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ABSTRACT OF THE THESIS 

 

Study of the Thermochemistry for Oxygen Production for a Solar Sulfur-Ammonia 
Water-Splitting Process 

 
 
 

by 
 
 
 

Mimi Kai Wai Wang 
 
 

Master of Science in Chemical Engineering 
 

University of California, San Diego, 2012 
 

Professor Jan Talbot, Chair 
 
 
 

 The purpose of this study was to investigate the oxygen sub-cycle of a solar-

thermochemical water-splitting cycle for hydrogen production.  The study focuses on the 

thermal decomposition of molten salts in a sulfur-ammonia cycle, which evolves 

ammonia and SO3 in two reactors.  The molten salts proposed are a mixture of (NH4)2SO4, 

K2SO4, K2S2O7, Na2SO4, and Na2S2O7.  For this cycle to work, the salts must remain 

liquid with low viscosity for pumping, and ammonia and SO3 must be released separately.  
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Therefore, melting temperatures and the viscosity of various salt mixtures were measured.  

Thermogravimetric, differential thermal (TG/DTA), residual gas (RGA), and chemical 

analyses were employed to study the salt decomposition. 

The mixtures of K2SO4+4K2S2O7+Na2SO4+ 4Na2S2O7 and 

K2SO4+9K2S2O7+Na2SO4+ 9Na2S2O7 with melting temperatures 343±11°C and 

332±7.8°C, respectively, would be appropriate for the streams between the reactors.  The 

TG/DTA showed that (NH4)2SO4+2K2SO4+8K2S2O7 decomposition resulted in separate 

ammonia (269°C) and SO3 release (373°C).  The RGA data for 

(NH4)2SO4+K2SO4+4K2S2O7+Na2SO4+4Na2S2O7 decomposition suggested that 25°C 

separated the end of ammonia (475°C) and the start of SO3 release (500°C).  This was 

confirmed by monitoring the pH of a solution through which the evolved gas was 

bubbled.  The mass balance experiment showed that, when held at 475°C for 60 minutes, 

21% of the ammonia expected to be evolved was released.  The addition of 10g of water 

to 2g of salt mixtures resulted in 58% of the ammonia expected being released.  The 

viscosity of K2SO4+4K2S2O7+Na2SO4+4Na2S2O7 and 

K2SO4+9K2S2O7+Na2SO4+9Na2S2O7 ranged from 2.6cP to 9.3cP between 393°C and 

510°C, which means that they could be pumped. 
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1. Introduction 

 With the current economic, political, and environmental climate surrounding the 

usage of fossil fuels, there is a pressing need for green, sustainable energy.  Currently, the 

harnessing of solar energy is one of the more popular options.  The two most common 

ways of accomplishing this are solar photovoltaic and solar thermal.  Solar photovoltaic 

directly transforms light from the sun into electricity, while solar thermal utilizes heat 

from the sun.  Both have their own advantages and disadvantages.  Photovoltaic is better 

for smaller, stand alone systems while solar thermal makes more sense for larger, 

integrated systems [1].  The one of interest to this research is solar thermal. 

 Although there is an abundance of thermal energy from the sun, the problem is 

finding a way of storing heat as a readily usable form of energy.  One solution to this 

problem is to store this energy as hydrogen.  Using hydrogen as fuel serves as an 

attractive option for several reasons.  First, it is environmentally friendly, since the only 

byproduct of this hydrogen consumption process is water.  Secondly, it can be safely and 

easily integrated into existing fuel transport systems [2].  Also, unlike fossil fuels, it can 

be manufactured [3], which is politically favorable.  Because of its many benefits, the 

“hydrogen economy” has received considerable attention.  The US Department of Energy 

(DOE) has set a goal of producing 10 quads (1 quad = 1015 Btu) of hydrogen per year for 

transportation usage from renewable sources in the years 2030 to 2050 [4].  The DOE has 

also set a plan of reducing the cost of hydrogen to $3.00 per gge (gallon of gasoline 

equivalent) by 2017 [5].  Unfortunately, fossil fuel is currently responsible for 86% of the 
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hydrogen produced [6], so the challenge is finding an alternative and sustainable method 

of producing hydrogen. 

A viable method for producing hydrogen is splitting water, which entails the 

following reaction: 

 2 H2O ! 2 H2 + O2. (1.1) 

A direct way of carrying out the reaction in Eq. (1.1) is the thermolysis of water, which 

involves heating water until it decomposes into hydrogen and oxygen [7].  There are 

several disadvantages to this process, some of which are temperatures exceeding 2227°C, 

an energy intensive process to separate hydrogen and oxygen, and the need for expensive 

materials that can withstand the high temperature without degrading.  Moreover, 

separation needs to occur at a high temperature, because hydrogen and oxygen tend to 

either recombine or form an explosive mixture at low or moderate temperatures [6]. 

 An alternative method is a thermochemical cycle.  There are hundreds of 

thermochemical water-splitting cycles, but only a few are viewed as economical or 

technically feasible [8, 9].  One common group is the oxide cycles, which usually 

requires very high temperatures [10].  One such cycle is the Zn/ZnO cycle.  The two-step 

Zn/ZnO thermochemical cycle has been studied extensively [11].  Although this rids the 

need for hydrogen and oxygen separation by having different release steps, the 

temperature required for the first step is still comparable to the one for thermolysis.  Also, 

Zn and O2 have a tendency to recombine as they cool, leading to either low H2 yield or a 

need for Zn and O2 separation [6]. 

 To combat these issues, multi-step cycles involving other chemicals have been 

introduced.  One such cycle is the sulfur-iodine (S-I) cycle, which is a three-step cycle 
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that does not involve temperatures exceeding 870°C [12].  This cycle was initially 

developed to utilize excess heat from nuclear reactors to produce hydrogen [6].  The first 

step combines H2O, I2, and SO2 to form H2SO4 and HI.  They are decomposed separately 

to form two mixtures: one of H2O, SO2, and O2, and the other of I2, and H2, respectively 

[12].  Though this cycle operates at a lower temperature than the metal oxide cycle, it still 

needs energy intensive separation processes to avoid contamination and unwanted 

byproducts since both S and I are very reactive [6].  A more in-depth discussion of other 

thermochemical cycles can be found in the first section of the next chapter. 

 The purpose of this research is to study and improve a new solar-thermal cycle: a 

sulfur-ammonia (SA) cycle.  The SA cycle is a modified version of the Westinghouse 

cycle, which uses both a thermochemical and an electrochemical step [13].  The cycle 

contains a hydrogen producing sub-cycle and an oxygen producing sub-cycle.  To avoid 

similar issues burdening the previously mentioned processes, this cycle should require 

low temperatures, use no solids phases, and bypass the need for costly gas separations.  

This research studies the thermochemistry of the molten salts of the SA cycle to produce 

oxygen. 

 The next chapter provides specific background information on thermochemical 

cycles, the SA cycle, and molten sulfate salts properties.  Chapter 3 describes the 

experimental apparatuses and procedures for this research.  The experimental results are 

presented and discussed in Chapter 4.  Finally, conclusions and recommendations for 

future work are made in Chapter 5. 
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 2. Background 

 This study is part of a Department of Energy (DOE) funded project started in 

2007 with Science Applications International Corporation (SAIC) to use concentrated 

solar thermal energy to power a cost effective water splitting cycle for hydrogen 

production.  The thermochemical cycle (Figure 2.1) utilizes a sulfur-ammonia (SA) 

process, and it consists of two parts: a hydrogen producing half-cycle and an oxygen 

producing half-cycle.  The purpose of this investigation is to study the oxygen producing 

half-cycle. 

 

 
Figure 2.1:  Schematic of a Sulfur-Ammonia Thermochemical Cycle 
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2.1 Thermochemical Cycles 

 There are more than 800 published water-splitting thermochemical cycles 

(WSTC), but only a few are economically or technologically feasible [1,2].  These cycles 

use two or more steps to split water, producing hydrogen and oxygen gases (net reaction 

in Eq. (1.1)).  Advantages over the one-step thermolysis include generally lower 

temperatures, different hydrogen and oxygen releasing stages, and the lack of high 

temperature separations [3].  However, there are also several disadvantages, such as more 

process steps with lower efficiency and possible requirement of several separation stages.  

