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H
ydrocarbon fuels are currently the
most important source of energy
due to their ready availability, sta-

bility, and high energy density (33 GJ/m3 for

gasoline).1 In the United States, in 2008, hy-

drocarbon fuels (petroleum, natural gas,

and coal) provided more than 80% of the

energy.1 Advantages such as being freely

provided by Nature, high energy content,

and ease of transportation and storage con-

tinue to drive our hydrocarbon depen-

dence. Unfortunately, hydrocarbon fuel

combustion carries with it the significant

drawback of environmental pollution, to in-

clude carbon dioxide emissions,2 and the

associated impact on health that is gener-

ally not reflected in their purchase price.3

While volcano eruptions can demon-

strate climate altering affects almost imme-

diately, another less dramatic path to alter-

ing the earth’s climate is to change the heat

trapping properties of the atmosphere. It is

well-established that higher atmospheric

carbon dioxide (CO2) levels result in an at-

mosphere that better retains heat. As such,

atmospheric CO2 plays a significant role in

global heating appearing to act as the

boundary condition, that is, the rule setter,

as to what climates are available to the

planet.4 At the current rate of increase in at-

mospheric CO2 concentration, many cli-

mate simulations suggest that the average

global temperature will increase some 6 °C

long before the end of the current century.5

In a seminal work, Hansen and co-workers6,7

use paleoclimate data to show that an aver-

age global temperature change of 6 °C is

sufficient to swing earth’s climate from one

of glacial conditions to one supporting an

ice-free Antarctica. A global cooling trend

that began 50 million years ago is tied to

falling CO2 levels, with the planet being

nearly ice-free until atmospheric CO2 con-
centrations drop below 450 � 100 ppm. A
planet so hot as to make Antarctica ice-free
must be warm indeed, presenting the pos-
sibility that vast regions of arable land that
now sustain the worlds population may
likely be given over to desert.8 With a 2008
atmospheric CO2 level of 385 ppm, business
as usual with respect to hydrocarbon fuel
use poses a suite of disconcerting issues.9

It has been suggested that CO2 col-
lected from emission sources may be stored
in geological formations including oil and
gas reservoirs, unminable coal seams, and
deep sea reservoirs.10 The strategy is the fol-
lowing: CO2 emitted from point sources,
such as coal-fired power plants, is trapped,
purified, and then compressed for transpor-
tation to storage sites where it is injected
into one geological formation or another.
Of course, each of these stepsOseparation,
purification, compression, transportation,
and storageOrequires additional energy.
To maintain a constant power output given
carbon capture and storage (CCS), studies
have estimated that CCS equipped power
plants would require an additional fuel in-
put of 25 to 80%.11�14 House and co-
workers15 report that the energy cost of
capturing and storing 80% of the CO2
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ABSTRACT The past several decades have seen a significant rise in atmospheric carbon dioxide levels resulting

from the combustion of hydrocarbon fuels. A solar energy based technology to recycle carbon dioxide into readily

transportable hydrocarbon fuel (i.e., a solar fuel) would help reduce atmospheric CO2 levels and partly fulfill energy

demands within the present hydrocarbon based fuel infrastructure. We review the present status of carbon dioxide

conversion techniques, with particular attention to a recently developed photocatalytic process to convert carbon

dioxide and water vapor into hydrocarbon fuels using sunlight.
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emitted from the U.S.’s 1493 coal-fired power plants,
representing a power generation capacity of 336 GW,
will require an additional 69�92 GW of CO2-free base-
load power, or a 15�20% reduction in overall electric-
ity use.15 Independent of the energy required to bury
the CO2 is the question of carbon sequestration leak-
age rates, rates which are likely to be more than zero.
It is worth noting that in 1986 a burst of naturally se-
questered carbon dioxide rose from Lake Nyos in Cam-

eroon and asphyxiated 1700
people.16

As depicted in Figure 1, our
interest is in the efficient recy-
cling of CO2 from a waste com-
bustion product into a hydro-
carbon fuelOa fuel that can be
used within the current energy
infrastructure, by use of sun-
light. CO2 is a stable molecule,
and energy is required to con-
vert it; hence CO2 conversion
makes sense only if the input
energy is from a renewable
source such as sunlight. Such
solar fuels offer a ready means
of storing and readily transport-
ing solar energy.

DISCUSSION
CO2 Conversion. Using Biomass.

Biomass to fuel conversion is a
viable approach for carbon
recycling.17,18 The basic process
involves biomass production via
photosynthesis, conversion of
biomass into fuels such as etha-
nol or biodiesel using biochemi-
cal processes, and use of the

bioresidue for production of biogas (methane). A vari-

ety of feedstocks are being used for biofuel production.

Bioethanol is commonly produced from sugar or
starchy crops such as sugar cane and from plant cellu-
lose using fermentation processes.19 Biodiesel is pro-
duced from oil crops such as corn, soybean, jatropha,
canola, coconut, oil palm, etc. or using microalgae.20,21

Oil extracted from crops or microalgae via chemical or
mechanical methods is subjected to a transesterifica-
tion process to form alkyl esters (biodiesel). A typical
transesterification process involves reaction of oil trig-
lycerides with methanol in the presence of catalysts
such as sodium hydroxide or potassium hydroxide (ac-
ids and lipase enzymes can also be used as catalysts) to
form glycerol and methyl ester.2 Biofuels are generally
blended with petrodiesel for use in combustion
processes.

Use of microalgae appears the most promising route
to biofuel production. The oil content of algae is signifi-
cantly higher than that of crops. Most algal species
have a dry weight oil content of more than 30%,17,21

while the oil content can go as high as 80% in some
strains like Schizochytrium sp. and Botryococcus brau-
nii.17 Algae do not require arable land or fresh water for
growth and fixes carbon dioxide at roughly 1.8 times
its weight, facilitating carbon recycling.22,23 If biodiesel
is to be a significant source of global energy, it should
be produced from microalgae.

Although world fuel production from biomass is rap-
idly increasing (3.91 quadrillion Btu from biomass in
2008, Department of Energy statistics), the sunlight-to-
fuel energy conversion efficiency of photosynthesis is
approximately 1%,4,24 and other energy inputs required
for biomass processing lower the overall sunlight to
biofuel conversion efficiency. Therefore, tremendous
land/water areas will be required for biomass to meet
the energy needs of a developed country. Further, such
massive cultivation of a single biological species will un-
doubtedly raise environmental challenges. It appears
that biofuels will be a part of the future energy infra-
structure but are unlikely to have a decisive role.25

Thermochemical. Artificial methods of carbon dioxide re-
cycling involve retrieving CO2 from the atmosphere or
a point source, subjecting it to one or more chemical
processes known for converting CO2 into value added
products, using these products for energy production
and then capturing the released carbon dioxide to com-
plete the cycle. External energy is required for CO2 cap-
ture and conversion. Although various physical meth-
ods can also be employed, the process is primarily done
chemically by absorbing CO2 using solid or liquid phase
(mono- or diethanolamine, potassium or calcium hy-
droxide, etc.) absorbents and regenerating them by
supplying energy.26,27 CO2 conversion to CO or hydro-
carbons is much more energy intensive, hence there is
a critical need to obtain the required processing energy
and hydrogen from renewable sources.

In this respect, hydrogenation of CO2 over catalytic
beds at elevated temperatures and pressures to make

VOCABULARY: hydrocarbon fuels – organic

compounds consisting of carbon and

hydrogen, such as gasoline, which currently

serve as our most important source of fuel and

energy due to their high energy content and

relative stability • photocatalytic reaction – a

catalytic process in which the catalysts are

activated by photons or light radiation (such as

UV light or solar radiation) of a suitable

wavelength for generating electron�hole pairs

that initiates chemical reactions • gas

chromatography – an experimental technique

used in analytical chemistry for the separation

and analysis of different components in a gas

mixture without decomposition •

electrochemical anodization of metal – a

process used in electrochemistry in which the

metal electrode connected to the positive

terminal (anode) of an electrochemical cell is

simultaneously oxidized and etched, with

nonporous oxide structures formed on the

surface • carbon dioxide reduction –

conversion of carbon dioxide to more useful

chemicals such as hydrocarbons or synthesis

gas by reacting it with hydrogen/hydrogen-

containing compounds

Figure 1. Depiction of integrated solar fuels system, where sunlight is
used to convert CO2 and water vapor into hydrocarbon fuels. Such fu-
els can be stored or transported as needed and, when used, result in
CO2 formation that is then passed to the photocatalytic array where it
is converted back to fuel.
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hydrocarbons such as methane, or oxygenated hydro-

carbons like methanol, is a viable approach if the hydro-

gen is derived from sunlight-driven water electrolysis

and the process energy is supplied by solar panels.28�31

Another strategy is to couple the reverse gas shift reac-

tion with hydrogenation to form methanol or dimethyl

ether.26 Although not yet fully developed, direct reduc-

tion of carbon dioxide using concentrated sunlight via

thermochemical cycles is one of the most promising ap-

proaches as it needs only CO2, and water if hydrocar-

bons are to be synthesized, as feed stock. The process

is tailored to generate carbon monoxide which can be

combined with H2, which needs to be generated via a

renewable means, to make synthesis gas (syngas) which

are in turn used as a fuel or feedstock for various pro-

cesses including the Fischer�Tropsch for liquid hydro-

carbon synthesis. Combining the thermochemical CO2

and water splitting processes to synthesize hydrocar-

bons directly is an attractive alternative.
A one-step thermochemical process involves direct

decomposition of CO2 to carbon monoxide and oxygen.

