylenediamine (mmen) was previously described.31 
Upon grafting mmen onto the exposed Cu2+ sites of the framework, a 3.5 times 
enhancement in CO2 capacity at 0.15 bar and 25 °C was realized. We believe that the 
incorporation of very basic alkylamines into framework pores will be a promising 
strategy for increasing the capacity of metal-organic frameworks for CO2 uptake at low 
partial pressures.  

The high concentration of open metal sites within the M2(dobdc) (M = Mg, Mn, 
Fe, Co, Ni, Zn; dobdc4– = 2,5-dioxido-1,4-benzenedicarboxylate; M-MOF-74 or CPO-27-
M) series of metal-organic frameworks makes them attractive candidates for diamine 
functionalization.29 To date, however, we have been unable to synthesize promising 
amine functionalized derivatives of the M2(dobdc) series. We hypothesized that the 
relatively narrow, one-dimensional channels (~11 Å diameter) may be hindering effective 
diffusion of the diamines into the framework. Thus, we sought to synthesize expanded 
analogues of the M2(dobdc) structure via a ligand extension. Larger pores should enable 
more facile functionalization, enhance gas diffusion, and potentially unlock unrealized 
functionality within this interesting structural topology replete with open metal sites. 

Herein, we report the first expanded analogues of the M2(dobdc) structure type, 
featuring 18.4 Å-wide channels and exhibiting exceptional CO2 adsorption properties 
upon functionalization with mmen. 
 
3.2 Materials and Methods 
 

General. All reagents were obtained from commercial vendors at reagent grade 
purity or higher and used without further purification. 

 
4,4ʹ′-Dihydroxy-(1,1ʹ′-biphenyl)-3,3ʹ′-dicarboxylic Acid (H4dobpdc). The 

compounds 4,4ʹ′-dihydroxybiphenyl (1.16 g, 6.24 mmol), KHCO3 (2.00 g, 20.0 mmol), 
dry ice (4 g), and 1,2,4-trichlorobenzene (3 mL) were added to a PTFE insert within a 
steel acid digestion bomb (23 mL) and heated at 255 °C for 17 h.32 After cooling to room 
temperature, the mixture was collected via vacuum filtration and washed with diethyl 
ether. The solid was suspended in 300 mL of distilled water, and filtered again. To the 
filtrate, neat HCl was slowly added until a pH between 1 and 2 was reached. The 
resulting crude product was collected via filtration. Recrystallization using 50 mL of 
acetone and 50 mL of water per gram of crude material afforded 0.68 g (40%) of pure 
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product as a white powder. Anal. Calcd for C14H10O6: C, 61.32; H, 3.68. Found: C, 61.34; 
H, 3.60. IR (KBr) 1659 (vs), 1612 (s), 1481 (s), 1450 (vs), 1319 (s), 1290 (s), 1240 (s), 
1099 (w), 1047 (w), 894 (w), 825 (m), 792 (m), 723 (w), 686 (m), 573 (w), 530 (w) cm–1. 
1H NMR (300 MHz, dmso-d6): δ = 10.75-11.95 (br, 2H), 7.93 (s, 2H), 7.74 (d, 2H, J = 
11.2 Hz), 7.00 (d, 2H, J = 8.6 Hz). 

 
Zn2(dobpdc)(DEF)2·DEF·H2O (DEF-1). To a 2-mL Pyrex tube, H4dobpdc (4.0 

mg, 0.015 mmol), ZnBr2·2H2O (8.9 mg, 0.034 mmol), and 0.5 mL of mixed solvent (1:1 
DEF:EtOH; DEF = N,N-diethylformamide) were added. The tube was sealed and placed 
in a preheated oven at 100 °C. After 72 h, needle-shaped, colorless crystals had formed. 
The crystals were isolated by filtration and washed with hot DEF to afford 3.7 mg (35%) 
of product. Anal. Calcd for C29H41N3O10Zn2: C, 47.84; H, 5.64; N, 5.79. Found: C, 48.21; 
H, 5.72; N, 5.82. IR (KBr): 1655 (vs), 1610 (s), 1544 (s) 1462 (s), 1412 (vs), 1286 (s), 
1234 (s), 1149 (m), 1103 (m), 1047 (w), 881 (m), 825 (m), 760 (w), 690 (m), 586 (m), 
505 (w) cm–1. 

 
Mg2(dobpdc)(DEF)2·DEF1.5·H2O (DEF-2). Into a 10-mL Pyrex cell, H4dobpdc 

(24 mg, 0.088 mmol), MgBr2·6H2O (60 mg, 0.21 mmol), and 3 mL of solvent (1:1 
DEF:EtOH) were loaded and sealed with a PTFE cap. The mixture was irradiated in a 
microwave reactor (CEM Discover) for 30 min at 120 °C. After 30 min, the solution was 
cooled and the resulting solid was collected via filtration and washed with hot DEF. The 
solid was dried under vacuum to yield 57.5 mg (95%) of product as a white powder. 
Anal. Calcd for C31.5H46.5Mg2N3.5O10.5: C, 54.77; H, 6.78; N, 7.10. Found: C, 54.85; H, 
7.07; N, 6.86. IR (KBr): 1661 (vs), 1612 (s), 1570 (s), 1468 (vs), 1419 (s), 1298 (s), 1242 
(s), 1149 (m), 1111 (m), 1047 (w), 945 (w), 885 (m), 842 (m), 825 (m), 725 (w), 692 (m), 
660 (w), 590 (m), 501 (w), 447 (w) cm–1. Heating at 420 °C for 65 min in vacuo yielded 
the fully activated adsorbent Mg2(dobpdc) (2). 

 
Mg2(dobpdc)(mmen)1.6(H2O)0.4 (mmen-Mg2(dobpdc) or mmen-2). A sample 

of fully activated 2 (77 mg, 0.24 mmol) was immersed in anhydrous hexane, and 20 
equiv of N,Nʹ′-dimethylethylenediamine (mmen, 0.53 mL, 4.8 mmol) was added. The 
suspension was stirred for one day, filtered, and rinsed copiously with hexanes. The solid 
was then evacuated of residual solvents at 100 °C for 24 h to afford 87 mg (77%) of 
product as a gray-white powder. Anal. Calcd for C20.4H26Mg2N3.2O9.6: C, 52.46; H, 5.62; 
N, 9.60. Found: C, 52.15, H, 5.41; N, 9.52. IR (ATR, neat): 3320 (w), 2952 (w), 2910 
(w), 2862 (w), 2806 (w), 1616 (s), 1575 (s), 1538 (w), 1468 (vs), 1421 (vs), 1295 (m), 
1244 (s), 1152 (m), 1104 (m), 1053 (m), 1000 (w), 887 (m), 844 (m), 828 (m), 727 (w), 
692 (s), 618 (m), 589 (s) cm–1. 

 
X-ray Structure Determination. A crystal of DEF-1 was mounted on a cryoloop 

under a cooling stream of dinitrogen. Diffraction data were collected with synchrotron 
radiation using a 6B MX-I ADSC Quantum-210 detector with a silicon (111) double-
crystal monochromator at the Pohang Accelerator Laboratory. The ADSC Quantum-210 
ADX program (Ver. 1.92) was used for data collection and HKL2000 (Ver. 0.98.699) 
was used for cell refinement, data reduction, and absorption corrections. The structure 
was solved by direct methods and refined by full-matrix least-squares analysis using 
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anisotropic thermal parameters for non-hydrogen atoms with the SHELXTL program.33 
The C2 and C5 atoms were isotropically refined due to poor thermal behavior. Guest 
molecules in the pores were highly disordered and unable to be modeled. To account for 
this electron density, the program SQUEEZE34 was employed. All hydrogen atoms were 
calculated at idealized positions and refined using a riding model. Crystal data for DEF-1: 
empirical formula = C12H14NO4Zn, Mr = 301.61, T = 100(2) K, space group = P3221, a = 
21.698(3) Å, c = 6.8690(14) Å, α = 90°, β = 90°, γ = 120°, V = 2800.7(8) Å3, Z = 6, Dcalc 
= 1.073 g/cm3, µ = 1.319 mm-1, 13927 reflections collected, 2941 unique (Rint = 0.0418), 
R1 = 0.0466, wR2 = 0.1204 (I > 2σ(I)). 

 
Powder X-ray Diffraction. Powder X-ray diffraction data were collected with 

either a Rigaku Ultima III or a Bruker D8 Advance diffractometer using Cu Kα radiation 
(λ = 1.5406 Å). The unit cell dimensions of DEF-2 and mmen-2 were determined by 
performing a full-pattern decomposition using the Le Bail method, as implemented in 
TOPAS-Academic.35 Owing to the isomorphism with Zn2(dobpdc), the trigonal space 
group P3221 was used for the refinements. Crystal data for DEF-2: a = 21.761(2) Å, c = 
6.9721(7) Å, V = 2859.1(5) Å3 (Rwp = 0.093, Rp = 0.067). Crystal data for mmen-2: a = 
21.500(2) Å, c = 6.8275(9) Å, V = 2733.2(6) Å3 (Rwp = 0.042, Rp = 0.033). 

 
Gas Adsorption Measurements. Gas adsorption data for pressures in the range 

0-1.1 bar were obtained by volumetric methods using a Micromeritics ASAP2020 
instrument. All gases were 99.998% purity or higher. Isotherms at 77 K were measured in 
liquid nitrogen baths. Isotherms at 25, 35, 45, 50, and 75 °C were measured using liquid 
circulators to maintain a constant temperature. Isotherms at 100 and 120 °C were 
measured using a heated sand bath controlled by a programmable temperature controller. 
BET surface areas were calculated from N2 adsorption at 77 K. DFT pore size 
distributions and pore sizes were calculated from N2 adsorption at 77 K with the 
Micromeritics DFT Plus Models Kit (Ver. 2.02) software suite with cylinder pore 
geometries for an oxide surface. The compound mmen-2 was regenerated at 100 °C under 
dynamic vacuum for 4 h after measurement of each isotherm. 

 
Isosteric Heats of Adsorption Calculations. A dual-site Langmuir-Freundlich 

equation (Eqn. 3.1) was employed to model the CO2 adsorption at 25, 50, and 75 °C for 
mmen-2 in the region before the step in the isotherms. 

 
 

 (3.1) 
 
 
Here, q is the amount of CO2 adsorbed (mmol/g), p is the pressure (bar), qsat is the 

saturation capacity (mmol/g), b is the Langmuir-Freundlich parameter (bar–α), and α is 
the Langmuir-Freundlich exponent (dimensionless) for two adsorption sites A and B. In 
order to model the CO2 adsorption in the region after the step, a modified Langmuir-
Freundlich equation (Eqn. 3.2) was employed. 
 
 

q = qsat,AbAp
αA

1+ bAp
αA

+
qsat,BbBp

αB

1+ bBp
αB



 
51 

 
   (3.2) 

 
 
Here, adsorption is considered at three sites A, B, and C, and an extra parameter, 

p*, is used to account for the pressure at which the step in the isotherm occurs and the 
strongest adsorption sites are first populated. After carefully refining the parameters in 
Eqns 3.1 and 3.2, excellent agreement was achieved between the experimental isotherm 
data and the corresponding isotherm fits. Using the appropriate isotherm fits, 
Mathematica software was used to solve for the exact pressures, p, corresponding to 
constant amounts of CO2 adsorbed, q, at 25, 50, and 75 °C. The Clausius-Clapeyron 
equation (Eqn. 3.3) was then used to calculate the isosteric heats of adsorption, Qst, by 
determining the slope of the best-fit line for ln p versus 1/T at each loading.  
  
 

   (3.3) 
 
 
As indicated by the residual sum of square values, R2, of close to 1 the isotherm 

data was consistent with the Clausius-Clapeyron equation across the entire loading range 
considered, even with the changes in the location of the step in the isotherms. 

The isosteric heats of adsorption for CO2 in the unmodified Mg2(dobpdc) were 
determined by fitting the adsorption isotherms at 25, 35, and 45 °C with a dual-site 
Langmuir-Freundlich equation (Eqn. 3.1). Each temperature was fit independently, and 
the Clausius-Clapeyron equation was used to determine Qst as a function of loading.  

 
Model CO2 Isotherms. Isotherms for CO2 uptake in mmen-2 at other 

temperatures were predicted from the experimental isotherm at 75 °C via application of a 
Clausius-Clapeyron relation (Eqn. 3.4). 