Also, in order for the cycle to be sustainable, the chemicals involved, with the exception 

of water, hydrogen, and oxygen, must be recycled in the process [3]. 

 The metal-oxide cycle has been extensively researched [4].  It generally includes 

the following H2 and O2 releasing steps: 

 MxOy ! MxOy-1 + ! O2, (2.1) 

 MxOy-1 + H2O ! MxOy + H2, (2.2) 

where M represents a metal element.  Eq. (2.1) is an endothermic reduction reaction, 

while Eq. (2.2) is an exothermic hydrolysis reaction.  Table 2.1 summarizes several 

metal-oxide cycles. 

 The maximum temperatures of the metal-oxide cycles are listed in Table 2.1.  The 

Mo/Mo2, Si/SiO2, and W/WO3 cycles require very high temperatures, which well exceed 

the temperatures required for direct thermolysis.  Although the temperature required for 

Hg/HgO cycle is low, Hg is extremely toxic and very detrimental to the environment.  

The CoO/Co3O4 and MnO/Mn3O4 cycles also have low temperatures, but the amount of 

hydrogen produced from both cycles is very insignificant.  The FeO/Fe3O4 and Zn/ZnO 
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cycles are two feasible and experimentally confirmed cycles [3].  These cycles are 

economically favorable, because the components involved are inexpensive.  However, 

the maximum temperatures of the cycles are still comparable to that of direct thermolysis.  

Also, zinc and oxygen tend to recombine upon cooling, leading to either low hydrogen 

yield or a need for high temperature zinc and oxygen separation. 

Table 2.1: Metal-Oxide Cycles  
 Cycles Max. Temp. Reference 
Hg/HgO HgO ! Hg + ! O2 

Hg + H2O ! HgO + H2 
600°C [2] 

CoO/Co3O4 2 Co3O4 ! 6 CoO + O2 
3 CoO + H2O ! Co3O4 + H2 

902°C [5] 

MnO/Mn3O4 2 Mn3O4 ! 6 MnO + O2 
3 MnO + H2O ! Mn3O4 + H2 

1537°C [5] 

Zn/ZnO ZnO ! Zn + ! O2 
Zn + H2O ! ZnO + H2 

2027°C [6] 

FeO/Fe3O4 Fe3O4 ! 3 FeO + ! O2 
3 FeO + H2O ! Fe3O4 + H2 

>2227°C [5] 

SiO/SiO2 SiO2 ! SiO + ! O2 
SiO + H2O ! SiO2 + H2 

2977°C [2] 

Mo/MoO2 MoO2 ! Mo + O2 
Mo + 2 H2O ! MoO2 + 2 H2 

3713°C [2] 

W/WO3 W + 3 H2O ! WO3 + 3 H2 
WO3 ! W + 3/2 O2 

3910°C [2] 

 

 The main problem burdening the metal-oxide cycles is high temperatures.  To 

overcome these issues, low temperature cycles, some of which are listed in Table 2.2, 

were developed.  Lower temperatures translate to lower material and maintenance costs.  

The Cu-Cl cycle is a hybrid cycle that employs one electrolytic step and two 

thermochemical steps that do not require temperatures exceeding 500°C.  Though it has 

been studied as early as 1976, it has only recently garnered attention as a promising 

hydrogen producing cycle powered by waste heat from nuclear reactors [7].  In addition 
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to the advantages that come with lower temperatures, it is also more efficient than 

conventional electrolysis [10].  However, the handling of solid copper presents a reactor 

design challenge.  Ongoing, collaborative research to better understand the cycle is being 

conducted and supported by several organizations in both Canada and the United States 

[8].  Developed in the 1970s by General Atomics (GA), the S-I cycle uses three 

thermochemical steps with temperatures no greater than 870°C and, like the Cu-Cl cycle, 

was developed to utilize waste heat from nuclear reactors [3, 12].  The main 

disadvantages are the need for an energy intensive separation process to avoid 

contamination and unwanted byproducts and the need for materials that can withstand the 

corrosive nature of the chemicals involved [3].  Research and development of this cycle 

was discontinued in 2009 [9].  The Westinghouse cycle will be discussed in the 

beginning of the next section.  These cycles have the potential to play an important role 

in the hydrogen economy, but more research is needed before they can be used 

commercially. 

Table 2.2: Low Temperature Cycles 
 Cycles Max. Temp. Reference 
Cu-Cl 2 Cu + 2 HCl ! 2 CuCl + H2 

2 CuCl ! CuCl2 + Cu 
2 CuCl + H2O ! CuO"CuCl2 + 2 HCl 

500°C [10] 

Westinghouse 2 H2O + SO2 ! H2 + H2SO4 
H2SO4 ! SO2 + H2O + ! O2 

727°C [11] 

S-I 2 H2O + SO2 + x I2 ! H2SO4 + 2HIx 
2 HIx ! x I2 + H2 
H2SO4 ! H2O + SO4 + ! O2 

870°C [12] 

 

2.2 Sulfur-Ammonia Cycle 

 The SA cycle is a modified version of the well-known Westinghouse cycle, also 

known as the hybrid sulfur cycle [13].  First developed by Westinghouse Electric 
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Corporation in 1973, it is a two-step water splitting cycle that employs both a 

thermochemical and an electrochemical step, which are 

 H2SO4 ! H2O + ! O2 + SO2, (Thermochemical) (2.3) 

 2 H2O + SO2 ! H2 + H2SO4, (Electrochemical) (2.4) 

respectively [14].  The reaction in Eq. (2.3) produces oxygen at temperatures above 

727°C., and the reaction in Eq. (2.4) produces hydrogen at 0.17 volts per mole, which is 

much lower than the theoretical 1.23 volts required for direct electrolysis [11].  First, 

sulfuric acid is vaporized, and the gaseous acid is decomposed into water and sulfur 

trioxide, which further decomposes into oxygen and sulfur dioxide at temperatures above 

727°C.  The gas stream is then cooled to condense water, and the remaining oxygen and 

sulfur dioxide are separated.  The sulfur dioxide gas is then fed into an electrolyzer with 

liquid water to produce hydrogen and sulfuric acid, which are then recycled back to the 

vaporizer [15].  Some of the advantages of this cycle are that it uses inexpensive 

chemicals, all liquid or gas components, and the H2 produced is very pure.  However, this 

cycle is hampered by low sulfur dioxide solubility in water and problems presented by 

the acidic nature of the cycle [13]. 

 To deal with these issues, the Florida Solar Energy Center (FSEC) developed a 

multi-step cycle known as the Sulfur-Ammonia or SA cycle [13].  This cycle involves a 

hydrogen producing sub-cycle and an oxygen producing sub-cycle, as follows: 

 SO2 (g) + 2 NH3 (g) + H2O (l) ! (NH4)2SO3 (aq), (2.5) 

  (Chemical absorption, 25°C) 

 (NH4)2SO3 (aq) + H2O (l) ! (NH4)2SO4 (aq) + H2 (g), (2.6) 

  (Photochemical, 77°C) 



11 

 

 (NH4)2SO4 (aq) ! 2 NH3 (g) + H2SO4 (g), (2.7) 

  (Thermochemical, 252°C) 

 H2SO4 (l) ! SO2 (g) + H2O (g) + ! O2 (g). (2.8) 

  (Thermochemical, 852°C) 

In Eq. (2.5), sulfur dioxide and ammonia gas are chemically absorbed in water.  Then, in 

Eq. (2.6), the sulfite ions in the ammonium sulfite are oxidized into sulfate ions while 

water is reduced into hydrogen gas through a photochemical reaction.  Hydrogen gas and 

ammonium sulfate solution are separated via a gas-liquid separator.  In Eq. (2.7), the 

ammonium sulfate solution is thermally decomposed into ammonia and sulfuric acid and 

separated in an ammonia recovery unit.  In Eq. (2.8), sulfuric acid is decomposed into 

sulfur dioxide, water, and oxygen.  They are mixed with ammonia and chemically 

absorbed in water to regenerate ammonium sulfite.  Oxygen is separated through its low 

solubility in water. 