The reaction is endothermic, and it involves a free en-
ergy change (�G0) of 257 kJ/mol. For a 100% conversion
of CO2, the reaction should be carried at a minimum
temperature of about 3075 °C,32 at which �G0 becomes
zero. However, in principle, the CO yield can be as high
as 30% at temperatures near 2400 °C,33 although the
yield is realistically much lower due to back reactions;
quick product separation is essential to enhance the
yield. Traynor and Jenson built a reactor for carrying out
direct photolysis of CO2 at high temperatures created
by concentrated solar radiation (5000 suns) and
achieved a CO yield of 6% and a solar to chemical en-
ergy conversion efficiency of 5%.34 To make use of high
temperature visible and infrared absorption properties
of CO2 in its splitting and thereby enhancing the effi-
ciency, the CO2 was preheated to about 1900 °C prior
to its exposure to concentrated light. Pyrolysis and pho-
tolysis of CO2 to CO occurred upon photon absorption,
with the product gas stream rapidly cooled to quench
the back reactions. However, product separation is a
major problem in such single-step processes.

The reaction temperature can be significantly re-
duced and product separation achieved with multistep
thermochemical cycles, as demonstrated through the
development of multistep cycles for water splitting.35

While discussing their concept of using a silver/silver
halide cycle for water splitting by means of nuclear re-
actor heat Dorner and Keller proposed, probably for the
first time, use of thermochemical closed cycles for CO2

splitting as a way of environmental carbon mitigation.36

Possibilities of using different multistep thermochemi-
cal cycles such as those based on cadmium, antimony,
zinc, iron, and nickel for CO2 conversion were discussed

by Martin.32 The thermodynamic calculations showed

an efficiency advantage in using the Zn/ZnO cycle di-

rectly for carbon dioxide reduction rather than combin-

ing a water�gas shift reaction with a water splitting Zn/

ZnO cycle to generate CO.

Galvez et al. carried out a second law thermody-

namic analysis of Zn/ZnO and FeO/Fe3O4 cycles.33 For

example, the Zn/ZnO cycle is given by

Reaction 2 is highly endothermic and requires a tem-

perature of about 1700 °C to form gas phase zinc and

oxygen. O2 can be separated after reaction 2, and hence

only CO is produced after reaction 3. Reaction 3 is exo-

thermic, and an operating temperature between 425

and 725 °C is suggested. An efficiency of 39% is esti-

mated on carrying out reaction 2 under concentrated

solar radiation (5000 suns). Bamberger and Robinson re-

ported experimental results of a cycle based on CeO2.37

CO2 was reacted with Na3PO4 at 0�80 °C to form NaH-

CO3, and CeO2 was reacted with Na4P2O7 at 850�950 °C

to form Na2Ce(PO4)2. The products of the two reac-

tions, NaHCO3 and Na2Ce(PO4)2, were treated at

750�900 °C to form CO. Sandia National Laboratory is

developing a two-step FeO/Fe3O4 thermochemical pro-

cess, named “Sunshine-to-Petrol”, to integrate CO2 and

H2O splitting processes and make directly gasoline, die-

sel, or jet fuel as an end product.26,38 It utilizes the con-

cept of a thermochemical “heat engine” called Counter-

Rotating Ring Receiver Reactor Recuperator (CR-5) to

convert concentrated solar energy into thermal en-

ergy.38 However, a number of materials challenges asso-

ciated with high temperature operation in a reactive en-

vironment need to be solved for its development.

Despite these isolated efforts and excellent ideas, ther-

mochemical CO2 splitting has yet to prove its viability.

Electrochemical. Following the concept of water elec-

trolysis, a number of studies have examined the use of

electrocatalysts to split CO2 dissolved in liquids. A wide

range of products starting from CO to more complex

pure and oxygenated hydrocarbons of high energy

content can be directly synthesized. Other prime advan-

tages of this method include its compatibility with well-

established water electrolysis technology and the pos-

sibility of using photovoltaic derived electricity, that is,

a solar cell driven CO2 electrolyzer, as work input. In

general, the process involves electrolysis of a solution

containing dissolved carbon dioxide; that is, carrying

out the reduction of CO2 by applying a voltage greater

than that necessitated by thermodyamics between two

CO2 + energy f CO + 1/2O2 (1)

ZnO S Zn + 1/2O2 (2)

∆H25°C
0 ) +350.5 kJ/mol

Zn + CO2 S ZnO + CO (3)

∆H25oC
0 ) -67.5 kJ/mol
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immersed electrodes. The standard redox voltage per
electron for carbon dioxide splitting (given by reaction
1) is 1.33 V at 25 °C and 1 atm. The thermoneutral volt-
age is about 1.47 V, which is nearly same as that for wa-
ter electrolysis. When the electrode overvoltages and
Ohmic losses are added to thermoneutral voltage, a cell
voltage of about 2 V or more is generally required to
drive the reaction in aqueous electrolytes.39,40

In aqueous electrolytes such as NaHCO3 and KH-
CO3, water and carbon dioxide reduction processes
take place simultaneously at the cathode due to the
proximity of their reduction potentials (H�/H2O poten-
tial is �0.41 V vs NHE whereas CO/CO2 potential is
�0.52 V vs NHE at pH � 7). While this is an advantage
for the production of a wide range of hydrocarbons by
co-electrolysis of water and carbon dioxide, thermody-
namic preference on hydrogen generation over CO2 re-
duction lowers the Faradaic efficiency for carbon diox-
ide reduction unless hydrogen evolution is suppressed.
Note that only dissolved CO2 undergoes reduction and
ions in the electrolyte are not consumed.41,42 The types
of products formed and the Faradaic efficiencies of their
formation depend upon various factors, primarily cata-
lytic activity of the electrodes, potentials applied to the
electrodes, type of ionic species in the electrolyte, and
local pH and CO2 concentration near the electrode that
are determined by buffer strength, mass transport, and
bulk CO2 concentration in the electrolyte.43

The electrode material has a major role in determin-
ing the products and selectivity. The crystal orientation
(hence preferential adsorption of reactants and inter-
mediates), surface structure (e.g., roughness, porosity,
and defects), surface crystallography (dislocations and
vacancies), surface impurities, and electronic configura-
tion (e.g., sp and d metals) are important factors deter-
mining the catalytic activity of a particular material.43�49

Hydrogen evolution dominates over hydrocarbon gen-
eration in the case of Pt, Ni, Ti, Co, Rh, Ir, and Fe elec-
trodes due to their low hydrogen overpotentials and
strong CO adsorption characteristics.40,43,47,50 Metals
such as Hg, Cd, Pb, Sn, Tl, In, and Bi do not necessarily
split CO2, hence formate ions are primarily
generated.43,50,51 Negligible CO adsorption and high hy-
drogen overpotentials make them poor catalysts for
CO2 reduction. Metals such as Au, Ag, Pd, Ga, Cu, and
Zn have moderate hydrogen overvoltage and weak CO2

adsorption characteristics. While CO evolution is pro-
moted in most of these materials, Cu facilitates reac-
tion of CO and H2 to generate hydrocarbons, aldehydes,
and alcohols as major products.43,52,53 Of the various ma-
terials investigated as electrocatalysts, copper has been
considered one of the most appropriate materials for
the production of hydrocarbons and oxygenated hy-
drocarbons in aqueous solutions.47 Copper deactivation
is a commonly observed problem, but ways to allevi-
ate this have been proposed.54 Alloys like Cu�Zn,
Raney Fe�Ru/C, Pt�Pd�Rh, Ru�Pd, and conducting