 
 
 

   (3.4) 
 
 

 
Calculated pressures (p2) at constant loadings (q) were determined assuming an 

isosteric heat of adsorption (Qst) of 71 kJ/mol for all loadings. Here, p1 is a pressure 
experimentally measured at 75 °C, R is the universal gas constant, T1 is 75 °C, and T2 is 
the temperature for which a model isotherm is desired. 

 
CO2 Selectivity Calculations. Here, the adsorption capacities of component n 

(qn) are defined to be molar excess adsorption capacities determined experimentally 
without correction for absolute adsorption, and pn is defined to be the pressure of 
component n as experimentally measured. Selectivity (S) is defined according to Eqn. 
3.5, while purity is defined according to Eqn. 3.6. 
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 (3.5) 
 

 
 
 

  (3.6) 
 
 
Thermogravimetric Analysis (TGA) and Gas Cycling Measurements. 

Thermogravimetric analyses were carried out at ramp rates between 5 and 10 °C/min 
under a nitrogen flow with a TA Instruments TGA Q5000 (Ver. 3.1 Build 246) or a 
Scinco TGA N-1000. 

Carbon dioxide cycling experiments were performed on the aforementioned TA 
Instruments analyzer using 15% CO2 in N2 (Praxair NI-CD15C-K), 390 ppm CO2 in air 
(Praxair AI-CD-390C-K; 390 ppm CO2, 21% O2, balance N2), CO2 (Praxair 99.998%) 
and N2 (Praxair, 99.9%). A flow rate of 25 mL/min was employed for all gases. Prior to 
cycling, the sample was activated by heating at 150 °C for 1 h. For Figure 3.6, sample 
mass was normalized to be 0% at the adsorption temperature (25 °C for 390 ppm CO2; 40 
°C for 15% CO2) under flowing N2. For Figure 3.7, sample mass was normalized to be 
0% at 150 °C under flowing 100% CO2. Masses were uncorrected for buoyancy effects. 
In Figure 3.6, the difference between the quantity of N2 adsorbed at the tare temperature 
and the regeneration temperature likely accounts for the negative apparent mass of 
mmen-2 at high temperatures. 

 
Differential Scanning Calorimetry. Thermal analysis was performed on a TA 

Instruments Q200 differential scanning calorimeter equipped with a refrigerated cooling 
system (RCS40). Through the sample cell, 15% CO2 in N2 or N2 was flowed over T-Zero 
aluminum pans that were not hermetically sealed. An empty, aluminum T-Zero pan 
provided the reference sample for thermal analysis. The calorimeter was calibrated with 
the TA Instruments software package; the melting point of indium (156.60 °C) was 
utilized for the temperature calibration. Sample and pan masses were determined after 
activation at 150 °C for 60 min on a TA Instruments TGA Q5000 via the readout from 
the internal balance under flowing N2. Identical aliquots of mmen-2 were utilized for 
TGA and DSC measurements to approximate heats of adsorption. Integrated heats were 
calculated with TA Instruments Universal Analysis software suite. 

 
Other Physical Measurements. Elemental analyses for C, H, and N were 

performed at the Elemental Analysis Service Center of Sogang University or the 
Microanalytical Laboratory of the University of California, Berkeley. 1H spectra were 
obtained using a 300 MHz Varian instrument. Infrared spectra were obtained from KBr 
pellets with a Bomen MB-104 spectrometer or on a Perkin Elmer Spectrum 400 FTIR 
spectrometer equipped with an attenuated total reflectance (ATR) accessory. For diffuse 
reflectance infrared Fourier transform spectroscopy (DRIFTS) spectra, the Perkin Elmer 
spectrometer was equipped a Harrick Praying Mantis Diffuse Reflectance accessory and 

S =

qCO2
q2

pCO2
p2

Purity =
qCO2

qCO2 + q2
×100%
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a temperature controlled high-pressure gas cell with Swagelok valves connecting 5% CO2 
in He (Praxair certified standard HE CD5C-K) and an oil-free vacuum. 
 
3.3 Results and Discussion 
 

Reaction of H4dobpdc with ZnBr2·2H2O or MgBr2·6H2O in 1:1 DEF:EtOH 
afforded DEF-1 and DEF-2, respectively (see Figure 3.1). The coordination environment 
of the divalent metal cations within 1 and 2 are analogous to those in the M2(dobdc) 
series.29 In the crystal structure of DEF-1, four different dobpdc4– ligands and one DEF 
molecule are bonded to each Zn2+ ion in a distorted octahedral geometry. There are three 
unique O donor types from the dobpdc4– ligand: bridging (µ2) aryloxide O atoms (O1), 
bridging (µ2) carboxylate O atoms (O2), and non-bridging carboxylate O atoms (O3). The 
equatorial plane of each Zn2+ is composed of two trans-disposed O1 ligands from 
different linkers, one O3 donor atom, and one O2 donor atom. An O2 donor atom 
occupies one axial coordination site, while the other axial site is occupied by an O donor 
atom from DEF, the reaction solvent. This coordination mode results in the formation of 
helical chains of Zn2+ atoms running along the c axis of the crystal. The resulting 
framework consists of a honeycomb lattice of hexagonal, one-dimensional channels 
approximately 18.4 Å in width. Bound DEF molecules occupy the Zn2+ coordination sites 
along the corners of hexagonal channel walls. Powder X-ray diffraction (PXRD) data 
indicate DEF-2 to be isostructural with DEF-1. 

Heating DEF-2 at 420 °C for 65 min under dynamic vacuum, removed the DEF 
molecules bound to the metal atoms, completely activating the material and generating 
open Mg2+ coordination sites. Such extreme thermal treatment was necessary because 
soaking in methanol at 100 °C for 20 h did not lead to exchange of the bound DEF 
molecules. The porosity of activated 2 was confirmed via N2 adsorption at 77 K, resulting 

 
 
Figure 3.1 Synthesis of mmen-Mg2(dobpdc) (mmen = N,Nʹ′-dimethylethylenediamine; 
dobpdc4– = 4,4ʹ′-dioxido-3,3ʹ′-biphenyldicarboxylate). From the microwave reaction of 
MgBr2·6H2O and H4dobpdc (left), Mg2(dobpdc) (2) is obtained following evacuation of 
the as-synthesized solid at high temperatures (middle). The framework structure depicted 
is that obtained from single crystal X-ray analysis of the isostructural zinc compound 
DEF-1. Green, red, and gray spheres represent Mg, O, and C atoms respectively; H atoms 
are omitted for clarity. Addition of an excess of mmen to the evacuated framework yields 
the amine-appended CO2 adsorbent Mg2(dobpdc)(mmen)1.6(H2O)0.4 (right).  
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in a BET surface area of 3270 m2/g. Note that, in line with the expanded structure, this is 
significantly greater than the BET surface area of 1495 m2/g reported for Mg2(dobdc).36 

The synthesis and structure of mmen-2 is depicted schematically at the right of 
Figure 3.1. An activated sample of 2 was suspended in hexanes and an excess of mmen 
was added. As indicated by powder X-ray diffraction, framework crystallinity was not 
significantly affected by activation or subsequent amine functionalization. A much 
reduced BET surface area of 70 m2/g was calculated for mmen-2. 

Upon exposure of DEF-2 to atmospheric air, the white powder turns blue and a 
loss of crystallinity occurs, as observed via powder X-ray diffraction measurements. 
Amine functionalization, however, appears to enhance framework stability, because no 
similar degradation was observed for mmen-2 upon exposure to air for one week. 

For 2, isosteric heats of CO2 adsorption were calculated to approach –44 kJ/mol at 
low coverage. This value is similar to those previously reported for the analogous 
Mg2(dobdc) framework.37 The adsorption capacity of 2 at 25 °C is 4.85 mmol/g (17.6 wt 
%) and 6.42 mmol/g (22.0 wt %) at 0.15 and 1 bar, respectively. The gravimetric capacity 
of 2 for CO2 at 0.15 bar exceeds the capacity of all metal-organic frameworks except for 
Mg2(dobdc),10c which adsorbs 6.1 mmol/g (21.2 wt %) at 25 °C and 0.15 bar.36 

The alkylamine-functionalized metal-organic framework mmen-2 displayed an 
extremely high affinity for CO2 at extraordinarily low pressures. The CO2 adsorption 
isotherms obtained at 25, 50, and 75 °C are presented in Figure 3.2. At 25 °C and 0.39 
mbar, near the current partial pressure of CO2 in Earth’s atmosphere, the compound 
adsorbed 2.0 mmol/g (8.1 wt %), which is 15 times the capacity of 2. At the much higher 
pressure of 5 mbar, the median partial pressure of CO2 within the International Space 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 3.2 Adsorption of CO2 in mmen-2 at 25 °C (blue squares), 50 °C (green 
triangles), and 75 °C (red circles). Inset: The isotherms at very low pressures exhibit a 
step that shifts to higher pressures at higher temperatures. The dashed, vertical line marks 
the current partial pressure of CO2 in air (390 ppm). 
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Station, the framework adsorbed 2.6 mmol/g (10.3 wt %). For comparison, zeolite 5A, 
which is currently used aboard the station to adsorb CO2, adsorbs 0.85 mmol/g (3.6 wt %, 
crystallographic volumetric capacity 1.3 mmol/cm3) at 5 mbar.12,38  

At 25 °C, the CO2 adsorption in mmen-2 reaches 3.13 mmol/g (12.1 wt %) at 0.15 
bar and 3.86 mmol/g (14.5 wt %) at 1 bar. Remarkably, its CO2 uptake at 1 bar and 25 °C 
exceeds the amount of N2 adsorbed at 77 K. Thus, the low surface area measured at 77 K 
does not appear to accurately reflect the surface area accessible to CO2, and the pore size 
distribution calculated from N2 adsorption at cryogenic temperatures likely does not 
accurately represent the true pore size distribution within mmen-2. On a per mass basis, 
the amine-functionalized framework adsorbed less CO2 than 2 at pressures higher than 20 
mbar. The large density difference between the two frameworks is primarily responsible 
for the lower gravimetric capacity of mmen-2. Crystallographic densities of 0.58 and 0.86 
g/cm3 were calculated for 2 and mmen-2, respectively. At 0.15 bar, 2 and mmen-2 adsorb 
2.8 and 2.7 mmol/cm3, respectively. 

Based upon the calculated number of dangling amine groups in mmen-2, a 
loading of 3.4 mmol/g would correspond to one CO2 per amine, yet uptake of only ca. 2.2 
mmol/g was observed. Here, pore blockages, hydrogen bonded amines, or cooperative 
binding mechanisms between two amines and one CO2 may be limiting the accessible 
stoichiometry of mmen-2. Thus, significant additional capacity improvements might be 
realized in the material if conditions can be identified for appending one mmen per 
magnesium and binding one CO2 molecule per dangling amine. 

Isosteric heat of adsorption calculations were hindered by the presence of a 
prominent step in the isotherms at low pressures and convex to the pressure axis. 
Generally, continuous mathematical functions are used to model experimental isotherms, 
which then become the input parameters for the Clausius-Clapeyron relation. Since we 
were unable to mathematically model the CO2 isotherms of mmen-2 with continuous 
equations over the entire pressure range, each isotherm was modeled with two Langmuir-

 
Figure 3.3 Isosteric heats of CO2 adsorption onto mmen-2, as calculated using the 
Clausius-Clapeyron relation. The calculated values indicate that chemical adsorption of 
CO2 onto the amines did not occur at very low coverage. 
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Freundlich equations. Data sets corresponding to the adsorption regions before and after 
the steps were compiled and then modeled individually. 

As shown in Figure 3.3, isosteric heats of adsorption for mmen-2 were calculated 
from the 25, 50, and 75 °C isotherm models. At low loadings, heats significantly lower 
than those expected for chemical adsorption of CO2 onto an amine were calculated. 
However, calculated heats quickly approached and maintained a value of –71 kJ/mol, 
which likely corresponds to the chemical adsorption of CO2 onto the free amine of 
mmen. Here, a carbamate with a weak C-N bond is probably formed through interaction 
the lone pair of the free amine of mmen and the electrophilic carbon of CO2. 

In situ diffuse reflectance infrared Fourier transform spectroscopy (DRIFTS) was 
employed to probe the chemical nature of adsorbed CO2. At 25 °C, 1 bar of 5% CO2 in 
He was introduced into an air-tight gas cell containing a sample of activated mmen-2. 
The difference spectrum between mmen-2 under a 1 bar atmosphere and the activated 
framework under vacuum is shown in Figure 3.4. The prominent loss peak at 3316 cm–1, 
assigned to the N-H stretch of free mmen-2, is indicative of chemical adsorption of CO2 
onto amines. 