 Because oxygen production involves the decomposition of sulfuric acid, the cycle 

requires expensive materials, such as silicon carbide, that can withstand the highly 

corrosive nature of sulfuric acid.  To bypass this, FSEC modified the cycle by replacing 

Eq. (2.7) and (2.8) with a zinc sulfate/zinc oxide sub-cycle for oxygen production [16], 

which is as follows, 

 (NH4)2SO4 (aq) + ZnO (s) ! 2 NH3 (g) + ZnSO4 (s) + H2O (g), (2.9) 

  (Thermochemical, 452°C) 

 2 ZnSO4 (s) ! 2 SO2 (g) + 2 ZnO (s) + O2 (g). (2.10) 

  (Thermochemical, 902°C) 

In Eq. (2.9), ammonium sulfate is reacted with zinc oxide to form ammonia, zinc sulfate, 

and water.  Then, in Eq. (2.10), the zinc sulfate is thermally decomposed to sulfur dioxide, 



12 

 

zinc oxide, and oxygen.  The zinc oxide is fed back to react as in Eq. (2.9) while oxygen 

is separated and sulfur dioxide is mixed with ammonia and chemically absorbed in water 

to regenerate ammonium sulfite.  These steps have been tested in a laboratory setting [16]. 

One of the main concerns with the zinc sulfate/zinc oxide sub-cycle is the 

handling and transport of solids between reactors.  Therefore, the oxygen sub-cycle was 

then changed to rid the process of solid materials to an all-fluid system by replacing Eq. 

(2.9) and (2.10) with the following: 

 (NH4)2SO4 (aq) + K2SO4 (l) ! K2S2O7 (l) + 2NH3 (g) + H2O (g), (2.11) 

  (Thermochemical, 352°C) 

 K2S2O7 (l) ! K2SO4 (l) + SO3 (g),  (2.12) 

  (Thermochemical, 552°C) 

 2 SO3 (g) ! 2 SO2 (g) + O2 (g).  (2.13) 

  (Thermochemical, 852°C) 

The photochemical reaction in Eq. (2.6) was replaced with an electrolytic step in order to 

increase overall process efficiency and lower cost.  The full cycle is depicted in Figure 

2.1, and the oxygen sub-cycle (Eq. (2.11) – Eq. (2.13)) is depicted in Figure 2.2.  In Eq. 

(2.11), ammonium sulfate and potassium sulfate are reacted in a low temperature reactor 

to produce potassium pyrosulfate, ammonia, and water.  The gaseous ammonia and water 

are separated out.  In Eq. (2.12), the potassium pyrosulfate is fed into a mid-temperature 

reactor and decomposed to potassium sulfate and sulfur trioxide.  The potassium sulfate 

is fed back into the low temperature reactor as in Eq. (2.11).  In Eq. (2.13), the sulfur 

trioxide is thermally and catalytically decomposed into sulfur dioxide and oxygen. 

The all-liquid system makes storing and transporting reactants and products easier 

[17].  Although this cycle has been evaluated analytically and modeled in AspenTM, it has 
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not been tested experimentally.  The purpose of this research is to experimentally validate 

this oxygen sub-cycle.  The decomposition of sulfur trioxide in Eq. (2.13) has been well-

studied and reactors have been designed and tested [18, 19], so it is excluded from this 

study. 

 

 
Figure 2.2: Schematic of the Oxygen Sub-Cycle 

 

In order for this process to work, the thermochemistry of Eq. (2.11) and (2.12) 

must be investigated.  The temperatures at which ammonia and sulfur trioxide are 

released from the decomposition of the molten salts must be measured.  This has been 

done through thermogravimetric and gas analysis of various salt mixtures.  Also, the 

temperature ranges at which the salts are molten were studied. 

 

2.3 Molten Sulfate Salt Chemistry and Properties 

 The various usage of sulfate salts ranges from magnesium sulfates for therapeutic 

baths to zinc sulfates as nutritional supplements.  The sulfate salts involved with this 

research are ammonium sulfate, potassium sulfate, potassium pyrosulfate, sodium sulfate, 
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and sodium pyrosulfate.  For the purpose of this research, it is important to understand 

their chemical properties and the mechanism of their thermal decomposition. 

Ammonium sulfate thermally decomposes into ammonia and sulfuric acid by the 

following steps [20]: 

 (NH4)2SO4 ! NH4HSO4 + NH3, (230 – 350°C) (2.14) 

 NH4HSO4 ! NH3 + H2SO4. (350 – 450°C) (2.15) 

Ammonium sulfate starts to decompose into ammonium bisulfate and ammonia at 230°C 

before its melting point at 280°C.  Ammonium bisulfate has a melting point of 147°C and 

starts to decompose into ammonia and sulfuric acid at 350°C.  Potassium sulfate has a 

melting point of 1067°C [21], and sodium sulfate has a melting point of 888°C [22].  

Both of these sulfates have decomposition temperatures greater than their melting points.  

Potassium pyrosulfate has a melting point of 419°C and decomposes into potassium 

sulfate, sulfur dioxide, and oxygen by the following steps [23, 24]: 

 K2S2O7 ! K2SO5 + SO2, (400 – 650°C) (2.16) 

 K2SO5 ! K2SO4 + ! O2. (650 – 840°C) (2.17) 

Sodium pyrosulfate has a melting point of 401°C and decomposes into sodium sulfate 

and sulfur trioxide in the following step [23, 24]: 

 Na2S2O7 ! Na2SO4 + SO3. (330 – 820°C) (2.18) 

 Janz et al. [25] lists density data for both potassium sulfate between 1077°C and 

1137°C and sodium sulfate between 907°C and 1077°C.  Hatem et al. experimentally 

measured the density of potassium pyrosulfate between 417°C and 474°C [26] and 

sodium pyrosulfate between 405°C and 466°C [27].  The densites of the four sulfate salts 

from these sources are plotted in Figure 2.3 as a function of temperature.  The densities of 
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these salts range from 1.839 to 2.099 g/cm3 and decline with increasing temperature.  The 

potassium salts are less dense than their sodium counterparts. 

 
Figure 2.3: Experimental density data for molten K2SO4 [25], Na2SO4 [25], 

K2S2O7 [26], and Na2S2O7 [27] as a function of temperature 
 

 Unfortunately, there are limited viscosity data for the molten sulfate salts.  Janz et 

al. [25] lists viscosity data for sodium sulfate between 967°C and 1187°C (as plotted in 

Figure 2.4).  Viscosity data for molten potassium sulfate, potassium pyrosulfate, and 

sodium pyrosulfate are unavailable. 

 Lindberg et al. [24] conducted extensive thermodynamic studies and created 

phase diagrams for the Na2SO4 + Na2S2O7, K2SO4 + K2S2O7, Na2SO4 + K2SO4, and 

Na2S2O7 + K2S2O7 systems via both experimental data and mathematical modeling.  
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Figure 2.5 are phase diagrams of the binary systems taken from Lindberg et al.’s paper 

[24].  The points are experimental data while the lines are the model results. 