polymers like polyaniline have also been investigated

for their electrocatalytic activity for CO2 reduction.55�59

While generally C1 hydrocarbons, that is, hydrocar-

bon chains with one carbon atom, are formed in aque-

ous electrolytes, there are instances of formation of

larger hydrocarbon chains. A Cu electrode, not elec-

tropolished, yielded up to C6 hydrocarbons including

paraffins and olefins with ethylene as the major compo-

nent.45 Surface oxygen coverage, promoted by the sur-

face crystallinity, was believed to be an important factor

controlling the CO2 activation selectivity.43,45 Centi et

al. demonstrated that carrying out gas phase reaction

in an electrochemical cell employing nanocarbon based

electrocatalysts and a proton exchange membrane

(PEM) would produce hydrocarbons and alcohols with

chains having up to 10 carbon atoms.48 They obtained

isopropyl alcohol as the primary product with ethanol,

methanol, acetaldehyde, and acetone at lower concen-

trations and trace amounts of alkanes and aromatics

when electrocatalytic CO2 reduction was performed at

60 °C in a cell with an Fe�Co/carbon nanotube based

gas diffusion membrane electrode. Earlier, the same

group had reported generation of primarily �C5

(chains with greater than 5 carbon atoms) compounds

when the electrolysis was performed in a cell with simi-

lar configuration but at room temperature and using

Pt nanoparticle on carbon black as electrodes, which

were hot-pressed onto a Nafion membrane.60 In their

experiments, a cell with liquid electrolyte on one side

(0.5 M KHCO3) and gas phase (CO2 � 4% H2O) on the

other side yielded a maximum rate of formation of �C7

hydrocarbons. Hori et al. observed that Faradaic effi-

ciency for methane formation dropped from about 65%

to almost 0 while that for ethylene formation increased

from 0 to 20% when the temperature was increased

from 0 to 40 °C.61

The reaction kinetics and product selectivity change

with the potential applied to the electrode. For ex-

ample, Noda et al.62 reported that the Faradaic efficien-

cies of formation of HCOO�, CO, C2H4, and CH4 varied

with electrode potential, for a potential in the range of

�1.35 to �1.75 V (vs KCl saturated Ag/AgCl) applied to

a copper electrode in KHCO3 electrolyte. The maxi-

mum Faradaic efficiencies observed were 32% at �1.4

V for HCOO�, 33% at �1.52 V for CO, 41% at �1.58 V for

C2H4, and 39% at �1.7 V for CH4. Oxygenated hydrocar-

bons such as ethanol, acetaldehyde, propanol, and pro-

pionaldehyde were also present at low concentrations,

with Faradaic efficiencies that peaked between �1.57

and �1.65 V. The change seen in reactant formation

from formate to hydrocarbons with a corresponding in-

crease in negative potential was basically due to en-

hanced CO2 reduction. However, hydrogen evolution

increased substantially for a potential above �1.75 V

(Faradaic efficiency �80%) with the formation of car-

bon based products sharply declining.
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CO2 concentration in the electrolyte and mass trans-

port are decisive factors in determining the Faradaic for-

mation efficiencies of the different products.50 Reduc-

ing the electrolyte temperature enhances solubility as

well as stability of the reduction intermediates, hence a

temperature close to zero is generally chosen. How-

ever, while performing electrolysis at higher tempera-

tures reduces CO2 solubility, the relative selectivity to C1

products reduces and that to C2 products increases.63

Increasing the pressure increases the solubility and in

general improves the Faradaic efficiency for CO2

reduction;48,50 the relative formation efficiency of the

different products also changes with pressure.64 Ohta

et al. used ultrasonic irradiation to enhance the mass

transport near the electrode and suppress hydrogen

formation.65 Use of gas diffusion electrodes has also

been found to improve mass transport and hence prod-

uct formation rate and selectivity depending upon the

electrode material.50,66

Because of the low solubility of CO2 in aqueous solu-

tions (33 mM at 25 °C at 1 atm CO2), nonaqueous, par-

ticularly organic aprotic solvents, which can dissolve

much more CO2, are often used as electrolytes. Metha-

nol, dimethyl formamide, dimethyl sulfoxide, acetoni-

trile, and propylene carbonate are examples of CO2 sol-

vents used as electrolytes.67 In nonaqueous electrolytes,

the solubility of CO2 is high but poor solution conduc-

tivity leads to high Ohmic losses.48,50 Methanol seems to

be a better choice due to its moderate CO2 solubility

(5 times that of aqueous solutions) and Ohmic

losses.68�71 Nonaqueous electrolytes provide the abil-

ity to work below freezing point of water, and hence the

benefit of increased solubility at low temperatures can

be exploited. Further, hydrogen evolution is suppressed

in nonaqueous solutions, especially at lower tempera-

tures, and hence the possibility of increased current ef-

ficiency for CO2 reduction. Compared to aqueous solu-

tions, more complex compounds such as oxalic acid,

glycoxylic acid, tartaric acid, etc. are formed in nonaque-

ous solutions.49 Cu electrodes that form hydrocarbons

in aqueous electrolytes primarily generate CO in non-

aqueous electrolytes. Nevertheless, this scenario may

change depending upon the hydrophobic/hydrophilic

behavior of the cations.50,72 Silver- and boron-doped

diamond are considered promising electrode materi-

als.50

A number of transition complexes, both metal based

and ligand based complexes (photo/electrocatalysts),

have also been investigated as catalysts with low over-

potentials for CO2 reduction. This includes metal com-

plexes with macrocyclic ligands,73,74 metal complexes

with bipyridine ligands,75 and transition metal phos-

phine complexes.76 The metal complexes are either dis-

solved in the electrolyte medium to serve as redox me-

diators or deposited on a solid or gas diffusion

electrode surface.50,77 The electrocatalytic activity of

the transition metal complexes is dependent on de-

tails of both the metal center and the ligand.78

Transition metal catalysts with macrocyclic ligands

and tetraazo macrocyclic complexes of Co and Ni are

able to reduce CO2 to CO or a mixture of CO and atomic

hydrogen at potentials ranging from �1.3 to 1.6 V vs

SCE. These catalysts are also able to provide high cur-

rent efficiencies; however, slower rates of regeneration

and the formation of an insoluble compound layer in

the presence of CO affect the long-term stability of

these catalysts.79 The use of Fe based complexes such

as iron(0) porphyrins is able to reduce CO2 in the pres-

ence of weak Brønsted acids, for example 1-propanol,

and the catalytic process is significantly improved in

terms of both the efficiency and turnover frequency;

however, the required reduction potentials (��1.5 V

vs SCE) are highly negative for practical purposes and

also require the use of mercury electrodes.80 In contrast

to macrocyclic ligands, metal complexes with bipyri-

dine ligands show excellent current efficiencies and

much better selectivity for CO over hydrogen produc-

tion; however, these systems show low turnover fre-

quencies. Among the various metal complexes with

phosphine ligands, binuclear Ni(0) complex

[Ni2(CNMe)3(dppm)2][PF6]2 offers low negative operat-

ing voltages (��0.87 V vs SCE); however, carbonyl for-

mation occurs over extended periods of time.81 Another

binuclear complex [Ni2(�-dppa)2(�-CNR)(CNR)2] shows

interesting catalytic behavior of trapping the reduction

product CO that makes it the most suitable candidate

for equilibrating CO2 with its reduction products CO and

CO3
2�.82 Benson et al. presented a comprehensive re-

view on developments in this area.83 Use of metal com-

plex polymer composites,84 and Fe, Pt-catalyzed car-

bon nanotubes85 has also been reported.

Bouwman and co-workers recently reported sponta-

neous oxidation of a dinuclear copper(I) complex to ox-

alate by CO2 in air.86 The tetranuclear copper(II) oxalate

complex formed after reaction with CO2 in air was elec-

trolyzed at �0.03 V vs NHE in CO2 saturated acetoni-

trile solution containing lithium perchlorate to precipi-

tate lithium oxalate. The solution, after removing the

oxalate and saturating with argon, was subjected to a

second electrolysis to return to the copper(I) complex.

This method is promising as CO2 is directly, and selec-

tively, captured from air. Although it is not evident in

this particular case, in general, the lack of stability is a

major problem with metal complexes.

The feasibility of using water electrolyzer configura-

tions, primarily with liquid electrolytes, solid polymer

membrane, and solid oxide, for CO2 reduction or com-

bined CO2 and H2O splitting has been tested by various

groups.61,87�90 For example, Bidrawn et al. examined

the use of a solid oxide electrolyzer fitted with a ce-

ramic electrode based on La0.8Sr0.2Cr0.5Mn0.5O3 infil-

trated into a yttria-stabilized zirconia scaffold together
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with 0.5 wt % Pd supported on 5 wt % Ce0.48Zr0.48Y0.04O2

for CO2 reduction at temperatures in excess of 700 °C

and demonstrated CO2 reduction with an efficiency

comparable to water splitting.88 Zhan et al. produced

syngas by co-electrolysis of steam and CO2 using a solid

oxide electrolyzer at 700�800 °C.89

Photo-Assisted Conversion of CO2 to Hydrocarbon Fuels. Direct so-

lar conversion of CO2 and water vapor into hydrocar-

bon fuels using sunlight is an attractive prospect, serv-

ing to reduce atmospheric CO2 concentrations while

providing on a renewable basis an energy dense por-

table fuel compatible with our current energy infra-

structure. As depicted in Figure 1, we suggest a strat-

egy of using the fuel on a closed-loop basis; fuel is

burned, the CO2 emissions are collected and passed

into a photocatalytic bed where solar energy is used

to convert the CO2 back into fuel. Of critical importance

is the efficiency of the photocatalytic materials in their

use of sunlight for conversion of CO2 to fuel.