Recent work on alkylamine grafted silica surfaces have suggested that chemical 
adsorption of CO2 onto alkylamines is not possible without neighboring amines or 
surface hydroxyl groups to stabilize the resulting carbamates; ammonium carbamates or 
surface bonded carbamates are formed, respectively.39 The formation of surface bonded 
carbamates in mmen-2 is unlikely due to a lack of surface hydroxyl groups, and the broad 

 
 
Figure 3.4 DRIFTS spectra of CO2 adsorption in mmen-2. The loss band at 3316 cm-1 in 
the difference spectrum (black line) between evacuated mmen-2 (blue line) and mmen-2 
under a 5% CO2 in He atmosphere (green line) indicates CO2 adsorption occurs via a 
chemical adsorption mechanism. The blue line is offset by –0.5 absorbance units for 
visual clarity.  
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NH stretches expected for ammonium cations are not definitively resolvable from the 
DRIFTS difference spectrum. Furthermore, the slow reversibility of mmen-2 at room 
temperature appears to preclude the formation of ammonium carbamates, which have 
been reported to desorb CO2 from primary amines readily at room temperature.39 
Additional experiments are necessary to ascertain whether adjacent functional groups are 
necessary for CO2 adsorption within such alkylamine-functionalized metal-organic 
frameworks. 

The step in each isotherm marks the pressure at which CO2 adsorption becomes 
dominated by chemisorption. Interestingly, the step moves to significantly higher 
pressures as the adsorption temperature increases; the location of the step at 75 °C was 
reproduced four times with little variation. Thus, the step cannot be attributed to slow 
kinetics, but appears to be an inherent characteristic of mmen-2 CO2 adsorption 
isotherms. All batches of mmen-2 have exhibited steps at approximately the same 
pressures. 

The location of the step is modeled well by a simple Clausius-Clapeyron relation 
(see Eqn. 3.4), which predicts how isotherms move as a function of temperature. In 
Figure 3.5, experimental isotherms at 25, 50, 75, 100, and 120 °C are shown as blue, 
green, red, purple, and orange squares, respectively. The black lines through the 25, 50, 
100, and 120 °C data are predicted isotherms for those temperatures modeled from the 
experimental data collected at 75 °C by assuming that the heat of adsorption is –71 
kJ/mol for all CO2 loadings. The black lines are not continuous functions, but connect 
calculated points. Utilizing the approximate heat of adsorption calculated from the 25, 50, 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 3.5 Adsorption of CO2 in mmen-2 at 25, 50, 75, 100, and 120 °C, represented as 
blue, green, red, purple, and orange squares, respectively. The locations of the step for the 
25, 50, 100, and 120 °C isotherms were modeled with a Clausius-Clapeyron derived 
equation constructed from the 75 °C data (shown as black lines for each temperature). 
The heat of adsorption was assumed to be a constant –71 kJ/mol. The onset pressure of 
each isotherm step was predicted well by the simple model. 
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and 75 °C isotherms, the model was able to predict the general shapes of the 100 and 120 
°C isotherms, as well as the pressures at which the steps arise. Thus, it seems that 
thermodynamics alone account for the movement of the step to higher pressures at higher 
temperatures. 

The existence of the step, however, is unexpected in a strongly adsorbing material 
with large pores. The amines, as the strongest adsorption sites, should preferentially 
adsorb CO2 before other, weaker adsorption sites adsorb significant quantities of CO2. To 
explain the non-classical adsorption behavior of mmen-2, we presently hypothesize that 
adsorption of CO2 onto mmen is disfavored at low adsorptive concentrations (the density 
of gas phase CO2 in the pores) because of the large positive entropy associated with 
reorganization of the amines, as required to form a chemical bond with CO2. Before the 
chemical potential necessary for amine reorganization afforded to the system by the 
adsorptive is achieved, CO2 adsorption is dominated by non-amine or weak amine-CO2 
adsorption sites. The minimum chemical potential required for amine reorganization 
increases as thermal motion increases, in line with the shift of the step to higher pressures 
at higher temperatures. Additional experiments and modeling will be required to test this 
hypothesis, and to understand the relationship between pore filling and adsorption in 
mmen-2. However, the shift of the step to higher pressures at higher temperatures could 
afford the opportunity for unique regeneration conditions, whereby a weak vacuum could 
nearly fully regenerate the material at moderate temperatures. 

Adsorption isotherms for N2 and O2 in mmen-2 at 25 °C were measured. The 
uptake capacities for these gases relative to CO2 suggest that it would be a highly 
selective adsorbent. Since we were unable to mathematically model the CO2 isotherms of 
mmen-2 with a meaningful, single equation40 over the entire pressure range of interest, 
ideal adsorbed solution theory (IAST)41 selectivities could not be calculated. Table 3.1 
therefore instead presents the approximate molar selectivities of mmen-2 for relevant gas 
mixtures, as calculated according to Eqn. 3.5 above using the excess adsorption 
capacities. This method for determining selectivities was recently shown to be less 
accurate than IAST, in part because it generally underestimates the values.37 

The selectivity of mmen-2 for CO2 over N2 in air is thus estimated to be at least 
49,000. However, the purity of gas adsorbed is perhaps a more physically meaningful 
value than selectivity, and is an important criterion for evaluating adsorbents if captured 

source gas 2 
CO2 

pressure 
(mbar) 

gas 2 
pressure 
(mbar) 

CO2 
uptake 

(mmol/g) 

gas 2 
uptake 

(mmol/g) 

molar 
selectivity 

est. 
purity 

air N2 0.4 800 2.05 0.083 49,000 96% 

air O2 0.4 200 2.05 0.038 27,000 98% 

flue 
gas N2 150 750 3.13 0.079 200 98% 

 
Table 3.1 Calculated CO2 selectivity values of mmen-2 for gas mixtures at 25 °C. 
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CO2 is to be transported or sequestered. The purity of CO2 adsorbed onto mmen-2, 
calculated according to Eqn. 3.6, would likely be more than 96% or 98% for capture from 
air or flue gas, respectively. 

While the purity of gas adsorbed within individual mmen-2 crystallites is very 
high, as shown in Table 3.1, the purity of gas adsorbed within a bed of adsorbent will be 
affected by the composition of gas phase molecules that fill the pore and intercrystalline 
spaces. For carbon capture applications, the high concentration of N2 in these pore 
volumes will negatively affect the selectivity and purity values of real adsorbent beds. 
However, the approximate selectivity and purity values indicate that the while the purity 
of CO2 decreases with increasing void space, any adsorbent bed with less than 80% void 
space should be capable of achieving CO2 purity in excess of 90%. From these 
calculations, we believe mmen-2 to be a promising, high-capacity adsorbent for removing 
high-purity CO2 from dry gas mixtures containing N2 and O2. 

To evaluate the performance of mmen-2 as a regenerable adsorbent, 
thermogravimetric analysis (TGA) was utilized to monitor sample mass under dynamic 

  
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 3.6 Adsorption-desorption cycling for mmen-2, demonstrating reversible uptake 
of 1.05 mmol CO2/g from dry air after 1 h (upper) and 2.52 mmol CO2/g from dry flue 
gas after 15 min (lower). Changes in sample mass are plotted as green squares and 
sample temperatures are plotted as blue lines; CO2 was introduced into the sample 
chamber at the points marked by black squares. Samples were regenerated under flowing 
N2. 
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environments. The top panel of Figure 3.6 plots changes in sample mass (normalized to 
the mass of the framework under N2 at 25 °C) while simulated air containing 390 ppm 
CO2 was flowed over the sample. Despite the very low concentration of CO2, a 4.6 wt % 
increase in mass was realized after 60 min. The adsorbent was then regenerated under 
flowing N2 at 150 °C for 30 min and the cycle repeated ten times with no apparent loss of 
capacity. 

To the best of our knowledge, no studies evaluating the efficacy of air capture 
within metal-organic frameworks were yet reported. The equilibrium capacity (2.0 
mmol/g, 1.72 mmol/cm3) of mmen-2 is similar to the capacities of the very best amine-
grafted silica and alumina adsorbents reported to date. However, the kinetics of 
adsorption appear to be significantly faster in mmen-2 than for amines deposited via 
impregnation or polymerization methodologies. For example, while the pseudo-
equilibrium capacity of an outstanding polyethyleneimine (PEI) impregnated silica gel 
was reported to be ca. 2.4 mmol/g, it took nearly 200 min for the silica based adsorbent to 
realize 4.6 wt %, the capacity of mmen-2 for CO2 after only 60 min.23d The easily 
accessed amines within mmen-2 appear to enhance adsorption rates greatly, enabling 
rapid adsorption-desorption cycles to be utilized. 

The capabilities of mmen-2 as an adsorbent for removing CO2 from the flue gas 
of coal-fired power stations were also investigated. The bottom panel of Figure 3.6 
presents the dynamic cycling behavior of mmen-2 under the relevant, dry conditions: 
15% CO2 in N2 flowing over the solid at 40 °C. After adsorbing CO2 for 15 min, the 
sample was heated at 120 °C for 15 min under N2. A capacity of 11.1 wt % (2.52 
mmol/g) relative to the sample mass of mmen-2 under N2 at 40 °C was realized. After 50 
cycles, only a 0.2 wt % capacity loss was observed. Longer adsorption and desorption 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 3.7 A temperature swing processes, as simulated for CO2 in mmen-2 using TGA 
and desorption with a CO2 purge. A 1.8 mmol/g capacity difference was calculated from 
the quantity of CO2 adsorbed at 150 °C under a 100% CO2 atmosphere (point A) and the 
quantity of CO2 adsorbed at 40 °C under flowing 15% CO2 in N2 (point C). Changes in 
sample mass are plotted as green circles and sample temperatures are plotted as blue 
lines; points B and D arise from introducing 15% CO2 at 150 °C and 100% CO2 at 40 °C 
respectively. 
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times did not significantly improve the cycling capacity of the material, nor did higher 
desorption temperatures. Note that the apparent capacity of mmen-2 greatly exceeds the 
ca. 3 wt % working capacity42 of aqueous monoethanolamine (MEA) scrubbers, which 
would likely swing between the same adsorption and desorption temperatures. 

If captured CO2 is to be sequestered, high purity CO2 is essential. To desorb the 
ca. 98% pure CO2 adsorbed onto mmen-2, a N2 or air purge cannot be utilized to strip the 
adsorbent bed. Hence, to approximate the working capacity of mmen-2 using a 
temperature swing without a N2 purge, a pure CO2 purge was utilized instead. A 7.8 wt % 
(1.8 mmol/g) was realized when 15% CO2 in N2 at 40 °C was desorbed with 100% CO2 
at 150 °C. In Figure 3.7, 15% CO2 was introduced over the sample at 150 °C (point A). 
The change in atmosphere from 100% to 15% CO2 partially activated the framework, 
resulting in a negative effective mass (point B). As the sample cooled to 40 °C under the 
15% atmosphere, CO2 was adsorbed. After 15 min at 40 °C (point C), 100% CO2 was 
introduced and the sample was heated at 10 °C/min. The increase in CO2 concentration at 
low temperatures temporarily increased the amount of CO2 adsorbed (point D). The 
working capacity of mmen-2 is the difference between the amounts adsorbed at Point A 
and Point C. The mass of the material at 150 °C under 100% CO2 was normalized to be 
0% mass in Figure 3.7. 

To approximate the adsorbent regeneration energy, heats of adsorption and 
desorption were quantified for mmen-2 via differential scanning calorimetry (see Figure 
3.8).43 When 15% CO2 in N2 at 40 °C was introduced over a sample of mmen-2 activated 
at 150 °C under N2, an exothermic heat flow of –153 J/g was observed (Event A). Note 
that, to enable rapid gas exchange, the pan was not hermetically sealed and the true value 
of heats evolved are likely slightly larger than those registered by the instrument due to 
heat loss to the environment. When this heat flow was correlated to the 2.5 mmol/g 
capacity calculated via TGA adsorption under similar conditions, an approximate, 
average heat of adsorption of –61 kJ/mol CO2 was calculated. 