 
Figure 2.4: Experimental viscosity data for molten Na2SO4 [25] as a function of 

temperature 
 

 The phase diagrams of the Na2SO4 + Na2S2O7 and K2SO4 + K2S2O7 binary 

systems display similar behaviors and show that the sodium binary system has lower 

melting points than the potassium binary system.  They also show that the addition of 

pyrosulfates lowers the melting point of pure sulfates.  For the sodium binary system, the 

melting point is lowest at 395°C  (668 K) with a mole fraction of 0.089 Na2SO4.  For the 

potassium binary system, the melting point is lowest at 406°C (679 K) with a mole 

fraction of 0.066 K2SO4.  The phase diagram for the Na2SO4 + K2SO4 system shows that 
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the melting point is lowest at approximately 827°C (1100 K) with a mole fraction of 0.75 

Na2SO4.  The phase diagram for Na2S2O7 + K2S2O7 system shows that the melting point 

is lowest at approximately 352°C (625 K) with mole fractions around 0.4 Na2S2O7 and 

0.6 Na2S2O7. 

 

 

 
Figure 2.5: Calculated phase diagrams with experimental data of Na2SO4 + 

Na2S2O7 (top left), K2SO4 + K2S2O7 (top right), Na2SO4 + K2SO4 
(bottom left), and Na2S2O7 + K2S2O7 (bottom right) systems at 0.1 
MPa total pressure taken from Lindberg et al. [24] 
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3. Experimental Procedures 

3.1 Materials 

 The sulfate salts used in this study along with CAS numbers and vendors are 

listed in Table 3.1.  Sodium pyrosulfate (Na2S2O7) was prepared by heating sodium 

hydrogen sulfate in a quartz crucible to 500°C in air and holding for 30 minutes in an 

oven by the following reaction: 

 2 NaHSO4 ! H2O + Na2S2O7. (500°C) (3.1) 

Then, the reaction product powder was cooled to room temperature and grounded with a 

porcelain mortar and pestle.  The product weighed 90.8wt% of the reactant, but it should 

ideally weigh 92.5wt% of the reactant.  The extra 2.5wt% loss in weight is most likely 

explained by the loss of sulfur trioxide by the following reaction: 

 Na2S2O7 ! SO3 + Na2SO4.  (3.2) 

This indicates that there are likely small traces (~3.3wt%) of sodium sulfate in the 

sodium pyrosuflate. 

 Salt mixtures were prepared by weighing each component separately and 

mixing them together with a spatula.  The salt mixtures that were studied are listed in 

Table 3.2. 

Table 3.1: Sulfate Salt Information 
Name Chemical Formula Vendor CAS No. 
Ammonia Sulfate (NH4)2SO4 J.T. Baker 7783-20-2 
Potassium Sulfate, 
Powder, GR 

K2SO4 EMD Chemicals Inc. 7778-80-5 

Potassium Disulfate K2S2O7 Sigma-Aldrich 7790-62-7 
Sodium Hydrogen Sulfate, 
Anhydrous, 90+% 

NaHSO4 Alfa Aesar 7681-38-1 

Sodium Sulfate, 
Anhydrous, Powder, GR 

Na2SO4 EMD Chemicals Inc. 7757-82-6 
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Table 3.2: Molar Ratio of Salt Mixtures Studied 
K2S2O7 + Na2S2O7 
K2SO4 + 4 K2S2O7 
Na2SO4 + 4 Na2S2O7 
K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 
K2SO4 + 9 K2S2O7 + Na2SO4 + 9 Na2S2O7 
(NH4)2SO4 + 2 Na2SO4 + 8 Na2S2O7 
(NH4)2SO4 + 2 K2SO4 + 8 K2S2O7 
(NH4)2SO4 + K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 

 
3.2 Melting Tests 

 In order to determine the temperature ranges that the sulfate salt mixtures were 

molten, a Linberg Blue M 1200°C tube furnace was turned on its side, and 10 g of sample 

in a quartz crucible with a volume of 30 mL from Alfa Aesar (Prod. No. 43498) was 

placed atop a 2 cm thick piece of ceramic inside the furnace as shown in Figure 3.1.  The 

samples were heated at 20°C/min and held at the desired temperature for 20 minutes.  

Then, the temperature was raised by 25°C at the same heating rate and held for 20 

minutes until the sample was completely melted.  The temperature was taken by putting a 

K-type thermocouple into the sample for 30 seconds and removing it. 
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Figure 3.1: Set-up for the melting tests with the quartz crucible inside atop a 

piece of ceramic (left) and photograph of K2S2O7 at room 
temperature (right) 

 

3.3 Thermogravimentric and Differential Thermal Analysis 

 In order to determine the decomposition temperatures and possible reaction paths, 

differential thermal (DTA) and thermogravimetric (TGA) analyses of salt samples were 

preformed simultaneously with a PerkinElmer PyrisTM Diamond DT/TGA.  Platinum 

pans and pan lids were used, because they could withstand high temperatures and the 

corrosive nature of the molten salts.  Prior to every run, samples were weighed in the 

pans and placed in a vacuum desiccator filled with calcium sulfate desiccant from 

Drierite for 24 hours.  To prepare the PyrisTM Diamond for measurements, an empty pan 

was placed on the reference arm and one on the sample arm of the TGA to tare the scale.  

Then, the empty pan in the sample arm was replaced with a pan filled with 5 to 12 mg of 

sample and covered with a platinum lid.  Pure argon was used as a purge gas at a flowrate 

of 15 mL/min.  Temperatures up to 1000°C at heating and cooling rates ranging from 
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5°C/min to 20°C/min were used.  The computer system for the instrument recorded the 

elapsed time, sample weight, sample temperature, oven temperature, and heat flow 15 

times per second. 

 A Stanford Research Systems UGA200 residual gas analysis, a mass spectrometer, 

was used for gas analysis of the gas evolved during the decomposition of the sulfate salts 

and salt mixtures.  The UGA200 utilized a turbo pump to draw samples at 80 

liters/second and ionized samples with 12 eV of ionization energy.  Because of the high 

vacuum environment, the RGA probe was prone to contaminations, especially water, 

adsorbing to its walls.  To deal with this issue, the system was baked out every two weeks 

at 110°C for 12 hours.  A six-foot long stainless steel capillary with an outer diameter of 

one-sixteenth inch and inner diameter of 175 µm from Stanford Research Systems was 

placed at the exit vent of the PyrisTM Diamond system.  The UGA200 measured gas 

partial pressure as a function of time.  It was set to record partial pressures of mass 

numbers 80 (SO3), 64 (SO2
2-), 48 (SO4-), 17 (NH3, OH1-), and 16 (NH1-, O2-) 

approximately 15 times per minute. 

 

3.4 Small Reactor Experiments 

 In order to investigate the decomposition reactions of larger quantities of various 

salt mixtures under equilibrium conditions, a 2 to 10 gram salt sample was placed in a 

custom-made quartz tube with a 1 inch diameter by 3 inch sample chamber with a 

thermocouple well as shown in Figure 3.2.  The tube was designed to fit inside a small 

Lindberg Blue M’s 1200 C tube furnace (Figure 3.3) where it was heated to the 

temperature of interest with a maximum of 1275 K at heating rates ranging from 1 to 
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20°C/min.  A K-type thermocouple connected to a MicroDAQ Ltd. Lascar Thermocouple 

USB Logger was placed in the thermocouple well to measure and record temperature and 

elapsed time at sixty times per minute.  The UGA200 used with the DT/TGA was also 

used to monitor the gas exiting the quartz tube in the same manner as described 

previously.  A six-foot PEEK plastic capillary with an outer diameter of one-sixteenth 

inch and an inner diameter of 175 µm from Stanford Research Systems was placed at the 

entrance of the tube to sample evolved gases.  The experimental set up of the furnace and 

UGA200 is shown in Figure 3.4. 

 In order to confirm the total release of ammonia, the small reactor set-up was also 

used for mass balance experiments in which the evolved ammonia could be quantitatively 

analyzed.  A 2 to 10 gram salt sample was placed in the same custom-made quartz tube 

shown in Figure 3.2.  A rubber stopper was tightly placed at the entrance of the quartz 

reactor tube.  As shown in Figure 3.5, the 20 mm long robber stopper was fitted with two 

stainless steel tubes: a 110 mm long tube 1.7 mm in diameter (tube A) and a 43 mm long 

tube 3.2 mm in diameter (tube B).  Tube A was connected by a 400 mm long peroxide-

cured silicone tube 6.8 mm in diameter to a flow meter attached to a lab air valve.  Tube 

B was connected by a 400 mm long peroxide-cured silicone tube 6.8 mm in diameter to a 

25 mL midget graduated glass bubbler with a fritted inlet tube from Wilmad-Labglass 

(Prod. No. LG-5890-100).  The bubbler was connected in series to an identical bubbler 

with a 60 mm long peroxide-cured silicone tubing 6.8 mm in diameter.  Each bubbler was 

filled with 15 to 20 mL of deionized (DI) water or tap water.  A K-type thermocouple 

connected to a thermocouple reader was placed in the thermocouple well of the quartz 

tube.  Lab air was pumped into the quartz tube via tube A at 27 mL/min as a purge gas.  
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The purge gas drove the evolved gas out via tube B, which was then bubbled through the 

two bubblers in series. 