One of the earliest reports on photoelectrochemical

reduction of carbon dioxide was published by Halmann

in 1978.91 An electrochemical cell was used, composed

of a single crystal p-type GaP cathode, carbon anode,

and a buffered aqueous electrolyte through which car-

bon dioxide was bubbled. When the GaP crystal was il-

luminated (mercury lamp) and a voltage bias applied,

current was detected, with the electrolyte solution

showing the presence of formic acid, formaldehyde,
and methanol. Many research groups have since inves-
tigated the use of different compound semiconductors
to achieve higher visible light catalytic activities. Using
p-GaAs and p-InP photoelectrodes in a CO2-saturated
solution of Na2SO4, Canfield and Frese achieved CO2 re-
duction to methanol.92 Similarly, formation of metha-
nol together with formic acid and formaldehyde was re-
ported by Blazeni et al. using single-crystal p-GaP and

p-GaAs photoanodes.93 Eggins and co-workers reported
visible light photoreduction of CO2 in the presence of
colloidal CdS in an aqueous solution of tetramethylam-
monium chloride, yielding glyoxylic acid as well as for-
mic and acetic acids and CH2O.94 Fujiwara and co-
workers studied the use of ZnS nanocrystals as visible
light photocatalysts, finding that excess metal ions en-
hanced the photocatalytic response, a behavior attrib-
uted to the formation of sulfur vacancies that acted as
catalytic sites for CO2 reduction.95 Use of ZnS crystallites
was also reported by Kuwabata et al., in which metha-
nol was obtained as the main product.96 Barton and co-
workers reported selective reduction of CO2 to metha-
nol using a catalyzed p-GaP based
photoelectrochemical cell.97

In 1979, Inoue and co-workers98 examined the use
of semiconductor powders for CO2 reduction, includ-
ing TiO2, ZnO, CdS, SiC, and WO3, suspended in CO2-
saturated water illuminated by a Xe lamp. Small
amounts of formic acid, formaldehyde, methyl alcohol,
and methane were produced. Inoue suggested that
conversion of CO2 to methane was a multistep reduc-
tion process given by

with e� and h� denoting, respectively, photogener-
ated electrons and holes. The formaldehyde and methyl
alcohol yield was highest in the presence of SiC, a be-
havior attributed to the relative position of the SiC con-
duction band with respect to the HCHO/H2CO3 redox
potential.98 Figure 2 shows a schematic of the band-
edge positions of the different semiconductor materi-
als with respect to the redox potentials of the different
chemical species. The SiC conduction band edge lies at
a higher position (more negative) than the HCHO/
H2CO3 redox potential, which is believed to be respon-
sible for the high rates of product formation. The ab-
sence of methyl alcohol when WO3 was used as catalyst,
with a conduction band at a position lower than the
HCHO/H2CO3 redox potential, further indicates the in-
fluence of band-edge positions on CO2 reduction.

In subsequent work, Halmann et al. reported the use
of strontium titanate catalyst powder suspended in an
aqueous solution through which CO2 was bubbled, illu-
minated by natural sunlight to produce formic acid,
formaldehyde, and methanol.99 Due to its higher con-
duction band-edge position compared to the redox po-
tential of CH3OH/H2CO3, strontium titanate could effec-
tively reduce carbon dioxide dissolved in an aqueous

Figure 2. Conduction band and valence band potentials of semi-
conductor photocatalysts relative to energy levels of the redox
couples in water. Reprinted with permission from ref 98. Copy-
right 1979 Macmillan Publisher Limited.

H2O + 2h+ f 1/2O2+2H+ (4)

CO2(aq.)+2H++2e- f HCOOH (5)

HCOOH + 2H++2e- f HCHO + H2O (6)

HCHO + 2H+ + 2e- f CH3OH (7)

CH3OH + 2H++2e- f CH4+H2O (8)
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electrolyte. Cook and co-workers100 using a mixture of
p-SiC and Cu particles reported the reduction of CO2 to
CH4, C2H4, and C2H6 as a function of electrolyte pH.
Their work showed that the addition of Cu cocatalysts
to SiC enhanced the electron transfer rate from the SiC
conduction band, while CO2 reduction occurred on the
Cu particle sites. The use of Cu as a cocatalyst was also
reported by Adachi et al., in which Cu-loaded TiO2 pow-
der was suspended in a CO2 pressurized solution at am-
bient temperature, with methane and ethylene pro-
duced under Xe lamp illumination.101

Anpo and Chiba reported the use of highly dis-
persed titanium oxide on glass for the photocatalytic re-
duction of carbon dioxide.102 UV illumination of the
catalyst in the presence of CO2 and H2O resulted in the
photocatalytic formation of CH4, CH3OH, and CO as ma-
jor products. From the direct detection of intermediate
species, they proposed that methane formation re-
sulted from the reaction between carbon radicals and
atomic hydrogen, with the photoreaction efficiency
strongly dependent upon the CO2 to H2O ratio and re-
action temperature. The charge transfer excited state,
Ti3��O� of the tetrahedral coordinated titanium oxide
species, was found to play a critical role in determining
the photoreactivity. The use of Cu as a cocatalyst in
combination with TiO2 resulted in methanol formation.
In another report Anpo et al. examined photocatalytic
reduction of CO2 and water vapor at 328 K using titania-
loaded zeolite, which demonstrated a high selectivity
for gas phase methanol formation.103 Addition of Pt to
the TiO2 led to an increased methane yield compared to
methanol formation.103

Sayama and Arakawa reported use of 1% Cu-loaded
ZrO2 as a catalyst for photocatalytic reduction of CO2

to CO in NaHCO3 solutions under UV irradiation.104 Us-
ing Ti-containing porous SiO2 films, Ikeue et al. reported
the formation of methane and methanol from a mix-
ture of CO2 and H2O vapor under Hg lamp illumina-
tion.105 Matsumoto et al. studied the use of p-type
CaFe2O4 powder for CO2 reduction in saturated NaOH
solution;106 under Hg lamp illumination, they obtained
methanol and formaldehyde as the main products.
Ichikawa and Doi reported a photoelectrocatalysis sys-
tem comprising a thin film anatase TiO2 layer on one
side of a Nafion substrate and ZnO with Cu electrocata-
lysts on the other. Under illumination (mercury lamp,
as well as sunlight), CO2 was converted to hydrocarbons
with methane and ethylene as the major products.107

Guan et al. investigated the use of Pt-loaded K2Ti6O13

catalysts for reduction of CO2 in water under concen-
trated sunlight illumination.108 They obtained methane,
acetic acid, and acetaldehyde along with hydrogen.
The inclusion of an additional catalyst, iron on a dealu-
minated Y-type zeolite (Fe�Cu�K/DAY), resulted in for-
mation of methanol and ethanol in addition to the
above species as dependent upon the reaction temper-
ature. Recently, Sasirekha et al. reported photocatalytic

production of methanol from CO2 using Ru-doped TiO2/
SiO2 catalysts;109 maximum photocatalytic activity was
obtained at an optimum concentration of 0.5% Ru and
10 wt % TiO2 in SiO2.

Ulagappam and Frei used Ti-silicalite molecular
sieves as a catalyst for 266 nm UV laser radiation in-
duced reduction of CO2 and H2O gas mixtures, obtain-
ing HCO2H, CO, and HCO2CH3.110 Product origins were
studied by IR spectroscopy, indicating that CO origi-
nated from the secondary photolysis of HCO2H, while
HCO2CH3 was the result of spontaneous Tishchenko re-
action of CH2AO.110 In a subsequent work, Lin and co-
workers carried out a detailed study of the photoin-
duced reduction of carbon dioxide in TiMCM-41 (Ti-
substituted Mobile Catalytic Material No. 41) sieves
using in situ FTIR spectroscopy at room temperature.111

Carbon monoxide was observed as the sole product,
with production rates linearly corresponding to laser
power. Their study determined that CO production was
a single-photon, two-electron transfer product of CO2

with H2O acting as an electron donor. In a recent report,
Tan et al. investigated the photocatalytic reduction of
CO2 under monochromatic UV (253.7 nm) radiation in
the presence of TiO2 pellets soaked in water, obtaining
a maximum rate of about 0.25 �mol/h of methane, 0.16
�mol/h of hydrogen, and trace amounts of CO.112

Lo and co-workers attempted CO2 reduction using
TiO2 (Degussa, P-25) and ZrO2 powder photocatalysts il-
luminated, respectively, with 264 and 365 nm UV radia-
tion in the presence of hydrogen and water. Photore-
duction of CO2 over TiO2 in the presence of H2 � H2O
yielded CH4, CO, and C2H6, while the use of ZrO2 with H2

formed only CO.113 Nishimura et al. used sol�gel de-
rived TiO2 multilayer films inside a Cu tube to obtain a
total product (CO, CH4, C2H4, and C2H6) formation rate of
about 3.2 nmol/cm2 · h under 2.4 mW/cm2 UV illumina-
tion.114 The use of TiO2 in combination with multiwalled
carbon nanotubes has been reported by Xia and co-
workers to produce ethanol and formic acid through
photocatalytic reduction of CO2.115 It was found that
ethanol was the major resultant product when the com-
posite catalyst was prepared by sol�gel, while formic
acid was the major resultant product when the compos-
ite catalyst was prepared via a hydrothermal tech-
nique.115 Wu et al. investigated the use of fine particle
layers of TiO2, Cu/TiO2, and Ag/TiO2 photocatalysts.116