 
Figure 3.8 Heat flows from mmen-2, as determined via differential scanning calorimetry. 
First, 15% CO2 in N2 was adsorbed at 40 °C (event A). After 15 min, mmen-2 was heated 
to 120 °C under N2 (event B). Lastly, the regenerated material was cooled under N2 to 40 
°C (event C). The integrated heats calculated for each event are given in the legend. 
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Following a 15 min adsorption period, 100% N2 was introduced into the cell and 
the sample was heated to 120 °C (Event B); 260 J/g were required to heat the sample and 
maintain the regeneration temperature for 15 min. Lastly, –107 J/g were evolved as the 
material was cooled under a N2 atmosphere (Event C) from 120 to 40 °C. Based upon this 
lab-scale experiment, approximately 2.34 MJ of energy would be required to regenerate 1 
kg of CO2 adsorbed onto mmen-2. This value compares very favorably with the 3.6-4.5 
MJ of energy necessary to release 1 kg of CO2 from an MEA scrubber.5,43 

However, the aforementioned regeneration energies were measured under a N2 
purge, a lab-scale analogue for a temperature-vacuum swing regeneration cycle. While a 
direct measurement of regeneration energy with a 100% CO2 purge was not possible, 
calculations indicate that the regeneration energy of mmen-2 under CO2 will be higher 
primarily due to the reduced working capacity of the adsorbent. The regeneration energy 
of mmen-2 under CO2 is still lower than the regeneration energy of the most highly 
optimized MEA solutions, and it’s likely that optimization of adsorption and desorption 
temperatures will further lower the heat of regeneration of mmen-2. 

Approximate heat capacities (CP) were calculated for mmen-2. Over the 80 °C 
temperature range, the average heat required to regenerate CO2-loaded mmen-2 was 3.3 
J/g·K. The regenerated framework released an average of 1.3 J/g·K upon cooling, a 
reasonable approximation of the heat capacity of mmen-2. For comparison, the heat 
capacity of a 30 wt % MEA solution without CO2 is ~3.8 J/g·K over the same 80 °C 
range.43 The lower regeneration energy of mmen-2 is thus attributable to its lower heat 
capacity. In addition, the significantly greater working capacity of mmen-2 means that a 
smaller mass is required to adsorb the same amount of CO2. The heat required to desorb 
CO2 from the amines is similar for mmen-2 and MEA solutions.43 

 
3.4 Conclusions 
 

With the new metal-organic frameworks M2(dobpdc) (M = Zn (1), Mg (2)), an 
expanded variant of the M2(dobdc) (MOF-74) structure type has been achieved, leading 
to enlarged, 18.4-Å wide channels lined with open metal coordination sites. 
Functionalization of 2 with mmen, afforded a remarkable new CO2 adsorbent, mmen-
Mg2(dobpdc). The large capacity, high selectivity, and fast kinetics of this material for 
adsorbing CO2 from dry gas mixtures with N2 and O2 make it an attractive new adsorbent 
for applications in which zeolites and inorganic bases are currently used, including the 
removal of CO2 from air. 

Future work will focus on evaluating the efficacy of alkylamine-appended metal-
organic frameworks such as mmen-2 under humid conditions. Whether the presence of 
water in gas mixtures will significantly affect the stability, capacity, selectivity, or 
regeneration energy of mmen-2 is presently unknown. In addition, the peculiar CO2 
isotherm shapes warrant further investigation, since a detailed understanding of the 
adsorption behavior within mmen-2 may enable the synthesis of even better materials for 
CO2 capture. Finally, efforts are also underway to improve the separation performance of 
the material through use of various other polyamines in place of mmen. 
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Chapter 4: A Cooperative Insertion Mechanism for Efficient CO2 Capture in 
Diamine-Appended Metal-Organic Frameworks 
 
4.1 Introduction 

 
Exceeding 13 gigatons annually,1 carbon dioxide generated from the combustion 

of fossil fuels for heat and electricity production is a major contributor to climate change 
and ocean acidification.2-3 Implementation of carbon capture and sequestration 
technologies has been proposed as a means of enabling the continued use of fossil fuels 
in the near term, while renewable energy sources gradually replace our existing 
infrastructure.4 The removal of CO2 from low-pressure flue gas mixtures is presently 
effected by aqueous amine solutions that are highly selective for acid gases.5 As a result 
of the large energy penalty for desorbing CO2 from such liquids, solid adsorbents with 
significantly lower heat capacities are frequently proposed as promising alternatives.6-7 In 
particular, owing to their high surface areas and tunable pore chemistry, the separation 
capabilities of certain metal-organic frameworks have been shown to meet or exceed 
those achievable by zeolite or carbon adsorbents.8-10 

Recently, the attachment of alkyldiamines to coordinatively-unsaturated metal 
sites lining the pores of selected metal-organic frameworks has been demonstrated as a 
facile methodology for increasing low pressure CO2 adsorption selectivity and 
capacity.11-14 Most notably, functionalization of Mg2(dobpdc) (dobpdc4– = 4,4′-
dioxidobiphenyl-3,3′-dicarboxylate), an expanded variant of the well-studied metal-
organic framework Mg2(dobdc) (dobdc4– = 2,5-dioxidobenzene-1,4-dicarboxylate),15-18 
with N,N′-dimethylethylenediamine (mmen) generated an adsorbent with exceptional 
CO2 capacity under flue gas conditions and unusual, unexplained step-shaped adsorption 
isotherms.13 Here, we elucidate the unprecedented mechanism giving rise to these step-
shaped isotherms and demonstrate that replacing Mg2+ with other divalent metal ions 
enables the position of the CO2 adsorption step to be manipulated in accord with the 
metal-amine bond strength. As we will show, the resulting mmen-M2(dobpdc) (M = Mg, 
Mn, Fe, Co, Zn) compounds, hereby denominated “phase-change” adsorbents, can 
exhibit highly desirable characteristics that make them superior to other solid or liquid 
sorbents for the efficient capture of CO2.  

Figure 4.1 illustrates the extraordinary advantages associated with utilizing an 
adsorbent exhibiting step-shaped isotherms in a temperature swing adsorption process 
versus the Langmuir-type isotherms observed for most microporous adsorbents. To our 
knowledge, these advantages have not previously been recognized. For carbon capture 
applications, a gas mixture containing CO2 at low pressure (Pads) and low temperature 
(Tlow) is contacted with the adsorbent, which selectively adsorbs a large amount of CO2. 
The adsorbent is heated to liberate pure CO2 with a partial pressure of Pdes, and then 
reused for subsequent adsorption/desorption cycles. For a classical adsorbent (Figure 
4.1a), including all previous amine-based sorbents, the steepness of the isotherm 
gradually diminishes as the temperature increases, necessitating a high desorption 
temperature to achieve a significant working capacity for a separation. In contrast, for a 
phase-change adsorbent of the type investigated here (Figure 4.1b), the position of the 
isotherm step shifts dramatically to higher pressures as the temperature increases, such 
that a large working capacity can be achieved with only a small increase in temperature. 
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For an efficient carbon capture process, one would ideally create a phase-change 
adsorbent with a large vertical step positioned just below the partial pressure of CO2 in 
the flue gas. 
 
4.2 Materials and Methods 

 
General synthesis and characterization methods. All reagents and solvents 

were obtained from commercial sources at reagent grade purity or higher. The compound 
H4(dobpdc) was synthesized as previously reported.13 

 
Figure 4.1 Variation in the idealized adsorption isotherm behavior with temperature for a 
classical microporous adsorbent (a, top), exhibiting the usual Langmuir-type isotherm 
shape, versus that of a phase-change adsorbent (b, bottom), exhibiting step-shaped 
(sometimes referred to as “S-shaped”) isotherms. The double-headed black arrow 
indicates the working capacity (i.e., the amount of gas removed) for a separation carried 
out using a temperature swing adsorption process in which selective adsorption occurs at 
Pads and Tlow and desorption is performed at Pdes and Thigh (a) or Tmedium (b). 
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Laboratory powder X-ray diffraction patterns were collected on a Bruker AXS D8 
Advance diffractometer equipped with Cu-Ka radiation (l = 1.5418 Å), a Göbel mirror, a 
Lynxeye linear position-sensitive detector, and mounting the following optics: fixed 
divergence slit (0.6 mm), receiving slit (3 mm), and secondary beam Soller slits (2.5°). 
The generator was set at 40 kV and 40 mA. Owing to the oxygen sensitivity of 
Fe2(dobpdc) and mmen-Fe2(dobpdc), X-ray diffraction patterns were collected in sealed 
glass capillaries placed on the powder stage. Thermogravimetric analysis (TGA) was 
carried out at a ramp rate of 2 °C/min in a nitrogen flow with a TA Instruments Q5000. 
Elemental analyses for C, H, and N were performed at the Microanalytical Laboratory of 
the University of California, Berkeley. 

 
Synthesis of Mg2(dobpdc). To a 20-ml glass scintillation vial, H4dobpdc (27.4 

mg, 0.10 mmol), Mg(NO3)2�6 H2O (64.0 mg, 0.25 mmol), and 10 ml of mixed solvent 
(55:45 MeOH:DMF) were added. The vial was sealed with a PTFE-lined cap and placed 
in a 2 cm deep well plate on a 393 K hot plate. After 12 h a white powder formed on the 
bottom and walls of the vial. The reaction mixture was then decanted and the remaining 
powder was soaked three times in DMF and then three times in MeOH. The solid was 
then collected by filtration and fully desolvated by heating under dynamic vacuum (<10 
µbar) at 523 K for 24 h to afford 23.3 mg (0.073 mmol), 73% of Mg2(dobpdc). Anal. 
Calcd for C14H6O6Mg2: C, 52.74; H, 1.90. Found: C, 52.47; H, 1.64. 

 
Synthesis of Mn2(dobpdc). To a 20-ml glass scintillation vial, H4dobpdc (27.4 

mg, 0.10 mmol), MnCl2�4 H2O (49.5 mg, 0.25 mmol), and 10ml of mixed solvent (1:1 
EtOH:DMF) were added. The vial was sealed with a PTFE -lined cap and placed in a 2 
cm deep well plate on a 393 K hot plate. After 12 h a green-yellow powder formed on the 
bottom and walls of the vial. The reaction mixture was then decanted and the remaining 
powder was soaked three times in DMF and then three times in MeOH. The solid was 
then collected by filtration and fully desolvated by heating under dynamic vacuum (<10 
µbar) at 523 K for 24 h to afford 33.8 mg (0.0889 mmol), 89% of Mn2(dobpdc). Anal. 
Calcd for C14H6O6Mn2: C, 44.24; H, 1.59. Found: C, 44.32; H, 1.23. 

 
Synthesis of Fe2(dobpdc). Anhydrous FeCl2 (2.85 g, 22.4 mmol), H4dobpdc 

(1.85 g, 6.75 mmol), anhydrous DMF (400 mL), and anhydrous MeOH (50 mL) were 
added to a 500 mL Shlenck flask under an argon atmosphere. The reaction mixture was 
heated to 393 K and stirred for 24 h to afford a dark yellow-green precipitate. The solvent 
was then removed via cannula transfer and replaced with fresh anhydrous DMF.  The 
reaction mixture was soaked three times in DMF and then three times in MeOH. The 
solid was then fully desolvated by heating under dynamic vacuum (<10 µbar) at 523 K 
for 24 h to afford 2.395 g (6.28 mmol), 93% of Fe2(dobpdc). Anal. Calcd for C14H6O6Fe2: 
C, 44.03; H, 1.58. Found: C, 43.72; H, 1.48. 

 
Synthesis of Co2(dobpdc). To a 20-ml glass scintillation vial, H4dobpdc (41.1 

mg, 0.15 mmol), Co(NO3)2�6 H2O (109 mg, 0.375 mmol), and 15 ml of mixed solvent 
(1:1:1 H2O:DMF:EtOH) were added. The vial was sealed with a PTFE-lined cap and 
placed in a 2 cm deep well plate on a 393 K hot plate. After 36 h a pink powder formed 
on the bottom of the vial. The reaction mixture was then decanted and the remaining 
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powder was soaked three times in DMF and then three times in MeOH. The solid was 
then collected by filtration and fully desolvated by heating under dynamic vacuum (<10 
µbar) at 523 K for 24 h to afford 54.1 mg (0.139 mmol), 93% of Co2(dobpdc). Anal. 
Calcd for C14H6O6Co2: C, 43.33; H, 1.56. Found: C, 42.92; H, 1.38.  