 The sample in the quartz tube was heated by the tube furnace to temperatures 

ranging from 300°C to 500°C at 20°C/min and held for time ranging from 20 to 180 

minutes.  Then, the pH of the solutions was measured.  To determine the amount of 

ammonia that was present, the solution was titrated with a 0.1 M HCl solution.  The 

equivalence point of ammonia and HCl was experimentally determined to be at a pH of 

~5.  The sample remaining in the small reactor was dissolved in deionized water and 

analyzed for ammonia by a nutrient autoanalyzer, which employed a colorimetric 

technique. 

 

 
Figure 3.2: Schematic of custom-made quartz tube: A) entrance, B) chamber, 

C) thermocouple well 
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Figure 3.3: Custom quartz tube in the tube furnace with a thermocouple in the 

thermocouple well 
 

 
Figure 3.4: Tube furnace, UGA200, and computer set-up for the small reactor 

experiments  
 



28 

!

 
Figure 3.5: Schematic of a 110 mm long stainless steel tube 1.7 mm in diameter 

(tube A) and a 43 mm long stainless steel tube 3.2 mm in diameter 
(tube B) inserted through a 20 mm long rubber stopper 

 
3.5 Viscosity Measurements 

A falling sphere experimental set up was built to measure the viscosity of the salts.  

A 60 gram salt sample was placed into the bottom of a closed quartz tube (18 mm in 

diameter and 17 inches in length).  The Lindberg Blue M 1200°C tube furnace was 

turned on its side, and the tube was placed vertically in the furnace (Figure 3.6) where it 

was heated to the temperature of interest with a maximum of 550°C at a heating rate of 

20°C/min. The density of the fluid was determined by weighing 60 g of salt, placing it 

into a quartz tube, where it was melted in a furnace.  The height of the molten salt in the 

tube was measured and used to calculate the volume.  The density was taken to be the 

weighed mass divided by the measured volume at molten temperatures.  Glass spheres 

with a diameter of 3 mm and a density of 2496 kg/m3 were used for this experiment.  A 

glass stir rod was dipped into the molten salt mixture for approximately 10 seconds and 

taken out.  With a tweezer, a glass sphere was placed in the layer of molten salt at the end 

of the glass rod.  The molten salt cooled and bound the glass sphere to the rod.  Prior to 

proceeding with the experiment, a K-type thermocouple was inserted into the molten salt 

to measure the temperature for 30 seconds.  The glass rod with the attached sphere was 

20 mm

110 mm

13 mm9.5 mm

43 mm

A

B
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dipped back into the molten salt sample in the quartz tube, which melted the layer of 

molten salt around the sphere and, thus, released the sphere.  This was done three times 

per temperature.  A Canon PowerShot SD600 Digital Elph camera was set up with a 

tripod to record the experiment at 60 frames per second.  The videos were analyzed to 

measure time (~1 sec) the sphere fell a set distance (~5 cm), thus giving the velocity of 

the falling sphere. 
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Figure 3.6: Set-up for viscosity measurements with the tube furnace on its side 

and the quartz tube filled with salt inside 
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4. Results and Discussion 

4.1 Melting Temperature Measurements 

 As will be discussed in Section 4.2, the molten salt in the low temperature reactor 

shown in Figure 2.2 must have a mixture of 1 mole of ammonium sulfate, 2 moles of 

potassium sulfate, and 8 moles of potassium pyrosulfate to ensure that ammonia will be 

completely and separately released from SO3, which will be released in the mid-

temperature reactor, during thermal decomposition.  Therefore, a 1 to 4 molar ratio 

mixture of potassium sulfate to potassium pyrosulfate was assumed to be the mixture 

exiting the mid-temperature reactor and then recycled to the low-temperature reactor as 

shown in Figure 2.2.  This means that a 1 to 9 molar ratio of potassium sulfate to 

potassium pyrosulfate mixture would exit the low-temperature reactor and then recycle to 

the mid-temperature reactor.  For the process to be feasible, it is necessary that these 

streams remain liquid.  Therefore, the melting points of these mixtures were measured. 

 Table 4.1 lists the averaged melting temperature measurements with their 

standard deviations and the available published melting temperatures.  All salts and salt 

mixtures used were white, opaque powders at room temperature.  The temperature was 

measured when it was observed that the salts started to melt and to become translucent 

and when the salts completely melted and became completely translucent. 

 The measured melting point of Na2S2O7 of 395°C is 6°C lower than to the 

published melting point of 401°C [1].  The measured melting point of K2S2O7 of 418°C is 

1°C lower than the published melting point of 419°C [Error! Bookmark not defined.].  

The melting points of Na2SO4 + 4 Na2S2O7 and K2SO4 + 4 K2S2O7 were measured to be 
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393°C and 454°C, respectively.  The phase diagrams in Figure 2.5 show melting points of 

407°C for Na2SO4 + 4 Na2S2O7 and 477°C for K2SO4 + 4 K2S2O7, which are 14°C higher 

and 23°C higher than the measured melting points, respectively.  The melting points of 

K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 and K2SO4 + 9 K2S2O7 + Na2SO4 + 9 Na2S2O7 

were measured to be 373°C and 332°C, respectively.  There were no available published 

melting points for these two mixtures.  The difference between the measured and 

published melting points may stem from the temperature being raised in increments of 

25°C and a possible uneven temperature distribution of the salt sample.  Also, the 

samples were not dried prior to testing, and the presence of moisture would lower the 

melting points. 

 As shown in Table 4.1, the melting point of Na2SO4 + 4 Na2S2O7 is 2°C lower 

than pure Na2S2O7, and the melting point of K2SO4 + 4 K2S2O7 is 36°C higher than pure 

K2S2O7.  K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 has a melting point 81°C lower than 

K2SO4 + 4 K2S2O7 and 20°C lower than Na2SO4 + 4 Na2S2O7.  The sample of K2SO4 + 9 

K2S2O7 + Na2SO4 + 9 Na2S2O7 has a melting point 41°C lower than K2SO4 + 4 K2S2O7 + 

Na2SO4 + 4 Na2S2O7.  The combination of potassium sulfates and pyrosulfates with 

sodium sulfates and pyrosulfates resulted in a lower melting point.  Therefore, to lower 

the melting point of the salt mixture in the process, sodium sulfates and pyrosulfates 

should be added to the potassium sulfates and pyrosulfates. 

 In addition to measuring the melting points, a sample (10 g) of the K2SO4 + 4 

K2S2O7 + Na2SO4 + 4 Na2S2O7 salt mixture and a sample (10 g) of the K2SO4 + 9 K2S2O7 

+ Na2SO4 + 9 Na2S2O7 mixture were heated up to 525°C individually.  Higher 

temperatures could not be achieved with the experimental set-up.  Both salt mixtures 
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remained liquid between their melting points and up to 525°C.  This signifies that the 

molten salts would be liquid and able to be pumped up to a temperature of 525°C. 