Moist CO2 was photocatalytically reduced to methanol
under UV irradiation; a maximum methanol production
rate of 4.12 �mol/g · h was obtained with 1.0 wt % Ag-
TiO2 catalyst under 10 W/cm2 UV radiation.116

Gratzel and co-workers117 obtained selective pro-
duction of methane from a mixture of CO2 and H2 in
Ar using Ru/RuOx sensitized TiO2 particles. Figure 3
shows the production of methane in light and dark
and the reduction of carbon dioxide with time.117 An ini-
tial methane production rate of about 116 �L/h per
100 g of nanoparticles was obtained under simulated
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light. It was initially suggested that carbidic surface car-

bon (Ru�C) played a crucial role in CO2 reduction us-

ing the TiO2�Ru photocatalysts. Such Ru�C species

were formed by the existence of isolated carbon at-

oms coordinated to Ru without the formation of gra-

phitic islands or overlayers. Gratzel and co-workers pro-

posed that the photogeneration of these Ru�C species

involved band gap excitation of TiO2 catalysts, fol-

lowed by a Ru-assisted reduction of CO2 by conduc-

tion band electrons according to the reaction

with methane generated by the reaction of surface car-

bon with hydrogen:

However, after a comprehensive study, Melsheimer

et al. concluded that the photocatalytic reduction of

CO2 over Ru-TiO2 catalysts reported by Gratzel and co-

workers did not involve intrinsic photochemical effects

and was mainly due to thermal effects.118 They sug-

gested that the localized Ti3� states were responsible

for the sensitization of the catalytic support, which led

to conversion of visible light into heat and a corre-

sponding increase in CO2 reduction.

Metal complexes involving rare-earth elements have

also been used by many research groups for the photo-

catalytic CO2 reduction. Takeda et al. reported the use

of rhenium complex in a dimethyl formamide (DMF) so-

lution for the reduction of CO2 to CO.119 Lehn and Zies-

sel examined reduction of CO2 within an acetonitrile/

water/triethylamine mixture using a Ru(2,2=-
bipyridine)3

2� cobalt(II) chloride catalyst under visible

light illumination.120 In preference to water reduction,

a higher selectivity for CO2 reduction to CO was

achieved when triethanolamine was used instead of tri-

ethylamine. Craig et al. reported the use of photosensi-

tizer Ru(bpy)=� (bpy � 2,2=-bipyridine) in an ascorbate-

buffered solution at room temperature under 1 atm of

carbon dioxide in the presence of nickel(II) complexes,
either Ni[1,4,8,11-tetraazacyclotetradecane] or
Ni[1,4,7,10-tetraazacyclododecane], with the reduction
of CO2 to formate and CO.121 Early developments in the
field of photochemical carbon dioxide reduction using
various metal complexes have been summarized in a re-
view by Fujita.122 Recently, Gholamkhass and co-
workers reported the investigation of
ruthenium�rhenium bi- and tetranuclear complexes
for photocatalytic CO2 reduction.123 Ozcan et al. sensi-
tized a Pt/TiO2 catalyst with tris(2,2=-
bipyridyl)ruthenium(II) chloride hexahydrate dye, ob-
taining enhanced visible light activity toward methane
production via CO2 reduction.124 However, these high-
cost metal complexes suffer from poor stability particu-
larly when exposed to UV light.

A summary of some of the important works in this
field are presented in Table 1. In the majority of the
noted reports, CO2 reduction was achieved in an elec-
trochemical cell requiring electrical bias and/or UV illu-
mination. The energy associated with the electrical bias,
and the UV light source, if not provided on a renew-
able basis, clearly offsets any advantage inherent to CO2

conversion. What we seek is a means for achieving
high-rate photocatalytic reduction of carbon dioxide,
using as the only input energy source solar radiation.
Since visible light comprises the majority of the solar
spectrum energy, it behooves us to consider photocat-
alysts sensitive to sunlight.

Photocatalytic Conversion of CO2 Using Nitrogen Doped TiO2

Nanotube Arrays. A significant breakthrough in the photo-
catalytic reduction of gas phase CO2 by solar radiation
has recently been achieved by Varghese and co-
workers, using nitrogen-doped TiO2 nanotube arrays
cocatalyzed with copper and/or Pt nanoparticles, in
which water vapor saturated carbon dioxide was re-
duced to methane and other hydrocarbons without ap-
plication of an electrical bias.125 The nanotube array ar-
chitecture, see Figure 4, offers large surface areas and
wall thicknesses of a few nanometers, facilitating effi-
cient charge separation while the columnar shape of
the tubes enables directed (vectorial) charge transfer.
TiO2 nanotube arrays formed by anodic oxidation have
found application as high-precision self-cleaning gas
sensors,126�128 use as photoanodes for hydrogen pro-
duction via water photoelectrolysis,129�131 as the elec-
tron transporting backbone in dye-sensitized as well as
heterojunction solar cells,132�136 and as a biocompatible
material for enhanced osseointegration.137�140

Vertically oriented n-type TiO2 nanotube arrays, see
Figure 4, directly achieved by Ti anodization, have been
shown to possess outstanding photocatalytic proper-
ties.141 The walls of the crystallized nanotubes consist of
stacked anatase crystallites that provide facile path-
ways for photogenerated carrier transport. The nano-
tube array structure makes available to the reactant gas
species both sides of the tube walls, that is, inner and

Figure 3. Photoconversion of CO2 to CH4. The decrease in CO2

and increase in CH4 volume is plotted as a function of illumina-
tion time. Reprinted with permission from ref 117. Copyright
1987 Macmillan Publisher Limited.

4e-+CO2 + Ru(catalyst) f Ru-C + 2O2- (9)

Ru-C + 2H2 f Ru + CH4 (10)
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outer surfaces, for enhanced photocatalytic reactions.
The hole diffusion length in titania is �10 nm,142 and
the electron diffusion length has been reported as high
as �100 �m,143 while half of the nanotube wall thick-
ness is approximately 10 nm. The high rate of carbon di-
oxide conversion can be attributed to the high surface
area and nanoscale wall thickness of the nanotubes, en-
abling the surface species to readily receive both charge
carriers generated near the surface due to the wave
function overlap and those generated deep inside the
wall via diffusion. Since half of the nanotube wall thick-
ness is less than or comparable to the minority carrier

(hole) diffusion length, both holes and electrons are
never generated far from the semiconductor�reactant
gas interface. Therefore, irrespective of the nanotube
length, charge carriers generated deep inside the nan-
otube walls reach the interface by diffusion, while
charge carriers created near the interface region are
readily accessible to the reactant species. Hence with-
out compromising the enhanced photocatalytic prop-
erties, we are able to increase the nanotube length, fa-
cilitating light absorption, including utilization of
weakly absorbed wavelengths, for photocatalytic pro-
cesses. Furthermore, any loss due to reflection of the in-

TABLE 1. Summary of Some Important Reports on Photocatalytic Reduction of CO2 (Efficiency Values for a Few Selected
Results Are Also Given)

light source catalyst reaction medium products efficiency reference

mercury (Hg) lamp p-GaP single crystal CO2-saturated buffered
solution
(electrochemical cell)

formic acid, formaldehyde,
methanol

	 � 0.61% (for
methanol)

Halmann, ref 91

tungsten�halogen
lamp

p-GaAs, p-InP CO2-saturated Na2SO4 (EC
cell)

methanol faradaic eff. � 0.52
(p-GaAs)

Canfield and Frese, ref 92

xenon (Xe) lamp p-GaAs, p-GaP single
crystal

CO2 saturated aqueous
solution (EC cell)

methanol, formic acid,
formaldehyde

FE � 0.8 (max.) Blajeni et al., ref 93

visible light
320�580 nm

colloidal CdS aqueous solution of
tetramethylammonium
chloride

glyoxylic acid, formic and acetic
acid

QE � 0.00125% Eggins et al., ref 94

Hg lamp ZnS nanocrytals dimethylformamide
solution with distilled
triethylamine

formic acid Fujiwara et al., ref 95

UV Hg lamp ZnS microcrystals NaHCO3 and K2HPO4

solution
methanol QE � 5.9% Kuwabata et al., ref 96

UV 365 nm p-GaP EC cell methanol 	 � 10.9%, QE �
44% at �0.5 V

Barton et al., ref 97

UV Xe lamp SiC and other
semiconducting
powders

EC cell methanol, formic acid,
formaldehyde, methane

Inoue et al., ref 98

natural sunlight
through solar
concentrator

SrTiO3 powder aqueous suspension formic acid, formaldehyde,
methanol

	 � 0.011% Halmann et al., ref 99

UV 365 nm Cu added p-SiC KHCO3 solution methane, ethane, and ethylene Cook et al., ref 100
UV Xe lamp Cu added TiO2 aqueous suspension with

pressurized CO2

methane, ethylene Adachi et al., ref 101

UV Hg lamp TiO2 loaded zeolite CO2 and H2O vapor methanol Anpo et al., ref 103
UV Hg lamp Cu added ZrO2 NaHCO3 solution CO Sayama and Arakawa, ref