 
Synthesis of Zn2(dobpdc). To a 20-ml glass scintillation vial, H4dobpdc (27.4 

mg, 0.10 mmol), ZnBr2�2 H2O (83.5 mg, 0.32 mmol), and 10ml of mixed solvent (1:1 
EtOH:DMF) were added. The vial was sealed with a PTFE-lined cap and placed in a 2 
cm deep well plate on a 393 K hot plate. After 12 h a pale yellow powder formed on the 
bottom and walls of the vial. The reaction mixture was then decanted and the remaining 
powder was soaked three times in DMF and then three times in MeOH. The solid was 
then collected by filtration and fully desolvated by heating under dynamic vacuum (<10 
µbar) at 523 K for 24 h to afford 21.4 mg (0.0534 mmol), 53% of Zn2(dobpdc) . Anal. 
Calcd for C14H6O6Zn2: C, 41.94; H, 1.51. Found: C, 41.26; H, 1.57. 

 
Synthesis of Ni2(dobpdc). A 20-mL glass scintillation vial was charged with 

H4dobpdc (41.1 mg, 0.150 mmol), 26 Ni(NO3)2·6 H2O (109 mg, 0.375 mmol), and 15 
mL of mixed solvent (1:1:1 H2O/ DMF/ EtOH). The vial was sealed with a PTFE-lined 
cap and placed in a 2-cm-deep well plate on a 393 K hot plate. After 36 h, a green 
powder formed on the bottom of the vial. The reaction mixture was then decanted and the 
remaining powder was soaked three times in in DMF and then three times in MeOH. The 
solid was then collected by filtration and fully desolvated by heating under dynamic 
vacuum (<10 µbar) at 523 K for 24 h to afford 39.3 mg (0.101 mmol), 68% of 
Ni2(dobpdc). Anal. Calcd for C14H6O6Ni2: C, 43.39; H, 1.56. Found: C, 43.09; H, 1.24.  

 
General synthesis of mmen-M2(dobpdc). In a plastic glovebag with positive N2 

pressure, 10 mL of 10% mmen solution in hexanes was added to approximately 100 mg 
of activated M2(dobpdc) in a glass Micromeritics adsorption tube. The tube was sealed 
with a rubber septum and allowed to sit undisturbed for 4 hours in the glovebag. In the 
glovebag, the sample was collected via vacuum filtration and rinsed with five 10 mL 
portions of dry hexanes. The hexanes solvated sample was desolvated under dynamic 
vacuum (<10 µbar) at 348 K (for Zn) or 373 K (for Mg, Mn, Fe, Co, Ni) for 4 h. 
 
Elemental Analysis of mmen-M2(dobpdc) series: 
Mg: Anal. Calcd for C22H30N4O6Mg2: C, 53.37; H, 6.11; N, 11.32. Found: C, 52.39; H, 
5.52; N, 10.36. 
Mn: C22H30N4O6Mn2: C, 47.47; H, 5.43; N, 10.07. Found: C, 47.26; H, 5.20; N, 10.24. 
Fe: Anal. Calcd for C22H30N4O6Fe2: C, 47.34; H, 5.42; N, 10.04. Found: C, 47.; H, 4.95; 
N, 9.71. 
Co: Anal. Calcd for C22H30N4O6Co2: C, 46.82; H, 5.36; N, 9.93. Found: C, 46.27; H, 
4.94; N, 9.61. 
Zn: Anal. Calcd for C22H26N4O6Zn2: C, 45.78; H, 5.24; N, 9.71. Found: C, 45.46; H, 
4.75; N, 9.78. 
Ni: Anal. Calcd for C22H30N4O6Ni2: C, 46.86; H, 5.36; N, 9.94. Found: C, 46.68; H, 5.33; 
N, 10.28. 
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Low-pressure gas adsorption measurements. For all low-pressure (0-1.1 bar) 
gas adsorption measurements, 60-130 mg of adsorbent was transferred to a pre-weighed 
glass sample tube under an atmosphere of nitrogen gas and capped with a Transeal. 
Samples were then manually transferred to a Micromeritics ASAP 2020 gas adsorption 
analyzer and heated to the activation temperatures previously specified under vacuum. 
The sample was considered activated when the outgas rate was less than 2 µbar / min. 
The evacuated tube containing the activated sample was then transferred to a balance and 
weighed to determine the mass of the desolvated sample. The tube was then manually 
placed on the analysis port of the aforementioned instrument where the outgas rate was 
once again confirmed to be less than 2 µbar / min. Isothermal conditions were maintained 
at 77 K with liquid N2, at 25, 40, 50, and 75 °C with a Julabo F32 water circulator, and 
100 °C with a heated sand bath controlled by a programmable temperature controller. 

 
High-pressure gas adsorption measurements. The high-pressure CO2 

adsorption isotherm for mmen-Ni2(dobpdc) was measured on a HPVA-II-100 from 
Particulate Systems, a Micromeritics company. Here, 0.27 g of activated mmen-
Ni2(dobpdc) was loaded into a tared 2 mL stainless steel sample holder inside a glove box 
under a N2 atmosphere. Prior to connecting the sample holder to the VCR fittings of the 
high-pressure assembly inside the glove box, the sample holder was weighed to 
determine the sample mass.  

 
Prior to measuring mmen-Ni2(dobpdc), 25 °C CO2 background measurements 

were performed on a sample holder containing nonporous glass beads that occupied a 
similar volume as a typical sample. A small negative background was observed at higher 
pressures, which may be due to errors in volume calibrations, temperature calibrations, 
and/or the equation of state used to perform the nonideality corrections. Regardless, the 
background CO2 adsorption was consistent across several measurements and was well 
described by fitting to a polynomial equation. This polynomial was then used to perform 
a background subtraction on the raw high-pressure CO2 data for mmen-Ni2(dobpdc). 

 
In situ infrared spectroscopy. Powdered sample of mmen-Mg2(dobpdc) (around 

15 mg) was pelletized, shaped in a self-supported wafer and placed inside a commercial 
FTIR reactor cell (AABSPEC, #2000-A multimode), which allows infrared spectra to be 
recorded under flow conditions at a wide range of temperatures. Before flowing CO2 
across the sample, the sample was first activated at 150 °C for 15 min while flowing 30 
ml/min of pure nitrogen (heating ramp rate of 1°C/min). Next, the gas flow was switched 
to 5% CO2 in N2 at a flow rate of 30 ml/min, and the system was cooled from 150 °C to 
30 °C at a rate of 1 °C/min. Note that prior to cooling, the sample was conditioned for 15 
min at 150 °C with the 5% CO2 in N2 gas mixture. After cooling to 30 °C, the sample was 
heated again to 150 °C at a rate of 5 °C/min under N2 in order to check the reversibility of 
the process. Spectra were collected every 5 °C with a resolution of 2 cm-1 (number of 
scans equal to 32) on a Perkin Elmer System 2000 infrared spectrophotometer equipped 
with a MCT detector. 

 
Solid-state NMR spectroscopy. Solid-state NMR experiments were performed 

on a 7.05 Tesla magnet with a Tecmag Discovery spectrometer, using a Doty 5-mm triple 
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resonance MAS probe. The frequency of 15N was 30.4 MHz. 15N chemical shifts were 
referenced to 15N-labeled glycine at 33 ppm relative to liquid ammonia. The experiments 
were performed at ambient temperature. Magic angle spinning (MAS) was used to collect 
high-resolution NMR spectra with a spinning rate ranging from 5 to 6 kHz. The 90° 
pulses for 1H, 13C and 15N are 3.8, 4.7, and 7 ms, respectively. Ramped cross polarization 
(CP) with variable contact times from 1 to 10 ms, was used to generate 15N signals. 
Recycle delays were set to be 5 times longer than the T1 of protons. Two-pulse phase-
modulated (TPPM) 1H decoupling of 100 kHz was applied during 15N signal acquisition.  

 
Isobaric CO2 adsorption methods. Isobaric gravimetric adsorption experiments 

were collected using a TA Instruments Q5000 analyzer using premixed gas cylinders 
(Praxair). A flow rate of 25 mL/min was employed for all gases. Prior to each 
experiment, the samples (ca. 5 mg) were desolvated by heating under N2 for 1 h. To 
accurately simulate temperature swing adsorption processes, samples were activated and 
reactivated with only 100% CO2. Sample masses were normalized to be 0% under a 
100% CO2 atmosphere approximately 10 seconds before the onset of each cooling cycle. 
Thus, the base mass corresponds to the weight of the metal-organic framework and any 
CO2 adsorbed under the activation conditions: 150 °C for mmen-Mg2(dobpdc) and 120 
°C for mmen-Mn2(dobpdc). Masses were uncorrected for buoyancy effects. 

For Figures 4.6a-b, ramp rates of 1 °C/min were utilized; samples were 
reactivated at the appropriate regeneration temperature under 100% CO2 for 15 min 
between gases. Switching from 100% CO2 to lower concentration CO2 occurred at the 
onset of cooling ensuring that the lower concentration gas would not simulate a purge gas 
for regeneration. 

For Figures 4.6c-d, ramp rates of 10 °C/min were utilized. Samples were heated 
between the adsorption and regeneration conditions under 100% CO2; the regeneration 
time was 5 min. Samples were cooled under low concentration CO2; the adsorption time 
was 5 min. Total cycle time was approximately 20 min. 

 
High-resolution powder X-ray diffraction. Samples of fully activated mmen-

Mn2(dobpdc) microcrystalline powders (~10 mg) were loaded into 1.0 mm boron-rich 
glass capillaries inside a glovebox under an N2 atmosphere. The capillaries were attached 
to a gas cell, which was connected to the analysis port of a Micromeritics ASAP-2020 
gas adsorption instrument. The capillaries were fully evacuated at room temperature for 
30 min, dosed with 5 mbar of He [mmen-Mn2(dobdc)], 5 mbar of CO2 [100K-CO2-
mmen-Mn2(dobpdc)], or 100 mbar of CO2 [295K-CO2-mmen-Mn2(dobpdc)] and then 
equilibrated at room temperature for 15 min, 8 h, or 4 h, respectively. After equilibration, 
the capillaries were flame-sealed and placed inside a kapton tube that was sealed on both 
ends with epoxy. 

High-resolution synchrotron X-ray powder diffraction data were subsequently 
collected at beamline 11-BM at the Advanced Photon Source (APS), Argonne National 
Laboratory with an average wavelength of approximately 0.4137 Å. Diffraction patterns 
were collected at 100 K, 100 K, and 295 K for mmen-Mn2(dobpdc), 100K-CO2-mmen-
Mn2(dobpdc), and 295K-CO2-mmen-Mn2(dobpdc), respectively. Discrete detectors 
covering an angular range from −6 to 16º 2θ were scanned over a 34º 2θ range, with data 
points collected every 0.001° 2θ and a scan speed of 0.01º/s. Note that due to the large 
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number of collected data points, all diffraction patterns were rebinned to a step size of 
0.005° 2θ prior to structure solution and Rietveld refinement. Additionally, all diffraction 
patterns exhibited a high-intensity peak at approximately 1.25° that was roughly 500% 
more intense than any other diffraction peak. Since this high d-spacing peak does not 
contribute significant structural information and was heavily biasing all structure solution 
attempts, all data analysis was performed with a minimum 2θ of 2°. 

A standard peak search, followed by indexing through the Single Value 
Decomposition approach43, as implemented in TOPAS-Academic44, allowed the 
determination of approximate unit cell parameters. Tentatively, the space groups for both 
mmen-Mn2(dobpdc) and CO2-mmen-Mn2(dobpdc) were assigned as P3221 since the 
framework was expected to be isostructural to Zn2(dobpdc), which was previously 
characterized by single crystal X-ray diffraction13. Precise unit cell dimensions were 
determined by structureless Le Bail refinements. Here, the background was modeled by a 
polynomial function of the Chebyshev type, and anisotropic peak broadening was 
described using parameters appropriate for a hexagonal crystal system45. Successful 
structure solution and Rietveld refinement confirmed that P3221 was indeed the correct 
space group for all compounds. 

 
Breakthrough adsorption measurements. Into a glass U-tube with an interior 

diameter of 4 mm, 203 mg of activated mmen-Mg2(dobpdc) powder was added. The 
column was placed inside a furnace with a programmable temperature controller. Gas 
flow rates of 10 mL/min were used. Column effluent was analyzed using a Hy-
Energy/Setaram RGAPro-2500 with continuous sampling capability. Argon (99.999%, 
Praxair) was used as a purge gas for sample activation at 100 °C for 30 minutes. For 
measurements at 25 °C, approximately 1.5% H2O was added to the gas stream by 
bubbling a premixed gas cylinder of 15% CO2, 4% O2, and balance N2 (Praxair) through 
a glass bubbler containing distilled H2O. 