 

Table 4.1: Salt Melting Temperature Measurements 
Salt Composition Starting to Melt 

Temperature 
Completely 
Melted 
Temperature 

Published 
Melting Point [1] 

Na2S2O7 331 ± 16°C 395 ± 7.9°C 401°C 
K2S2O7 375 ± 9.0°C  418 ± 4.2°C 419°C 
Na2SO4 + 4 Na2S2O7 293 ± 9.2°C 393 ± 11°C 407°C 
K2SO4 + 4 K2S2O7 370 ± 5.0°C 454 ± 7.5°C 477°C 
K2SO4 + 4 K2S2O7 +  
Na2SO4 + 4 Na2S2O7  

271 ± 20°C 373 ± 11°C  

K2SO4 + 9 K2S2O7 + 
Na2SO4 + 9 Na2S2O7 

268 ± 12°C 332 ± 7.8°C  

 

4.2 Thermogravimetric and Differential Thermal Analysis 

 Platinum pans were chosen for thermogravimetric analysis (TGA) and differential 

thermal analysis (DTA), because they can withstand both the corrosive nature of the 

molten salts and the high temperatures needed for their decomposition.  However, 

platinum is also a well-known catalyst for many reactions, and in particular, the 

decomposition of aqueous ammonium nitrate [2].  Therefore, to ensure that it was a 

suitable material for this study, TG/DTA data for the decomposition of (NH4)2SO4 in 

both a platinum and alumina pan were compared.  An alumina pan would not act as a 

catalyst, but there were concerns that it could be corroded by the molten salts in a high 

temperature environment, which would then cause damage to the TG/DTA instrument.  

Figures 4.1 and 4.2 show the TG/DTA data for (NH4)2SO4 heated from room temperature 

to ~700°C at 20°C/min in a platinum pan and an alumina pan, respectively.  Lids were 
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not used to cover the pans for these two experiments, because alumina lids could not be 

acquired.  The figures show both the weight percentage loss (TGA) and the heat flow 

(mW) with an endothermic reaction indicated by a positive value (DTA) as (NH4)2SO4 

decomposed with increasing temperature.  The first weight loss between 270°C and 

353°C for the sample in the platinum pan and between 257°C and 333°C for the sample 

in the alumina pan were 10 wt% and 11.8 wt%, respectively, corresponding to the 

reaction in Eq. (2.14), which would ideally give a 12.9 wt% loss.  The second weight loss 

between 353°C and 439°C for the sample in the platinum pan and between 333°C and 

445°C for the sample in the alumina pan were 88.2 wt% and 89.7 wt%, corresponding to 

the reaction in Eq. (2.15), which would ideally give a 87.1 wt% loss. 

The DTA data in Figures 4.1 and 4.2 show that the reactions are endothermic for 

both samples.  The endothermic peak for the first reaction occurs at 327°C for the sample 

in the platinum pan and at 321°C for the sample in the alumina pan.  The endothermic 

peak for the second reaction occurs at 430°C for the sample in the platinum pan and at 

442°C for the sample in the alumina pan.  Aside from having two extra endothermic 

peaks at 359°C and 363°C for the sample in the platinum pan, the data for the two 

samples are almost identical.  This shows that although the DTA results with platinum 

gave two extra endothermic peaks, it does not affect weight loss or the corresponding 

DTA peaks.  Platinum does not seem to act as a catalyst in the decomposition reaction; 

therefore, platinum pans were used in the remaining experiments. 

Residual gas analysis (RGA) data were taken concurrently with the TG/DTA data 

of (NH4)2SO4 decomposition in a platinum pan shown in Figure 4.1.  The UGA200 was 

set up to scan the partial pressure of all available mass numbers (1 to 200), and the mass 
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numbers that showed partial pressure change during the experiment were mass number 

16, 17, 18, 40, 48, and 64.  Figure 4.3 shows the partial pressures of mass numbers 16, 17, 

and 18 as a function of temperature.  Figure 4.4 shows the partial pressures of mass 

number 40, 48, and 64 as a function of temperature.  The steady increase in partial 

pressure for mass number 40 was caused by the argon purge gas used in the experiment.  

The change in partial pressure for mass number 18 was caused by the presence of water.  

The change in partial pressure for mass number 17 was caused by the presence of both 

OH- and ammonia.  The change in partial pressure for mass number 16 was caused by the 

presence of NH2
-.  The change in partial pressures for mass numbers 48 and 64 was 

caused by the presence of SO4- and SO2
2-, respectively.  No change in partial pressure for 

mass number 80 (SO3) was detected, because SO3 readily ionizes into SO2
2- and SO4- in 

the high-vacuum mass spectrometer [3].  This was confirmed by observing the thermal 

decomposition of CuSO4, a well-studied SO3-producing decomposition reaction [4].  

Figure 4.5 shows the partial pressures of mass number 48, 64, and 80 as a function of 

temperature for the decomposition of CuSO4 in a platinum pan heated at 20°C/min.  The 

partial pressures for mass number 48 and 64 exhibit similar behaviors while the partial 

pressure for mass number 80 did not change.  In order to easily compare the water, 

ammonia, and SO3 peaks for the decomposition of (NH4)2SO4, the partial pressures were 

normalized and plotted on the same figure as a function of temperature as shown in 

Figure 4.6, where mass number 18 was taken to indicate water, mass number 17 was 

taken to indicate ammonia, and mass number 64 was taken to indicate SO3.  The plot 

shows that the partial pressures peaks of ammonia and water at approximately 350°C, 

400°C, and 480°C.  It also shows a partial pressure for SO3 also peaked at about 480°C.  
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This confirms the occurrence of the two decomposition steps in Eq. (2.14) and (2.15) 

indicated by the TG/DTA data at 327°C and 430°C, respectively.  Also, it suggests that 

the first decomposition step indicated by the TG/DTA data could occur in two separate 

steps, but that both only involve the release of water and ammonia. 

 Because the heating rate may affect thermal reactions, its effect on the 

decomposition of (NH4)2SO4 was studied.  Figure 4.7 shows the TG/DTA data for 

(NH4)2SO4 in a platinum pan with a platinum lid heated from room temperature to 

~1000°C at a slower rate of 5°C/min, held for 5 minutes, and cooled to room temperature 

at 5°C/min.  A lid was used to achieve conditions closer to equilibrium between the salts 

and evolved gas.  Like the samples heated at 20°C/min in a platinum pan, two weight loss 

stages and four endothermic peaks were observed.  However, unlike the sample heated at 

20°C/min, the decomposition reactions occurred at lower temperatures.  The first weight 

loss started at 238 °C (32°C lower) and ended at 308°C (45°C lower).  The second weight 

loss started at 308°C (45°C lower) and ended at 395°C (44°C lower).  In addition to the 

decompositions occurring at lower temperatures, the slower heating rate decreased the 

temperature range where the first weight loss started and ended.  The first endothermic 

peak from the sample heated at 5°C/min occurred at 289°C, 38°C lower than that of the 

sample heated at 20°C/min.  The last endothermic peak from the sample heated at 

5°C/min occurs at 387°C, 43°C lower than that of the sample heated at 20°C/min.  The 

two intermediate peaks occurred at approximately the same temperatures as with the 

higher heating rate.  This indicates that a lower heating rate resulted in the reactions 

occurring at a slightly lower temperature and a slightly lower temperature range between 

the beginning and the end of weight loss.  However, the decomposition weight losses 
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were not affected with 10.3 wt% and 89.7 wt% weight losses for the two decomposition 

reactions, respectively.  This lower heating rate of 5°C/min and lids were used for the 

remaining experiments. 

 The effects of the addition of K2SO4 to the decomposition of (NH4)2SO4 as shown 

in the reactions in Eq. (2.11) and (2.12) were studied.  Figure 4.8 shows the TG/DTA 

data for (NH4)2SO4 + K2SO4 in a platinum pan with a platinum lid heated from room 

temperature to ~1000°C at 5°C/min.  For this salt mixture, (NH4)2SO4 accounts for 43.1 

wt% while K2SO4 accounts for 56.9 wt%.  Unlike the decomposition of (NH4)2SO4, the 

TGA data show three separate weight losses.  The first weight loss of 10.6 wt% started at 

237°C and ended at 306°C.  The second weight loss of 15.9 wt% started at 306°C and 

ended at 390°C.  The final weight loss of 19.6 wt% started at 390°C and ended at 507°C.  