104
UV Hg lamp Ti containing SiO2 film CO2 and H2O vapor methane and methanol QE � 0.28% Ikeue et al., ref 105
UV laser 266 nm Ti-silicalite molecular

sieve
CO2 and H2O vapor CO, formaldehyde, acetaldehyde Ulagappam and Frei, ref

110
UV lamp TiO2 powder CO2 and H2O vapor methane, hydrogen, CO Tan et al., ref 112
UV lamp TiO2 (Degussa, P25), ZrO2 H2 � H2O methane, ethane, CO Lo et al., ref 113
UV 365 nm MW-CNT supported TiO2 CO2 and H2O vapor ethanol, formic acid Xia et al., ref 115
UV 365 nm Ag/Cu-TiO2 coated optical

fiber
CO2 and H2O vapor methanol QE � 0.00013% Wu et al., ref 116

UV 310�435 nm Ru/RuOx sensitized TiO2 CO2, H2 in Ar methane Thampi et al., ref 117
Hg arc lamp 
 �

330 nm
Rh complex CO2 bubbled through DMF-

TEOA solution
CO QE � 0.59% Takeda et al., ref 119

visible light 
 �
400 nm

Ru-bipyridine-Co(II)
chloride

acetonitrile/water/
triethyleamine

CO Lehn and Ziessel, ref 120

natural sunlight of
AM 1.5
illumination

Cu, Pt cocatalyzed N-
doped TiO2 nanotube
arrays

CO2 and H2O vapor methane, other alkanes, olefins,
Br-paraffins, H2, CO.

	 � 0.0148%,
QE � 0.74%

Varghese et al., ref 125

visible light 
 �
420 nm

CdSe/Pt/TiO2

heterostructure
CO2 and H2O vapor methane, methanol, CO, H2 Wang et al., ref 158
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cident light is minimized by the low index of refraction

of the nanotube array films.144

Nitrogen-doped titania nanotube arrays were syn-

thesized by anodizing titanium foil in an electrolyte

consisting of 0.3 M ammonium fluoride (NH4F) in 2 vol

% water containing ethylene glycol at 55 V.131,145

Samples with nanotube length up to �130 �m were

prepared by changing the anodization duration. Field

emission scanning electron microscope (FESEM) images

were used to estimate the average pore diameter and

wall thickness of the samples, which were found to

about 95 nm (standard deviation 13 nm) and about 20

nm (standard deviation 5 nm), respectively. Nitrogen

was incorporated within the nanotubes during the an-

odization, primarily supplied by the NH4F and to a lesser

extent by the atmospheric nitrogen dissolved into the

electrolyte. Anodization of the Ti foil resulted in an

amorphous nanotube arrays; hence the nanotube ar-

ray samples were annealed at 460 or 600 °C for 3 h in

oxygen for crystallization. To retain the nitrogen incor-

porated within the nanotube samples, oxygen flow

across the sample during annealing was carefully con-

trolled. Ultrathin layers of copper or platinum were then

coated onto the top surface of the nanotube array

films using dc sputtering (dc power 1.8 W/cm2, pres-

sure 20 mTorr, 5 cm distance between target and

sample, sputtering time 13 s for Pt and 40 s for Cu).

High-resolution transmission electron microscopy (HR-

TEM) images revealed that nanoscale Pt islands (or cop-

per depending upon sputtering target) were formed

on the nanotube walls near the open ends of the tubes

(see Figure 5).

Digital photographs of samples prepared under dif-

ferent conditions are shown in Figure 6. Figure 6a is an

as-synthesized 32 �m long nanotube array sample,

while Figure 6b,c shows, respectively, 25 and 130 �m

long nanotube array samples annealed at 460 °C. The

40 and 130 �m long nanotube arrays annealed at 600

°C are shown in Figure 6d,e, respectively. The absor-

bance spectra of the 35 and 130 �m samples annealed

at 460 °C, and 130 �m sample annealed at 600 °C, are

given in Figure 7. For the 460 °C annealed samples, the

color changed from dark green to yellowish green as

the thickness increased from a few tens of microme-

ters to 100 �m, while the samples became pale yellow

to deep yellow after annealing at 600 °C. The color

change with increasing nanotube length is due to the

increased absorption of the weakly absorbed wave-

lengths as the light traverses across a greater path

length. X-ray photoelectron spectroscopy (XPS) data

were collected from the backside of the nanotube ar-

ray membranes to avoid errors associated with deter-

mining elemental concentrations from a porous sur-

face.125 The XPS determined nitrogen concentrations

were 0.75 atom percent (atom %) for 460 °C annealed

samples and 0.4 atom % for 600 °C annealed samples.

Photocatalytic experiments were performed with 2

cm � 2 cm size samples in specially designed reaction

chambers (see Figure 8), fitted with gas inlet and outlet

valves, a septum attached port for gas sampling, and a

quartz window for admitting solar radiation. These reac-

tion chambers were illuminated under outdoor sun-

Figure 4. Field emission scanning electron microscope
(FESEM) top and cross-sectional images of a mechanically
fractured TiO2 nanotube array sample.

Figure 5. High-resolution transmission electron microscope
(HRTEM) image showing nanoscale Pt islands on TiO2 nano-
tube walls.
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light, the intensity (power density) of which was mea-

sured at regular intervals using calibrated thermopile

detector; the corresponding solar spectra were also re-

corded using an optical spectrometer (model OSM

2-400DUV-U, Newport Corporation). Since the average

power density varied slightly day to day, the product

formation rate was normalized to a global AM 1.5 value

of 100 mW/cm2. Data were only recorded when the so-

lar power density varied between about 102 and 75

mW/cm2. After exposure to sunlight for a noted dura-

tion, the residual gas samples were collected from the

chambers and analyzed using a Shimadzu (GC-17A) gas

chromatograph equipped with flame ionization and

thermal conductivity detectors.

Figure 9 shows the hydrocarbon generation rates

for 600 °C annealed samples surface-decorated with

nanoparticles of Pt (labeled NT/Pt � 35 �m long) or Cu

(NT/Cu � 50 �m long). A hydrocarbon production rate

of approximately 104 ppm/cm2 · h (0.78 �L/cm2 · h or

31.9 nmol/cm2 · h) was obtained with the 600 °C an-

nealed copper-catalyzed sample. This rate of produc-

tion obtained under outdoor sunlight (�150 �L/g · h)

was at least 20 times higher than those previously ob-

tained although under laboratory conditions using UV

illumination.101,102,112,113 Experiments done with NT/Pt

samples of different nanotube length showed an in-

crease in hydrocarbon production rates up to a nano-

tube length of about 25 �m; no definite correlation be-

tween the reaction rates and nanotube length was

obtained for lengths between 25 and 70 �m, and be-

yond this nanotube length, generally a decrease in pro-

duction rate was observed. This behavior was attrib-

uted to the distribution of catalyst Pt nanoparticles
concentrated near the tube openings. It is believed
that superior rates of hydrocarbon production would
be achieved with a uniform distribution of nanoparti-
cles upon the nanotube surfaces.

As seen in Figure 9, an important difference be-
tween the NT/Pt and NT/Cu samples was the amount
of H2 and CO intermediates. With the NT/Pt samples, the
H2 generation rate exceeded the hydrocarbon rate,
whereas with the NT/Cu samples, this rate was com-
paratively low. The NT/Cu samples generated approxi-
mately five times more CO than the NT/Pt samples.
Considering all products, the total production rate us-
ing the NT/Pt samples was about 273 ppm/cm2 · h.

Since cocatalysts Pt and Cu influence product forma-
tion in different ways, with a view toward enhancing hy-
drocarbon production rates, the two cocatalysts were
deposited (by dc sputtering) on different regions of a
single 600 °C annealed 40 �m long nanotubes array
sample. A nanotube array sample with approximately
52% of the surface area decorated by Cu nanoparticles,
and the remaining surface area by Pt nanoparticles,
showed an enhanced hydrocarbon generation rate of
about 111 ppm/cm2 · h (�160 �L/g · h or 0.83 �L/
cm2 · h) with no measurable carbon monoxide genera-
tion, as shown in Figure 10a. This result suggested that
a homogeneous distribution of cocatalyst nanoparti-
cles over the entire nanotube array surface would sig-
nificantly improve hydrocarbon generation rates.
Therefore, we used a wet chemistry route to deposit
copper nanoparticles uniformly on the surface of a 600
°C annealed 50 �m long nitrogen-doped titania nano-
tube array film. The preliminary results (Figure 10b)
show a total hydrocarbon generation rate of about 227

Figure 6. (a) A 32 �m long as-prepared nanotube array sample; (b,c) 25 and 130 �m long nanotube array samples, respec-
tively, annealed at 460 °C; (d,e) 40 and 130 �m long, respectively, nanotube array samples annealed at 600 °C.