 
4.3 Results and Discussion 

 
Spectroscopic and diffraction measurements were undertaken to determine the 

mechanism of CO2 uptake leading to a steep adsorption step for adsorbents such as 
mmen-Mg2(dobpdc). In particular, powder X-ray diffraction studies, which were 
performed on the isostructural compound mmen-Mn2(dobpdc) owing to the greater 
crystallinity of its base framework, provided detailed structural information on how CO2 
binds within the channels of the material. Diffraction data collected at 100 K before and 
after exposure of a sample to 5 mbar of CO2 show the unit cell volume to contract by just 
1.112(8)%, but revealed significant changes in the relative intensity of selected 
diffraction peaks. Complete structural models were developed for both data sets using the 
simulated annealing method, as implemented in TOPAS-Academic,19-20 followed by 
Rietveld refinement against the data (Figure 4.2). Before CO2 exposure, the mmen 
molecules are bound via one amine group to the Mn2+ sites with a Mn−N distance of 
2.29(6) Å, while the other amine lies exposed on the surface of the framework (Figure 
4.2c). Counter to our initial assumption that the uncoordinated amine groups would serve 
to bind CO2,13,21 CO2 adsorption instead occurs via full insertion into the Mn−N bond, 
resulting in a carbamate with one O atom bound to Mn at a distance of 2.10(2) Å (Figure 
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4.2d). Notably, the second O atom of the carbamate has a close interaction of 2.61(9) Å 
with the N atom of a neighboring mmen, resulting in chains of ammonium carbamate 
running along the crystallographic c axis of the structure (Figure 4.2e). The observed 
ammonium carbamate N···O distance is similar to the distance of 2.66-2.72 Å in a single 
crystal of pure mmen-CO2 (methyl(2-(methylammonio)ethyl)carbamate).22 Importantly, 
this well-ordered chain structure is maintained at 295 K, as determined from a full 
Rietveld refinement against data collected at this temperature. Thus, the adsorption of 
CO2 at ambient temperatures is associated with a structural transition to form an extended 
chain structure held together by ion-pairing between the metal-bound carbamate units and 
the outstretched ammonium group of a neighboring mmen molecule. 

 
 
Figure 4.2 a-b, Space-filling models of the solid-state structures of mmen-Mn2(dobpdc) 
(a) and CO2-mmen-Mn2(dobpdc) (b) at 100 K. c-d, Portions of the crystal structures for 
mmen-Mn2(dobpdc) before (c) and after (d) CO2 adsorption, as determined from powder 
x-ray diffraction data. e, A portion of the crystal structure for the final configuration of 
CO2 adsorbed within mmen-Mn2(dobpdc) depicting the formation of ammonium 
carbamate chain along the pore surface. Green, gray, red, blue, and white spheres 
represent Mn, C, O, N, and H atoms, respectively; some H atoms are omitted for clarity. 
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The foregoing structural information enables formulation of a detailed mechanism 
for the adsorption of CO2 in phase change adsorbents of the type mmen-M2(dobpdc). As 
shown in Figure 4.3, the uncoordinated amine of a mmen molecule acts as a strong base 
to remove the acidic proton from the metal-bound amine of a neighboring mmen 
molecule. Deprotonation occurs only in the presence of CO2, such that simultaneous 
nucleophilic addition of CO2 results in the formation of a carbamate with an associated 
ammonium countercation. At suitable temperatures and pressures, rearrangement of the 
carbamate is possible such that the M–N bond is broken and a M–O bond is formed. 
Critically, the ion-pairing interaction causes the mmen molecule to stretch, destabilizing 
the M–N bond and facilitating insertion at the next metal site. This cooperative effect will 
propagate until a complete one-dimensional ammonium carbamate chain has formed. 
Indeed, it is this cooperativity that leads to the sudden uptake of a large amount of CO2 
and a steep vertical step in the adsorption isotherm. 

Infrared spectroscopy measurements performed on mmen-Mg2(dobpdc) fully 
support the proposed mechanism. As shown in Figure 4.4b, significant changes to the 
infrared spectrum are apparent upon isobarically cooling a sample of the compound from 
150 to 30 °C at 1 °C/min under a flowing 5% CO2 in N2 atmosphere. At high 
temperatures, two distinct N–H vibrations arise at 3258 and 3334 cm–1, which are also 
present in the spectrum of mmen-Mg2(dobpdc) in the absence of CO2 and can be 
attributed to the coordinated and uncoordinated ends of mmen, respectively. Upon 

 
 
Figure 4.3 Depiction of the mechanism for CO2 adsorption at four neighboring M–mmen 
sites within an infinite one-dimensional chain of such sites running along the 
crystallographic c axis of a mmen-M2(dobpdc) compound. Simultaneous proton transfer 
and nucleophilic attack of N on a CO2 molecule forms an ammonium carbamate species 
that destabilizes the amine coordinated at the next metal site, initiating the cooperative 
adsorption of CO2 via a chain reaction. 
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cooling, both of these N–H resonances disappear, indicating significant changes to both 
amines of mmen, while a new, extremely broad N-H band characteristic of ammonium 
formation appears. From the weak, but clearly discernable C=O vibration at 1690 cm–1, 
carbamate formation between mmen and CO2 occurs under all conditions, even at high 
temperatures. However, an additional sharp band at 1334 cm–1, corresponding to the C–N 
vibrational mode of a carbamate, is only observed upon cooling below 110 °C. The 
delayed onset of this easily recognizable band, which is diagnostic of a phase-change 
adsorbent of the type investigated here, is attributable to changes in the resonance 
configuration of carbamate that occur upon coordination of one of its O atoms. The 
normalized intensities of the C–N band and a second band at 658 cm–1 versus temperature 
demonstrate that their formation are directly related to the sharp step in the gravimetric 
adsorption isobar measured under identical experimental conditions. From the infrared 
spectra, it is clear that, while a small amount of CO2 can adsorb via ammonium 
carbamate formation between pairs of adjacent amines, it is specifically the adsorption of 
CO2 to form ammonium carbamate chains that endows these materials with their step-
change adsorption properties. 

Solid-state NMR spectra indicate that CO2 adsorption significantly affects the 
manner in which diamines coordinate to the metal sites of the framework (Figure 4.4d). 
Upon exposure of mmen-Mg2(dobpdc) to CO2, 15N chemical shifts consistent with 
ammonium and carbamate are observed at 31 and 72 ppm, respectively. Yet, surprisingly, 

 
Figure 4.4 a, Large intensity differences are apparent in the powder x-ray diffraction 
patterns (collected at 100 K) upon exposure of mmen-Mn2(dobpdc) (blue) to 5 mbar CO2 
(green). b, Infrared spectra upon dosing an activated sample of mmen-Mg2(dobpdc) 
(black) with CO2 and cooling from 150 to 30 °C (red to blue) under 5% CO2 in N2. The 
three different regions show bands corresponding to N–H, C–O, and C–N stretching 
vibrations, from left to right, respectively. Spectra in the left tile are artificially offset by 
0.05 a.u. to aid visualization. Note that those in the other two tiles are not offset, and here 
CO2 adsorption is responsible for the rise in the spectral baseline due to molecular charge 
delocalization of the ammonium carbamate chains. c, Solid-state 15N NMR spectra for 
mmen-Mg2(dobpdc) before (blue) and after (green) exposure to CO2 at 25 °C. 
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only a single 15N resonance is apparent for mmen-Mg2(dobpdc) in the absence of CO2. 
This indicates that the coordinated and uncoordinated ends of the mmen molecules are 
capable of interconverting on the timescale of the NMR experiment, although, as 
discussed above, they are distinguishable on the much faster timescale of infrared 
spectroscopy. Despite being labile, the amines are stable to evacuation under vacuum at 
high temperatures. This unexpected lability appears to allow substitution, but not 
elimination, reactions to occur rapidly under conditions relevant to carbon capture. 

The sudden adsorption of CO2 in this compound is thus associated with a 
transition from a dynamic surface state to a well-ordered extended surface structure. 
Accordingly, the reaction with CO2 can be considered to be thermodynamically 

 
Figure 4.5 Carbon dioxide adsorption isotherms at 25 (blue), 40 (blue-violet), 50 (red-
violet), and 75 °C (red) for (a) mmen-Mg2(dobpdc) (b) mmen-Mn2(dobpdc) (c) mmen-
Fe2(dobpdc) (d) mmen-Co2(dobpdc) (e) mmen-Ni2(dobpdc) and (f) mmen-Zn2(dobpdc). 
Despite the utilization of aliphatic amine groups as the CO2 reactive species, the metal-
organic framework plays an essential role in determining isotherm shape, owing to the 
importance of metal-ligand reorganization reactions in the mechanism. 
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nonspontaneous at low pressures because of the large positive entropy associated with 
this transition. Indeed, the molar entropy of gas phase CO2 was found to be the primary 
determinant of the step pressure for phase-change adsorbents. The step pressures for all 
five phase-change metal organic frameworks are linearly correlated with the gas phase 
entropy of CO2 as a function of temperature. 

The mechanism of CO2 adsorption suggests that variation of the metal-amine 
bond strength should provide a means of manipulating the isotherm step position. The 
series of isostructural compounds mmen-M2(dobpdc) (M = Mg, Mn, Fe, Co, Ni, Zn) were 
therefore synthesized, and the CO2 adsorption isotherms for each were measured at 25, 
40, 50, and 75 °C (Figure 4.5). With the exception of the Ni compound, which exhibits 
normal Langmuir-type adsorption behavior (Figure 4.5e), all of the materials display 
sharp isotherm steps that shift to higher pressure with increasing temperature. Analysis of 
the isotherm steps at 25 °C affords Hill coefficients22-23 of 10.6, 5.6, 7.5, 11.5, and 6.0 for 
M = Mg, Mn, Fe, Co, and Zn, respectively, clearly reflecting the cooperative nature of 
the CO2 adsorption mechanism. 

For a given temperature, the step position varies in the order Mg < Mn < Fe < Zn 
< Co, in good agreement with the series of Irving and Williams for octahedral metal 
complex stabilities.24 The lack of a step for the Ni compound, even at very high 
pressures, is attributable to the exceptional stability of the Ni–mmen bond, which 
prevents carbamate insertion from taking place under the conditions surveyed. Thus, we 
anticipate that similar variations in tuning step position will be possible by altering the 
sterics of the amine bound to the metal, as well as the spacer between the two amine 
groups. Hence, depending on the concentration of CO2 present in a gas mixture, an 
adsorbent can be rationally designed to match the optimum process conditions depicted in 
Figure 4.1. 

While stepped adsorption isotherms25-26 have been observed previously in solid 
adsorbents, the origin of the step reported here is distinctly unique from all previously 
reported mechanisms. First, in contrast to most metal-organic frameworks exhibiting such 
behavior, the isotherm steps reported here are not attributable to pore opening, gate 
opening, or pore closing processes.27-29 For mmen-Mn2(dobpdc), only a ~1% decrease in 
the unit cell volume was observed upon CO2 adsorption, and from Figure 4.2a-b, it is 
apparent that the entire pore surface is accessible to CO2 throughout the adsorption 
isotherm. A gate opening mechanism attributable to the rearrangement of flexible 
hydrogen-bonding functional groups, which function by preventing CO2 diffusion into 
the pores at low partial pressures,30 cannot explain the presence of distinct adsorption 
steps when the material is slowly cooled from high to low temperatures under isobaric 
adsorption conditions (vide infra). Second, in contrast to adsorbed-layer phase transitions 
on highly homogenous surfaces, the adsorbed phase reported here is stable at 
temperatures well above the critical temperature of CO2.31 Third, the phase transition is a 
metal cation-dependent, solid-to-solid transformation, in contrast to liquid-to-liquid or 
liquid-to-solid phase change reactions typically reported for amine–CO2 systems.32-34 
Lastly, under conditions relevant to CO2 capture, desorption hysteresis is minimal, 
because the sharp steps occur over a narrow pressure regime and the adsorption and 
desorption onset points are at approximately the same temperature and pressure. 
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A number of features unique to the mmen-M2(dobpdc) series allow for phase 
transitions of this type to be observed for the first time. First, for solid ammonium 
carbamate chains to form, the metal–amine coordinate bond must be capable of 
rearrangement. Thus, only adsorbents tethered to the solid surface through coordinate 
bonds rather than covalent bonds can undergo the mechanism reported here. Second, a 
homogenous surface with appropriately positioned adsorption sites, which is dictated by 
the location of open metal sites within the pores of the metal-organic framework, is 
necessary. Thus, a very limited number of metal-organic framework materials will be 
able to mimic the adsorption behavior reported here, and it is likely that no amine-
functionalized mesoporous silica sorbent can be engineered precisely enough to meet 
these requirements. Remarkably, while the pore expanded derivatives of M2(dobdc) 
reported here exhibit these properties, amine functionalization of the original Mg2(dobdc) 
compound was not reported to result in stepped adsorption isotherms.35 