A total of 46.1 wt% was lost overall in the reaction.  The first two weight losses occur at 

almost the same temperatures as the two weight losses for the decomposition of 

(NH4)2SO4, shown in Figure 4.7, from 238°C to 308°C and from 308°C to 395°C, 

respectively.  The DTA data reveal six endothermic peaks.  The first peak occurs at 

286°C and corresponds to the first weight loss.  The second peak occurs at 322°C, and 

the third peak occurs at 340°C, corresponding to the second weight loss.  The fourth peak 

occurs at 366°C, which is approximately the same temperature at which the two extra 

peaks occur from the two previous samples involving platinum pans in Figures 4.1 and 

4.7.  The fifth peak occurs at 477°C and corresponds to the final weight loss.  The final 

peak occurs at 577°C and signifies a solid phase change.  The following decompositions 

reactions would predict the following weight losses: 
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2 (NH4)2SO4 + 2 K2SO4 + ! 3 NH3 + H2O + NH4HSO4 + K2SO4 + K2S2O7, 
43.1% 56.9%  8.3% 2.9% 18.8% 28.4% 41.5% 

   (4.1) 

NH4HSO4 + K2SO4 + K2S2O7 ! NH3 + H2O + SO3 + K2SO4 + K2S2O7, 
18.8% 28.4% 41.5%  2.8% 2.9% 13.1% 28.4% 41.5% 

   (4.2) 

K2SO4 + K2S2O7 ! SO3 + 2 K2SO4. (4.3) 
28.4% 41.5%  13.1% 56.9%  

 

The bolded numbers represent the weight loss percentage from evolved gases.  Table 4.2 

lists the weight loss indicated from the TGA data and the weight loss predicted from Eq. 

(4.1)-(4.3).  This indicates that, with the addition of K2SO4, more ammonia is released in 

the first reaction in Eq. (4.1), and there is an additional reaction that involves the release 

of just SO3 in Eq. (4.3).  Unfortunately, the decomposition of this mixture does not 

provide the necessary separate NH3 and SO3 releasing steps. 

 

Table 4.2: Weight Loss from TGA Data and Weight Loss Predicted by Eq. (4.1)-
(4.3) for (NH4)2SO4 + K2SO4 

Weight Loss TGA Predicted 
1 10.6 wt% 11.2 wt% 
2 15.9 wt% 18.8 wt% 
3 19.6 wt% 13.1 wt% 

Total 46.1 wt% 43.1 wt% 
 

 A mixture of (NH4)2SO4 + 2 K2SO4 + 8 K2S2O7 was tested, as the higher ratio of 

K2SO4 to (NH4)2SO4 was expected to result in separate NH3 and SO3 releasing steps upon 

decomposition.  Also, according to phase diagram in Figure 2.5, the addition of K2S2O7 

lowers the melting point of the overall mixture.  Figure 4.9 shows the TG/DTA data for 
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(NH4)2SO4 + 2 K2SO4 + 8 K2S2O7 in a platinum pan with a platinum lid heated from 

room temperature to 1000°C at 5°C/min, held for 5 minutes, and cooled to room 

temperature at 5°C/min.  The (NH4)2SO4 accounts for 5.3 wt%, K2SO4 accounts for 13.9 

wt%, and K2S2O7 accounts for 80.9 wt% of the mixture.  The TGA data show four 

separate weight losses.  The first weight loss of 0.1 wt% began at 183°C and terminated 

at 199°C.  The second weight loss of 0.9 wt% began at 199°C and terminated at 269°C.  

It started and ended approximately 35°C lower than the first weight loss of the 

(NH4)2SO4 + K2SO4 mixture.  The third weight loss of 4.1 wt% began at 269°C and 

terminated at 373°C.  It started 37°C lower and ended 17°C lower than the second weight 

loss of the (NH4)2SO4 + K2SO4 mixture.  The final weight loss of 28.3 wt% began at 

373°C and terminated at 520°C.  It started 17°C lower and ended 13°C higher than the 

last weight loss of the (NH4)2SO4 + K2SO4 sample.  The reaction resulted in an overall 

weight loss of 33.4 wt%.  The DTA data reveal eight endothermic peaks and one 

exothermic peak while cooling.  The first peak occurs at 195°C and corresponds to the 

first weight loss.  The second peak occurs at 251°C and corresponds to the second weight 

loss.  The third peak occurs at 325°C and corresponds to the third weight loss.  The fourth 

peak occurs at 362°C, which is approximately the same temperature at which peaks 

occurred for previous samples using platinum pans.  The fifth and sixth peaks occur at 

404°C and 433°C, respectively, and correspond to the melting point of K2S2O7 and phase 

change in the remaining salt mixture.  The seventh peak occurs at 499°C and corresponds 

to the final weight loss.  The final endothermic peak and the cooling exothermic peak 

occur at 580°C and 574°C, respectively, and correspond to a solid phase change.  The 

same solid phase change occurred for the (NH4)2SO4 + K2SO4 sample at approximately 
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the same temperature.  The following decompositions would predict the following weight 

losses: 

 

(NH4)2SO4 + 2 K2SO4 + 8 K2S2O7 ! 2 NH3 + H2O + K2SO4 + 9 K2S2O7, 
5.3% 13.9% 80.9%  1.4% 0.72% 6.9% 91.0% 

 (4.4) 

K2SO4 + 9 K2S2O7 ! 9 SO3 + 10 K2SO4. (4.5) 
6.9% 91.0%  28.6% 69.3%  

 

The bolded numbers represent the weight loss percentage from evolved gases.  Table 4.3 

lists the weight loss indicated from the TGA data and the weight loss predicted from Eq. 

(4.4)-(4.5).  The TGA data shows a total weight loss of 33.4 wt% while the reactions in 

Eq. (4.4) and (4.5) predicted a total weight loss of 30.0 wt%.  The extra weight loss 

shown in the TGA data can be explained by the loss of excess water as K2S2O7 readily 

absorbs water [5]. 

 

Table 4.3: Weight Loss from TGA Data and Weight Loss Predicted by Eq. (4.4)-
(4.5) for (NH4)2SO4 + 2 K2SO4  + 8 K2S2O7 

Weight Loss TGA Predicted 
1 0.1 wt%  

 
2.1 wt% 

2 0.9 wt% 
3 4.1 wt% 
4 28.3 wt% 28.6 wt% 

Total 33.4 wt% 30.0 wt% 
 
 

 Unfortunately, because of the minuscule amount of reactant (10-20 mg) used for 

the TG/DTA experiments and the high purge gas flow rate, it was difficult to 

simultaneously measure RGA data for the salt mixtures.  In addition, the high purge gas 
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flow rate did not allow salt samples to be in equilibrium with the evolved gases, which 

could possibly affect the decomposition reactions.  To resolve these issues, a small quartz 

reactor was set up to hold a larger amount of samples (up to 20 grams).  Not only would 

the evolved gases be in contact with the salt mixtures, but RGA data could be collected 

for analysis.  As quartz is an inert material with respect to the salts used, this eliminates 

the possibility of catalytic reactions as with platinum. 