Figure 7. Absorbance spectra of NT array samples of differ-
ent tube lengths and annealing temperatures.

Figure 8. Digital photograph of reaction chambers used for photo-
catalytic CO2 reduction experiments kept under simulated sunlight.
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ppm/cm2 · h (�280 �L/g · h or 1.7 �L/cm2 · h) and a to-

tal product (hydrocarbons, hydrogen, and carbon mon-

oxide) formation rate of about 783 ppm/cm2 · h. Work

is underway to enhance the conversion rate further

with process optimization and a uniform distribution

of Pt and Cu nanoparticles on the nanotube surface.

Product selectivity can be tuned by choosing an ap-

propriate cocatalyst material. Figure 11 shows hydro-

carbon, carbon monoxide, and hydrogen generation

rates from a TiO2 nanotube array sample 35 �m long

and 600 °C annealed cocatalyzed with Pd nanoparticles

on the top surface (deposited by dc sputtering). Com-

pared to Cu or Pt cocatalyzed samples, the NT-Pd
samples yielded significantly higher rates of hydrogen
production.

Figure 12 is illustrative of how variation in a given
cocatalyst can alter the final reactant stream. Figure
12a shows, directly from the gas chromatograph, the re-
actant mixture obtained from photocatalytic reduction
of CO2 � water vapor using nitrogen-doped nanotube
arrays with the top surface sensitized with a thin layer of
sputter deposited Cu nanoparticles. FESEM studies
show the sputtered island-like Cu particles to be pla-
nar, with a spatial extent of approximately 20 nm. Fig-
ure 12b shows the reactant output with the nanotube
arrays sensitized by Cu nanoparticles by dipping in a
colloidal solution. We speculate that the difference in
the particle size and/or triple phase regions (photocata-
lyst, cocatalyst, reactant gas interface) created by the
colloidal Cu nanoparticles and sputtered Cu islands on
the nanotube surface is responsible for the variability in
the rate of formation of the various hydrocarbons. How-
ever, detailed mechanistic studies are required to ob-
tain in-depth knowledge on the selectivity for methane
formation in the case of Cu nanoparticle cocatalysts.

A nanotube array sample (area 3.9 cm2, 88 mW/cm2

average sunlight illumination for 3.5 h) without cocata-
lyst surface loading yielded a nominal hydrocarbon
concentration of 10.5 ppm, indicating that without an
appropriate cocatalyst titania cannot efficiently drive
the CO2 conversion reaction, a behavior that can be un-
derstood by analyzing the relative band-edge posi-
tions with respect to the reduction potential of CO2. A
recent study showed the flat band potentials of titania
nanotube arrays of lengths 0.5 and 1.0 �m are �0.49
and �0.32 V, respectively, at the isoelectric point of
anatase titania (pH � 5.8).146 These are close to the re-
duction potential of water, which is �0.34 V (vs NHE) at
this pH. However, the reduction potential of CO2 is
about 0.11 V more negative than that of water.104 There-
fore, titania cannot effectively reduce CO2 without hav-
ing a high electron degeneracy. Temperature-
programmed desorption studies conducted on hydro-
thermally prepared titania nanotubes by Yu and co-
workers indicated that the ability of the nanotubes to

Figure 10. (a) Hydrocarbon and H2 generation rates from 600
°C annealed nanotube array samples, �40 �m in length, sur-
face loaded with both Cu and Pt catalysts using dc sputtering.
Nearly 52% of the sample surface area was decorated with Pt
nanoparticles, the remaining with Cu nanoparticles. (b) Prod-
uct rates from a similar sample with nanotube length 50 �m
and a uniform distribution of copper nanoparticles deposited
using a wet chemistry route over the entire nanotube area.

Figure 9. Hydrocarbon, H2, and CO generation rates for 600
°C annealed nanotube array samples with Cu or Pt catalyst.
The Pt-decorated sample is �35 �m in length, and the Cu-
decorated samples are �50 �m in length.

Figure 11. Hydrocarbon, H2, and CO generation rates of Pd-
catalyzed nanotube array sample 35 �m long, 600 °C
annealed.
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adsorb CO2 was considerably enhanced by Pt nanopar-

ticle loading.147 In photocatalytic application of Pt nano-

particle loaded titania, it was hypothesized that the

photoexcited electrons were trapped by the Pt islands,

which then transferred them to surface species for re-

duction.148

We have made preliminary investigations into the

effect of multiple sun intensity on the product forma-

tion rate using a Class A solar simulator (Newport

91198A, Oriel Instruments, USA) able to provide up to

3.5 sun illumination. TiO2 nanotube array samples, �15

�m in length synthesized using an ethylene glycol elec-

trolyte,125 were used, cocatalyst sensitized (by dc sput-

tering) with Cu nanoparticles on half of the sample sur-

face, Pt nanoparticles on the other half. Figure 13a

shows the product formation rates of different alkane

components as a function of solar intensity. For the

same nanotube array sample, a methane formation rate

of 30 ppm/cm2 · h was obtained under 1 sun (nominal
sample temperature � 45 °C), with 160 ppm/cm2 · h
found for 3.5 sun illumination (nominal sample temper-
ature 80 °C). Corresponding values for hydrogen, car-
bon monoxide, and total hydrocarbon (alkane � olefin
� branched paraffin) yield are shown in Figure 13b. The
total hydrocarbon formation rate shows an increase
from 90 ppm/cm2 · h at 1 sun to about 450 ppm/cm2 · h
under 3.5 sun, a 5-fold increase in the hydrocarbon
yield.

Since increased solar intensity is accompanied by
an increase in temperature, we investigated the effect
of elevated temperature on the product formation rate
keeping the sample under 1 sun irradiation. Under 2
sun illumination, the sample temperature is 55 °C. Fig-
ure 13c shows the comparative product formation data
from a sample illuminated at 1 sun but heated to 55 °C
by use of a hot plate, and a sample under 2 sun illumi-
nation with a nominal temperature of 55 °C. With con-
stant temperature, the 2 sun illuminated sample saw a
50% increase in the product yield with a doubling of il-
lumination intensity. Our experiments in the dark and in
sun, but without a nanotube array sample, did not
yield any products within the detection limits of the
gas chromatograph. Further experiments are presently
underway to understand the effects of temperature and
the contributions of thermal (IR) and visible parts of
the solar radiation on the photocatalytic processes.

Photocatalytic Processes and Solar Light Conversion Efficiency. It
had been earlier shown that CO2 could be reduced to
CO and O2 using Pt/TiO2 catalysts.147 On the basis of this
observation, Varghese et al.125 hypothesized that a likely
process in the photocatalytic reduction of CO2 by Cu-
or Pt-catalyzed TiO2 NT samples could be the reaction

The oxidation�reduction reaction 8 could occur in sev-
eral elementary steps, for example, as in 8a�8d:

The CO formed in this way would react with atomic hy-

drogen to form hydrocarbon. On the basis of this, the

following mechanism for the conversion of CO2 into

methane was proposed:125

The free energy for overall methane formation

is about 801 kJ/mol, a process requiring 8 photons.

The role of the OH radicals and oxygen in the possible

back reactions remains unclear.

Water and carbon dioxide splitting processes take
place simultaneously on the photocatalyst/cocatalyst
surface, and thermodynamic requirements of these pro-
cesses put constraints on the band gap of the materi-
als used as photocatalysts. Hydrogen formation from
water involves a free energy change (�G0) of 237 kJ/
mol and an enthalpy change (�H0) of 285 kJ/mol; the
corresponding values for CO formation from CO2 are
257 and 283 kJ/mol at 25 °C (1 atm). Hence, the mini-
mum energy required for water and CO2 splitting pro-
cesses are, respectively, 1.229 and 1.33 eV (per photon).

Figure 12. Data illustrating how variation in a given cocatalyst can al-
ter the final reactant stream. (a) Reactant mixture obtained from pho-
tocatalytic reduction of CO2 � water vapor using nanotube arrays with
the top surface sensitized with a thin layer of sputter deposited pla-
nar Cu having a spatial extent of �20 nm. (b) Reactant output with the
nanotube arrays sensitized by Cu nanoparticles synthesized and de-
posited by a wet chemistry route.

CO2+2e-+2h+ f CO + 1/2O2 (11)

CO2+H++e- f HCO2(ads) (11a)

HCO2(ads)+H++e- f CO + H2O (11b)

2H2O + 2h+ f 2OH(ads)+2H+ (11c)

2OH(ads) f
1/2O2+H2O (11d)

H2O + h+ f OH•+H+ (12)

2CO2+4e-+4h+ f 2CO + O2 (13)

CO + 6e-+6H+ f CH4+H2O (14)

CO2+2H2O(g) f CH4+2O2 (15)
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In theory, the band gap of a photocatalyst used for co-
splitting of CO2 and water should be at least 1.33 eV,
which corresponds to absorption of solar photons of
wavelengths below about 930 nm. Considering the en-
ergy loss associated with entropy change (about 87
J/mol · K) and other losses involved in the CO2 splitting
process (forming CO and O2), a band gap between 2
and 2.4 eV is optimal.149,150 This limits the maximum at-
tainable efficiency to about 17%. However, to date ob-
tained efficiencies are much lower.