Effective adsorbents for carbon capture must possess large working capacities for 
processes occurring at temperatures above 40 °C and at CO2 partial pressures near 0.15 

 
Figure 4.6 a-b, Variable-temperature adsorption isobars of 100%, 15%, and 5% CO2 (in 
N2) for mmen-Mg2(dobpdc) (a) and mmen-Mn2(dobpdc) (b) demonstrate that under 
dynamic conditions the sharp transition region allows phase-change adsorbents to achieve 
very large working capacities under a wide range of adsorption conditions. For each 
material, the phase-transition temperature is dependent on the pressure of CO2 in the gas 
mixture, with higher phase-transition temperatures observed at higher CO2 partial 
pressures. (c) Cycling data for a pure temperature swing process involving adsorption 
from a simulated coal flue gas (15% CO2 in N2) at 100 °C in mmen-Mg2(dobpdc) (c) and 
70 °C in mmen-Mn2(dobpdc) (d), followed by desorption at 150 and 120 °C, 
respectively, utilizing a flow of 100% CO2. Respective working capacities of 13% and 
10% are attained, with no loss in capacity over the course of ten cycles. 
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bar for coal flue gas or near 0.05 bar for a natural gas flue stream. On this basis, the 
location of the isotherm steps for the Mg and Mn compounds makes them better suited 
for this application than the Fe, Co, and Zn compounds, which are better suited for 
separations from gas mixtures with higher CO2 partial pressures. To assess the utility of 
these phase-change adsorbents for capturing CO2 in a pure temperature swing adsorption 
process, adsorption isobars were collected under dynamic gas flow. Samples of mmen-
Mg2(dobpdc) and mmen-Mn2(dobpdc) were activated, saturated with 100% CO2, and 
then isobarically cooled to room temperature under three different CO2 containing gas 
mixtures: 100%, 15%, and 5%. The resulting isobars, shown in Figure 4.6 a-b, reveal 
how small changes in temperature induce large changes in the quantity of CO2 adsorbed. 
As shown in Figure 4.6c-d, phase-change adsorbents exhibit very large working 
capacities when utilized in temperature swing adsorption (TSA) processes. For mmen-
Mg2(dobpdc) to exhibit a working capacity in excess of 13 wt %, the material must 
simply swing between 100 and 150 °C. Similarly, the working capacity of mmen-
Mn2(dobpdc) is in excess of 10 wt % when cycled between 70 and 120 °C. Of particular 
note, to accurately simulate a pure TSA process, 15% CO2 in N2 was flowed over the 
samples during the cooling phase, while 100% CO2 was used during heating phases. In 
contrast to experiments that utilize a purge gas to assist CO2 desorption, no inert gases 
were used to regenerate the samples. 

Estimations based upon differential scanning calorimetry, thermogravimetric 
analysis, and isosteric heat determinations indicate that mmen-Mg2(dobpdc) and mmen-
Mn2(dobpdc) can achieve regeneration energies of approximately 2.2 MJ per kg of CO2 
captured. This value is significantly lower than the regeneration energies attainable 
utilizing monoethanolamine (3.5 MJ/kg) or even state-of-the-art amines, such as 
piperazine and KS-1 (2.6 MJ/kg).5,36 In contrast to aqueous amine absorbents that utilize 
heat exchangers to save sensible energy costs, the significantly greater working capacities 
and smaller temperature swings of phase-change adsorbents allow more economical 

 
Figure 4.7. Transient breakthrough of 15% CO2 (green), 4% O2 (red), 1.5% H2O (black) 
and balance N2 (blue) through an adsorbent bed packed with mmen-Mg2(dobdc) at 25 °C. 
The adsorbent bed was under Ar (purple) prior to adsorption; a breakthrough CO2 
capacity of 2.7 mmol/g was calculated. 
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processes to be developed for a high-enthalpy adsorbent without the use of a heat 
exchanger. Because phase-change adsorbents saturate with CO2 at their transition point, it 
is not necessary for adsorption to occur at the lowest possible temperature. While we 
previously showed that mmen-Mg2(dobpdc) can effectively operate under standard flue 
gas adsorption conditions (40 °C) ,13 Figure 4.6 demonstrates for the first time that phase-
change adsorbents operate more efficiently at higher adsorption temperatures than at 
lower temperatures. Because classical adsorbents must operate at the lowest possible 
adsorption temperature to maximize working capacity, only phase-change adsorbents can 
enable high-temperature adsorption processes to be considered for the first time. 

Adsorbing CO2 at elevated temperatures affords a number of additional process 
benefits besides directly reducing sorbent regeneration energy. In particular, overcoming 
the competitive adsorption of water vapor, which is present in flue gas at high 
concentrations, presents a serious challenge for solid adsorbents. Amine-based solid 
adsorbents fare better than those utilizing a purely physical adsorption mechanism, 
because they are known to retain their affinity for CO2 under humid conditions,37 as also 
demonstrated here for mmen-Mg2(dobpdc) (Figure 4.7). However, even for systems 
where the amine reactivity with CO2 is unaffected by the presence of water, the physical 
adsorption of water onto non-amine binding sites significantly increases the overall 
regeneration energy of the material38. As shown in Figure 4.8, mmen-Mg2(dobpdc) 
adsorbs nearly 90% less water at 100 °C than at 40 °C. Thus, the energy penalty 
associated with desorbing co-adsorbed water can be significantly reduced by carrying out 
CO2 adsorption at a high temperature, obviating the need for strict flue gas 
dehumidification. Importantly, no changes to the CO2 adsorption isotherm were apparent 
after water exposure at 40 or 100 °C, indicating the stability of the mmen-Mg2(dobpdc) in 
the presence of water vapor even at high temperatures. 

The high effective operating temperatures of mmen-Mg2(dobpdc) and mmen-
Mn2(dobpdc) offer opportunities for cost savings beyond just reductions in the 

 
Figure 4.8. Isothermal adsorption measurements of H2O onto a sample of mmen-
Mg2(dobpdc) at 40, 75, and 100 °C. Adsorbing flue gas at high temperatures can 
significantly reduce the quantity of H2O undesirably adsorbed within the pores of the 
metal-organic framework. 



 81 

regeneration energy. Owing to the exothermic nature of all adsorption processes, the 
incorporation of labor and material intensive coolant pipes into an adsorbent bed (a 
component of the significant infrastructure cost for carbon capture) is necessary to 
maintain isothermal adsorption conditions. The rate of heat transfer from a sorbent bed to 
the coolant pipes, which contain surface temperature water at ~25 °C, is primarily 
dependent upon the heat transfer coefficient of the sorbent, the total contact area between 
the sorbent and the coolant pipes, and the temperature differential between the sorbent 
and the coolant.39 The physical size of adsorption units is dictated, to a great extent, by 
the need to provide sufficient contact area between the coolant and sorbent for effective 
heat removal. For processes that are limited by heat transfer rather than mass transfer, 
which is likely for many CO2 capture processes utilizing solid adsorbents, the use of high 
temperatures will maximize the temperature differential between the coolant and the 
sorbent, significantly reducing the overall bed size by reducing the size of the necessary 
contact area. By increasing the coolant-sorbent temperature differential from 
approximately 15 °C to nearly 75 °C, adsorption bed size could potentially be reduced 
five-fold. In turn, smaller adsorbent beds would reduce the pressure drop across the 
adsorbent, reduce the size and cost of the required capital equipment, and allow up to five 
times less adsorbent to be used. By reducing these other system costs, new classes of 
adsorbents have the ability to reduce substantially the cost of carbon capture beyond 
simply reducing the sorbent regeneration energy. 

Finally and quite unexpectedly, the reactivity trends of the M2(dobpdc) series may 
help to elucidate the evolutionary conservation of Mg2+ within the active site of most 
photosynthetic enzymes. Biological fixation of atmospheric CO2 is primarily effected by 
the ribulose-1,5-bisphosphate carboxylase/oxygenase (RuBisCO) enzyme. Striking 
structural similarities exist between mmen-Mg2(dobpdc) and the enzymatic pocket of 
RuBisCO, which in its active form also contains an octahedral Mg2+ ion ligated by five 
oxygen donor ligands and a reactive aliphatic amine ligand that adsorbs gas-phase CO2 to 
form an O-bound carbamate ligand (Figure 4.9).40,41 While other divalent metal ions can 
be incorporated into either structure, in each case the presence of Mg2+ greatly enhances 
the reactivity for CO2 fixation at very low CO2 concentrations.42 Although further study 
is necessary, the trends we observe suggest that the inclusion of Mg2+ within the active 

 
Figure 4.9. The coordination environment around Mg2+ in the active form of ribulose-
1,5-bisphosphate carboxylase/ oxygenase (RuBisCO) enzyme is structurally similar to the 
coordination environment around the metal cations of mmen-Mg2(dobpdc) after CO2 
adsorption. 
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site of RuBisCO is necessary to endow the lysine residue that forms the enzymatically 
competent carbamate-ligated metal with maximum reactivity at the very low CO2 partial 
pressures present in air. 
 
4.4 Conclusions 

 
Carbon capture and sequestration has been proposed as a means of mitigating the 

build-up of greenhouse gases in the atmosphere. If implemented, the cost of electricity 
generated by a fossil fuel-burning power plant would rise substantially, owing to the 
significant added expense of removing CO2 from the effluent stream. Thus, there is an 
urgent need for more efficient gas separation technologies, such as those potentially 
offered by advanced solid adsorbents. Here, we demonstrated that diamine-appended 
metal-organic frameworks can behave as “phase-change” adsorbents, exhibiting unusual 
step-shaped CO2 adsorption isotherms that shift dramatically with temperature. Based 
upon spectroscopic, diffraction, and computational studies, the origin of the sharp 
adsorption step is attributed to an unprecedented cooperative process in which, above a 
metal-dependent threshold pressure, CO2 molecules insert into metal-amine bonds, 
inducing a reorganization of the amines into well-ordered chains of ammonium 
carbamate. As a consequence, large CO2 separation capacities can be achieved with small 
temperature swings, and regeneration energies significantly lower than achievable with 
state-of-the-art aqueous amine solutions become feasible. The results provide a 
mechanistic framework for designing highly-efficient adsorbents for removing CO2 from 
various gas mixtures, while further exposing important insights into the conservation of 
Mg2+ within the RuBisCO family of enzymes. 
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Chapter 5: A Methodology for Rapidly Assessing the Porosity and Thermal 
Activation Conditions of Metal-Organic Frameworks 
 
5.1 Introduction 

 
 The gas adsorption properties of metal-organic frameworks are presently the 
subject of much investigation owing to their promise as gas storage and gas separation 
materials.1 To accelerate the discovery of new adsorbents, high-throughput robotics are 
commonly utilized for synthesis,2 yet high-throughput methodologies for characterizing 
new phases are equally valuable. 3  Herein we describe a rapid, convenient, and 
inexpensive methodology for assessing the porosity and activation conditions of metal-
organic frameworks. Utilizing a commercially available thermogravimetric analyzer, the 
adsorption of propane at 50 °C proved to be a reliable probe of changes in adsorbent 
porosity. By comparing the relative quantities of propane adsorbed under different 
activation temperatures, a procedure for rapidly identifying the optimum activation 
conditions for many metal-organic frameworks was developed.4 

Potential new metal-organic framework phases are generally first identified when 
solid products formed during a systematic survey of chemical space, typically dozens of 
reactions or more, are isolated and screened via powder X-ray diffraction.5 Wanting to 
develop a characterization methodology that could augment X-ray diffraction by quickly 
distinguishing between nonporous and porous crystalline candidate metal-organic 
frameworks, we sought to develop a procedure that addressed many of the challenges 
frequently encountered during the identification and activation of new solid adsorbents: 
be accurate for small sample quantities (5 mg or less); require minimum effort from 
researchers to setup and analyze; and be inexpensive and widely transferable to the 
materials science community. Towards these ends, our laboratory has recently begun to 
employ a modified thermogravimetric analysis (TGA) protocol. 
 