For example, consider the case of titania nanotube

photocatalysts sensitized with both Pt and Cu nanopar-

ticles that yielded about 111 ppm/cm2 · h hydrocar-

bons and 168 ppm/cm2 · h hydrogen (Figure 10a). The

solar conversion (photon to chemical energy) efficiency

	 can be calculated as 	 � total energy that can be ob-

tained from the products divided by the incident solar

energy. This relation may be given in terms of incident

power density (P) and rate of formation (Ri) in mol/s (per

unit area) of a component “i” in the products as

where LHV is the lower heating value of the compo-

nent i. Considering the energy output from only paraf-

fins and olefins (up to C6 chains) and hydrogen (energy

from olefin and branched paraffins were not taken

into account for the sake of simplicity) produced using

nanotubes sensitized with Pt and Cu the value of 	 ob-

tained is �0.015%. For nanotube arrays uniformly sen-

sitized with copper nanoparticles 	 increased to ap-

proximately 0.03% (Figure 10b) with a total product

generation rate of 783 ppm/cm2 · h. Contributions from

branched paraffins and longer chain hydrocarbons,

which we do not consider in the efficiency calculation,

should not substantially increase the efficiency value.

Although this efficiency is low, it appears to be consid-

erably better than the values other groups obtained us-

ing ultraviolet irradiation and is only an order of magni-

tude lower than what is generally obtained using

photosynthesis.114 Considering the nascent nature of

the field, we are optimistic that the conversion effi-

ciency can be increased several orders of magnitude.

It is evident form Figure 7 that the absorbance ex-

hibited by nanotubes for above band gap radiation is

excellent. Therefore, the low solar conversion efficiency

is not associated with light absorption but more likely

with the charge transfer kinetics. The quantum effi-

ciency can be calculated using the relation97

Here Mi is the molar concentration of component i, ni

is number of electrons taking part in the synthesis of

component i (for example, n � 8 in the case of meth-

ane as eight electrons take part in the methane forma-

tion reaction), and Pm is molar concentration of incident

photons.

For calculating quantum efficiency, a nanotube

sample supporting Cu and Pt nanoparticles was ex-

posed to 337 nm radiation (full width half-maximum

of the intensity � 10 nm) for 2 h and the product con-

centrations estimated using a Shimadzu GC2014 gas

chromatograph. Concentrations of only paraffins and

olefins (up to C6 compounds) were used for calculation.

A quantum efficiency of 0.74% was obtained. The quan-

tum efficiency and absorbance data indicate that

charge transfer should be enhanced and/or back reac-

Figure 13. Using TiO2 nanotube array samples, �15 �m in
length synthesized using an ethylene glycol electrolyte, co-
catalyst sensitized (by dc sputtering) with Cu nanoparticles
on half of the sample surface, Pt nanoparticles on the other
half: (a) product formation rates of different alkane compo-
nents as a function of solar intensity. (b) Corresponding val-
ues for hydrogen, carbon monoxide, and total hydrocarbon
(alkane � olefin � branched paraffin). (c) Comparative prod-
uct formation rate from a sample illuminated at 1 sun but
heated to 55 °C by use of a hot plate, and the same sample
under 2 sun illumination with a nominal temperature of
�55 °C.

η ) (ΣiLHViRi)/P

QE ) (ΣiMini)/Pm
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tions should be inhibited to achieve high solar to
chemical energy conversion efficiencies.

Figure 14 shows the approximate flat band posi-
tions of titania as well as the redox potentials for H2O
and CO2 splitting reactions at pH � 7 with respect to
NHE (normal hydrogen electrode) or vacuum. The TiO2

conduction band is lower than the CO/CO2 potential.
Hence spontaneous transfer of electrons from the tita-
nia conduction band to CO2 occurs only if there is a high
electron degeneracy, indicating that a catalyst able to
take photogenerated electrons from the titania conduc-
tion band is necessary. This has been confirmed by ex-
periments we conducted using titania nanotube arrays
without cocatalyst sensitization, which showed no de-
tectable hydrocarbons. Therefore, it is apparent that
both platinum and copper help charge carrier transfer
between titania and the reactant species.

While metallic cocatalysts are found to be most use-
ful for helping TiO2 in reduction of CO2, there exists the
possibility of using oxide photcatalysts with appropri-
ate band positions. For example, the CuO band gap var-
ies from 1.3 to 1.7 eV,151,152 with the flat band poten-
tials varying, as well; two CuO examples are included
in Figure 14, 1.35101 and 1.6 eV152 band gaps. The va-
lence band energies of CuO and Cu2O lie near the
CO2/O2 potential, indicating the likelihood of back reac-
tions. Consequently, the pairing of TiO2 with either
CuO or, ideally, Cu2O appears appropriate for direct
photocatalytic CO2 conversion. On the basis of the en-
ergy band diagram, Figure 15 indicates a possible
scheme for the use of photogenerated electron hole
pairs in a TiO2�CuO system for photocatalysis.

With respect to nitrogen doping of the nanotube ar-
rays, it was found that the contribution from wave-
lengths above 400 nm to photocatalytic hydrocarbon
production was about 3% of the total. Lindgren et al.
observed that only 6 to 7 electrons are produced per
100 photons (internal quantum efficiency 6.8%) within
the maximum visible light absorption region (between
400 and 450 nm) in a 850 nm thick nitrogen-doped
nanocrystalline porous titania film.153 It appears that

the nitrogen doping creates trap states, such as Ti3�

within the TiO2 band gap,154,155 that in turn lead to un-
wanted charge recombination.156,157

Before concluding, we would like to make a com-
ment on an article published recently by Wang et al.158

The authors used CdSe quantum dot (QD) loaded on
platinum impregnated titania nanoparticles (CdSe/Pt/
TiO2) for visible light activated (�420 nm filtered light
from a Xe arc lamp) CO2 reduction and obtained 48
ppm · g�1 · h�1 (0.6 �mol · g�1 · h�1) methane and traces
of methanol, CO, and H2. While this conversion rate is
about 10% of the hydrocarbon generation rate ob-
tained in the case of nitrogen-doped titania nanotubes
under direct sunlight,123 there is a serious issue associ-
ated with the process explained in the article. Titania
nanoparticles do not absorb the wavelengths (�420
nm) used for the experiment and in that case no photo-
catalytic activity from TiO2 could be expected. Although
QDs absorb visible light, it cannot oxidize water due to
the unfavorable band positioning as shown in Figure 1
of the article (further, this figure is incorrect as pH value
and positions of bands do not match). Furthermore,
the QDs degraded after 6 h of light exposure. These
facts raise doubts as to whether the products observed
were really from a visible light photocatalytic process.
We suggest that it is necessary to verify the thermody-
namic feasibility of a photocatalytic process prior to the
use of exotic materials for the purpose.

CONCLUSIONS
Renewable energy sources offer several benefits, in-

cluding a basis for a sustainable society, a cleaner and
healthier environment, and an energy source for which
one does not need to export significant amounts of
capitol. A key drawback of solar energy is that it is inter-
mittent; hence a means is required for energy storage.
The ideal way of storing solar energy is to convert it into
a fuel, ideally one that is energy dense, readily trans-
portable, and relatively safe to use. To that end, we con-

Figure 14. Band-edge positions of CuO, Cu2O, and anatase
TiO2 in contact with water vapor and CO2.

Figure 15. Possible reaction pathways for the photogener-
ated electron�hole pairs in a TiO2�CuO system.
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sider herein a means for using sunlight to convert CO2

and water vapor into hydrocarbon fuels that are com-

patible with the current energy infrastructure. Ideally,

such solar energy powered photocatalytic materials,

used on a closed-loop basis as depicted in Figure 1, can

be used to recycle CO2 from a climate altering waste

product into a fuel.

While encouraging progress has been achieved to-

ward photocatalytic conversion of CO2 using sunlight,

further effort is required for increasing sunlight-to-fuel

photoconversion efficiencies. Immediate research op-

portunities include uniform cocatalyst sensitization of

the entire nanotube array surface for enhanced conver-

sion rates, and the design of cocatalysts to improve

and control the product selectivity. Highly efficient pho-

tocatalytic materials will enable the use of flow-through

photocatalytic membranes, wherein CO2 and water va-

por would enter one side of the nanotube array mem-

brane with a fuel exiting from the other (see Figure 16).

Paulose et al. have reported fabrication of free-standing,

mechanically robust, TiO2 nanotube array membranes

of uniform pore size with thicknesses ranging from 4.4

�m to 1 mm;91 work is currently underway to explore

such membranes for photocatalytic reduction of CO2.
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