5.2 Materials and Methods 

 
In a typical experiment, ca. 5 mg of solvated solid are heated under He gas at 50 

°C/min to 100 °C and held at that temperature for 15 min. The sample is cooled under He 
to 50 °C, at which point propane is isothermally introduced into the sample chamber. 
After 5 min, He is reintroduced across the sample and the solid is then heated to a higher 
activation temperature, usually 125 or 150 °C, for 5 min. Activation temperatures are 
incrementally increased, but propane adsorption is always effected at 50 °C to allow for 
comparisons between different activation conditions to be made. To illustrate the value of 
this methodology, data resulting from a traditional TGA experiment and the modified 
TGA experiment for a MeOH exchanged metal-organic framework are presented in 
Figure 5.1. 
 
 
5.3 Results and Discussion 

 
In Figure 5.1a, important but limited information about the material was obtained 

when it was heated under He to 600 °C. For example, the ~25% weight loss observed 
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below 100 °C suggests that the material is likely porous. A second step observed around 
275 °C, however, is less clear. It could signal the removal of bound solvent from metal 
cations within the frameworks (generating useful open metal sites6) or it could indicate 
the onset of framework decomposition. To definitively establish the thermal stability and 
activation conditions of the sample, upon which it has been demonstrated that gas 
adsorption properties are highly dependent, 7  multiple 77 K N2 gas adsorption 
measurements would be necessary. These measurements typically require 50-100 mg of 
sample each and a few days to complete, significant hurdles for the high-throughput 
discovery of promising new adsorbents. 

As shown in Figure 5.1b, the modified TGA methodology quickly resolved the 
aforementioned uncertainties about activating the material. Again, solvent encapsulated 
within the pores was removed during the initial 15 min heating phase. The subsequent 
introduction of propane at 50 °C dramatically increased the mass of the sample owing to 
the adsorption of propane within the pores of the material. Upon the reintroduction of He, 
propane was quickly purged from the pore space and the sample mass returned to its 
baseline value. As the sample was activated at higher temperatures, small increases in the 
mass of propane adsorbed at 50 °C were observed until a maximum was achieved at 225 
°C. Propane adsorption decreased slightly after activation at 250 °C, dramatically at 275 
°C, and entirely after heating at 300 °C. From the experiment, it was clear that heating the 
solid even for short time to temperatures above 250 °C negatively affected the 
adsorbent’s porosity. If this metal-organic framework, Ni2(dobdc) (Ni-MOF-74, CPO-27-

 
 
Figure 5.1 (a) A traditional thermogravimetric analysis experiments of Ni2(dobdc) 
provides limited information about the optimal activation temperature. (b) The 
methodology presented here utilizes short heating cycles at high temperatures followed 
by the adsorption of propane at 50 °C as a probe for assessing the optimum activation 
conditions of metal-organic frameworks. The optimum activation temperature of 
Ni2(dobdc), 225 °C, is highlighted as the vertical grey line.  
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Ni)8 had actually been an unknown material, the modified TGA methodology would have 
established within 4 hours and with only 3.8 mg of solvated solid that the material was 
porous and that the optimum activation temperature was between 200 and 250 °C. With 
activation steps of 50 °C, a survey of activation temperatures between 100 and 450 °C is 
complete in approximately 3 hours.  
 Additional surveys utilizing smaller step sizes or longer activation times for a 
narrow temperature range are helpful to further narrow the appropriate activation window 
prior to scale-up. For scaled-up samples that are to be activated in vacuo rather than 
under flowing gas, small differences in optimum activation conditions may exist for some 
frameworks. Based upon our observations using this technique over the past 18 months, 
for frameworks where a discrepancy was observed, slightly lower temperatures could 
fully activated the adsorbent under high vacuum conditions. 

The masses of propane adsorbed per 100 g adsorbent at various activation 
temperatures between 100 and 450 °C for a selection of well-known metal-organic 
frameworks are plotted in Figure 5.2.9 From this information, important data about the 
porosity, thermal stability, and optimum activation temperature of materials can be 
readily obtained. For example, the technique would have quickly recognized that UiO-
6610 and MIL-53(Al)11  possess exception thermal stability since no decrease in the 
amount of propane adsorbed was observed even after heating the samples to 450 °C. For 
UiO-66, an increase in the amount of propane adsorbed was observed as the material was 
heated between 200 and 250 °C; this increase likely corresponds to the reversible 
dehydration of the Zr6 cluster that has been previously reported.12 Remarkably, the small 
increase in surface area that results from dehydration was observed by this simple 
technique, even though other essential characterization methods, including powder X-ray 
diffraction, were incapable of capturing this subtle event. 

In comparison to Ni2(dobdc), which rapidly lost porosity at temperatures above 
250 °C, Mg2(dobdc)13 exhibited excellent thermal stability for a metal-organic framework 
possessing open metal sites. With the short heating times and flow-through conditions 
used for the initial screening, higher activation temperatures than those typically reported 

 
 

Figure 5.2 The mass of propane adsorbed at 50 °C versus activation temperature is 
plotted for six well-known metal-organic frameworks. 
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for Mg2(dobdc) were found to be optimal. These high temperature, short duration 
activation conditions may prove valuable for activating large quantities of Mg2(dobdc) of 
strongly adsorbed species, such as MeOH or H2O, which generally require many hours at 
low temperatures to be removed in vacuo. Surprisingly, the pore expanded variant of 
Mg2(dobdc), Mg2(dobpdc),14 exhibited slightly better thermal stability than the parent 
material, even retaining some porosity after being heated to 450 °C. 

While some metal-organic frameworks, such as HKUST-1,15 are tolerant to a 
large range of activation conditions, realizing the complete activation of many metal-
organic frameworks possessing open metal sites is challenging because framework 
decomposition often competes with metal site desolvation. For example, Mn-BTT16 was 
shown to exhibit very promising H2 storage properties even though the vast majority of 

 
 

Figure 5.3 (a) While the mass of Mn-BTT shows a constant decrease with increasing 
activation temperature, the mass of propane adsorbed peaks after activation at 180 °C. (b) 
When compared to the originally reported activation conditions (150 °C), heating Mn-
BTT at 180 °C for 1 h significantly increases the amount of CO2 adsorbed at 25 °C. (c) 
The isosteric heat of CO2 adsorption was observed to increase by 8 kJ/mol at zero 
coverage using the 180 °C activation conditions reported here for Mn-BTT. 
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potential open metal sites remain ligated by MeOH. To realize the previously reported H2 
storage properties of Mn-BTT, activation conditions were surveyed utilizing standard N2 
adsorption isotherms at 77 K over a two-month period of time; this process required over 
300 mg of sample to complete. Despite this careful survey, the best conditions were 
found to desolvate only 17% of the potential open metal sites. 

Improved activations conditions for Mn-BTT discovered by the methodology 
described here were realized in just two days. Activation of the framework under He for 
short periods of time at 180 °C was determined to be optimal based solely upon the 
amount of propane adsorbed at 50 °C (Figure 5.3a). To validate these findings, excess 
CO2 adsorption isotherms were collected for Mn-BTT activated using the previously 
reported activation conditions (150 °C, vacuum, 12 h) and the revised activation 
conditions (180 °C, flowing He, 1 h). As shown in Figure 5.3b, 40% more CO2 was 
adsorbed at 1 bar using the new activation conditions. Isosteric heat of adsorption 
calculations (Figure 5.3c) indicated an increase in the enthalpy of CO2 adsorption of 
nearly 8 kJ/mol at zero coverage. To the best of our knowledge, this is the second highest 
reported value for isosteric heat of CO2 adsorption onto open metal sites in a metal-
organic framework.17 Furthermore, the activation of additional metal sites increases the 
number of CO2 molecules that are strongly adsorbed; approximately 50% more CO2 
molecules are adsorbed with an enthalpy greater than 30 kJ/mol with the revised 
activation conditions. 
 Although the methodology described here has been shown to be useful for a wide 
variety of framework structure types, it does have some limitations. First, some metal-
organic frameworks are unstable to traditional activation methods, and for those materials 
this procedure would likely indicate that they are nonporous even though other 
methodologies, such as supercritical CO2 drying, are capable of realizing their porosity.18 
Second, a smaller probe gas, namely CO2, would be more effective for frameworks with 
small pores or pore windows.19 While many researchers may find CO2 to be superior to 
propane, the chemical inertness of propane and consistent heat of adsorption for different 
surface compositions makes it the ideal choice for our laboratory. For all surface 
chemistries, propane is quickly purged from pores during subsequent heating steps and is 
cheap, readily available, nontoxic, and convenient to use. No changes to the methodology 
are necessary if CO2 is used in place of propane, and the effects of buoyancy discussed 
below apply equally. 
 For the purge gas, He, N2, and Ar were considered. For minimizing buoyancy 
effects, the fluid density of Ar most closely matches the density of propane, seemingly 

 
 
 

Gas 

 
Density 

(mg/mL)20 

Thermal 
Conductivity 
(W/m�K)20 

Kinetic 
Diameter 

(Å)19 
He 0.1509 0.16420 2.6 

C3H8 1.6840 0.02115 4.3 
CO2 1.6661 0.01869 3.3 
N2 1.0565 0.02739 3.64 
Ar 1.5071 0.01884 3.40 

Table 5.1 Thermophysical properties of gases at 50 °C and 1 atm. 
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making it the most appropriate choice (Table 5.1).20 However, when adsorbents were 
cooled under N2 or Ar it became apparent that adsorption of the purge gas was significant 
enough to effect the calculated change in mass. Thus despite the higher cost, He is the 
most suitable purge gas as it obviates the need to account for purge gas adsorption. 
Furthermore, He is the most thermally conductive gas allowing for short heating times to 
be utilized. 

Owing to the large fluid density difference between He and propane, buoyancy 
effects should make samples appear lighter under propane than He. For nonporous 
materials, a decrease in sample mass is observed due to this effect. For this methodology, 
only samples that adsorb enough propane to overcome buoyancy effects will appear 
heavier under propane than He. As shown in Figure 5.4, by simply visually inspecting 
whether sample mass increases or decreases, porous materials can be quickly 
differentiated from nonporous materials. The ability of the technique to utilize very small 
samples masses to quickly identify porous materials makes it the perfect characterization 
technique for the high-throughput discovery of new metal-organic framework adsorbents. 

Because the change from He to propane is always effected under identical 
conditions, changes in buoyancy over time for any single experiment are negligible and 
comparisons between activation temperatures are possible without the need to account for 
buoyancy. Pore shape and functionalization significantly affect the quantity of propane 
adsorbed, and no trend between adsorbent surface area and propane adsorption has been 
observed. Thus definitive surface area comparisons among materials are best made using 
traditional gas adsorption methods, since buoyancy effects must be accounted for if 
comparisons between different experiments using this technique are to be made. 

Two benefits of this methodology differentiate it from a similar calorimetry-based 
instrument purpose-built for the high-throughput identification of porous metal-organic 
frameworks.3a First, most metal-organic framework researchers already utilize TGA 
instruments for routine sample characterization, so no new equipment purchase will be 

 
 

Figure 5.4 Following activation at 300 °C, a porous and a nonporous material are cooled 
under He to 50 °C and exposed to propane for 5 min. Propane can adsorb within the 
pores of the porous material, causing the mass of the sample to increase. The mass of the 
nonporous sample appears to decrease due to buoyancy effects. Any increase in mass 
upon propane exposure is indicative of porosity, allowing porous and nonporous 
materials to be visually differentiated. 
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required for most researchers. Second, the calorimetric approach requires the 
preactivation of metal-organic framework samples, and thus is not capable of 
simultaneously identifying the proper activation conditions of new materials. 

With this technique, which is simple to perform, easy to analyze, and amenable to 
customization, we aim to provide the metal-organic framework community one possible 
method for allowing researchers and reviewers to determine that that the activation 
conditions being reported for metal-organic frameworks are in fact optimized, hopefully 
preventing the publication of conflicting or incorrect gas adsorption data attributable to 
poor adsorbent activation. Furthermore, this methodology is well suited for researchers in 
need of high-throughput methodologies to better analyze their synthetic output or those 
interested in porous materials research yet lacking the specialized gas adsorption 
instrumentation necessary to differentiate porous from nonporous materials. 
5.4 Conclusions 
 

A methodology utilizing a commercial thermogravimetric analyzer for quickly 
determining the optimum activation conditions of metal-organic frameworks is described. 
Revised activation conditions for the metal-organic framework Mn-BTT, quickly 
discovered using this procedure, were found to significantly increase both the isosteric 
heat of CO2 adsorption and CO2 adsorption capacity versus a traditionally activated 
sample. The ability of the methodology to quickly differentiate porous and nonporous 
materials makes it ideally suited for use in the high-throughput discovery of new metal-
organic frameworks. 
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