 
Figure 4.1: TG/DTA data for (NH4)2SO4 in a platinum pan heated at 20°C/min 
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Figure 4.2: TG/DTA data for (NH4)2SO4 in an alumina pan heated at 20°C/min 
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Figure 4.3: RGA data of mass number A) 16, B) 17, and C) 18 for (NH4)2SO4 in 

a platinum pan heated at 20°C/min 
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Figure 4.4: RGA data of mass number A) 40, B) 48, and C) 64 for (NH4)2SO4 in 

a platinum pan heated at 20°C/min 
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Figure 4.5: RGA data of mass number A) 48, B) 64, and C) 80 for CuSO4 in a 

platinum pan heated at 20°C/min 
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Figure 4.6: Normalized RGA data for (NH4)2SO4 in a platinum pan heated at 

20°C/min 
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Figure 4.7: TG/DTA data for (NH4)2SO4 in a platinum pan and a platinum lid 

heated at 5°C/min, held for 5 minutes at 1000°C, and cooled back to 
room temperature at 5°C/min 
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Figure 4.8: TG/DTA data for (NH4)2SO4 + K2SO4 in a platinum pan and a 

platinum lid heated at 5°C/min 
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Figure 4.9: TG/DTA data for (NH4)2SO4 + 2 K2SO4 + 8 K2S2O7 in a platinum 

pan and a platinum lid heated at 5°C/min, held at 1000°C for 5 
minutes, and cooled back to room temperature at 5°C/min 
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The slower heating rate was used to allow time for the evolved gas to reach the RGA 

since no purge gas was used.  In order to easily compare the water, ammonia, and SO3 

peaks for the reaction, the partial pressures were normalized and plotted on the same 

figure as a function of temperature as shown in Figure 4.12, where mass number 18 was 

taken to indicate water, mass number 16 was taken to indicate ammonia, and mass 

number 64 was taken to indicate SO3.  Mass number 16 was taken as ammonia instead of 

mass number 17, because there was a large quantity of background moisture present, 

evident by the partial pressure for mass number 18 in Figure 4.10C.  The figure shows 

that the partial pressure for mass number 18 (water) was at least an order of magnitude 

greater than the others.  The partial pressure for mass number 17 (OH- and NH3) in 

Figure 4.10B was also affected, evident by its similarity in shape to Figure 4.10C.  They 

differ in the region between 400°C and 480°C, which indicates release of NH3.  Though 

the partial pressure for mass number 17 does indicate ammonia evolution, mass number 

16 (O2- and NH2
-) provided unambiguous evidence of ammonia since it was not as 

affected by the background moisture, evident by the much lower partial pressure.  As 

shown in Figure 4.12, ammonia was released between 404°C and 481°C with a peak at 

450°C, and SO3 was released between 495°C and 655°C with peaks at 537°C and 595°C.  

The water partial pressure showed a steady decline as the sample decomposed.  Even 

with baking out the RGA vacuum system prior to this run, water from the decomposition 

was difficult to detect above the background moisture.  The ammonia and SO3 data show 

that there was a 14°C difference between the end of ammonia release and the start of SO3 

release and an 87°C difference between the ammonia peak and the first SO3 peak. 
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 To better simulate the process, a 2 gram sample of (NH4)2SO4 + K2SO4 + 4 

K2S2O7 + Na2SO4 + 4 Na2S2O7 was heated from room temperature to 375°C at 20°C/min 

and held for 25 minutes, then heated at 20°C/min to 400°C and held for 25 minutes.  The 

sample was then heated to the following temperatures at 20°C/min and held at each of the 

following temperature for 60 minutes: 425°C, 450°C, 475°C, 500°C, 525°C, 550°C, and 

575°C.  Individual partial pressure data for this sample for mass number 16, 17, 18, 48, 

and 64 are shown in the Figures 4.13 and 4.14.  Normalized partial pressures of mass 

number 18 for water, mass number 16 for ammonia, and mass number 64 for SO3 as a 

function of time are shown in Figure 4.15.  The water partial pressure data show an 

increase while being held at 375°C, 400°C, 425°C, and 450°C.  It remained steady while 

being held at 475°C, 500°C, 525°C, and 550°C.  It began to decline when held at 575°C.  

This indicates that, like the RGA results for the sample shown in Figure 4.12, there was 

excess background moisture.  The ammonia partial pressure data show an increase while 

being held at 374°C, 400°C, and 425°C.  This mirrored the increase in water partial 

pressure, which suggests that this increase is likely due to O2- and not NH2
-.  There are 

ammonia partial pressure peaks when temperature was held at 450°C and 475°C.  These 

peaks are not present in the water partial pressure data and, therefore, indicate ammonia 

gas evolution.  The ammonia partial pressure remained steady when held at 500°C, 

525°C, 550°C, and 575°C.  The SO3 partial pressure data showed no changes until it was 

held at 500°C.  There are SO3 partial pressure peaks when held at 500°C, 525°C, 550°C, 

and 575°C.  Figure 4.15 shows that ammonia started to evolve at 450°C and ended at 

475°C.  It also shows that SO3 did not began to evolve until 500°C.  This revealed that 
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there was a 25°C difference between the end of the release of ammonia and the start of 

the evolution of SO3. 

 An experiment was conducted with 2 grams of the (NH4)2SO4 + K2SO4 + 4 

K2S2O7 + Na2SO4 + 4 Na2S2O7 salt mixture heated at 20°C/min from room temperature 

and held for 40 to 80 minutes at the following temperatures: 350°C, 450°C, 475°C, 

500°C, and 5250°C.  The evolved gas was continuously bubbled through a bubbler 

containing 20 mL of tap water throughout the experiment.  The pH of the bubbler 

solution was measured before the temperature was raised.  The results of this experiment 

are summarized in Table 4.4.  The pH dropped slightly from 7.87 to 7.86 after being 

heated to and held at 350°C for 40 minutes.  This drop likely resulted from carbon 

dioxide from the purge lab air being dissolved in the bubbler solution.  When the sample 

was raised to 450°C and held for 64 minutes, the pH jumped to 9.19, which signified the 

release of ammonia.  The pH continued to climb to 9.23 when the sample was raised to 

and held at 475°C for 59 minutes.  When the sample was raised to and held at 500°C for 

79 minutes, the pH dropped to 9.10, which signified the release of SO3.  The pH dropped 

to 5.56 when raised to and held at 525°C for 61 minutes, which signified the continued 

release of SO3.  This experiment showed that ammonia began to evolve between 350°C 

and 450°C, no SO3 was released at or before 475°C, and SO3 was released between 

475°C and 500°C. 

 A mass balance experiment was conducted with 2 grams of the (NH4)2SO4 + 

K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 salt mixture heated at 20°C/min to 475°C and 

held for 60 minutes.  Ammonia release from this reaction should result solely from the 
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decomposition of (NH4)2SO4.  The decomposition of (NH4)2SO4 in the salt mixture along 

with the ideal weight of each component are shown in the following equation: 

(NH4)2SO4  ! 2 NH3  + H2O  + SO3 (4.6) 
0.11 g  0.028 g 0.015 g 0.067 g  

 

Table 4.4: Elapsed Time, Temperature, and pH for a 2 gram Sample of (NH4)2SO4 + 
K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 Heated at 20°C/min Bubbled Through 20 

mL of Tap Water 
Elapsed Time (min) Temperature (°C) pH 

0 25 7.87 
40 350 7.86 

104 450 9.19 
163 475 9.23 
242 500 9.10 
303 525 5.56 

 

There was 0.0057 g of ammonia (20%) present in the first bubbler, and there was less 

than 0.00017 g of ammonia (>0.61%) present in the second bubbler.  The ammonia 

evolved from this experiment was 21% of the ammonia expected to evolve.  The mass 

balance experiment was repeated with 2 grams of the (NH4)2SO4 + K2SO4 + 4 K2S2O7 + 

Na2SO4 + 4 Na2S2O7 salt mixture with 10 g of DI water heated at 20°C/min to 475°C and 

held for 60 minutes.  Water was added to better simulate the process since the process 

called for aqueous (NH4)2SO4.  Also, unlike the RGA, excess water did not affect the 

detection of ammonia through titration.  Since the addition of water caused the bubblers 

to become very hot during the experiment, they were submerged in an ice bath.  There 

was 0.016 g (57%) of ammonia present in the first bubbler, and there was less than 

0.00017 g of ammonia (>0.61%) present in the second bubbler.  The ammonia evolved 

from this experiment was 58% of the ammonia expected to evolve.  The nutrient 
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autoanalyzer analysis of the samples left in the small reactor for both experiments 

showed that it contained the remainder of ammonia.  The mass balance bubbler 

experiments showed that not all of the ammonia was released when held for an hour at 

475°C.  When 10 g of DI water was added, the amount of ammonia released jump from 

21% to 58% of total amount of ammonia predicted to evolve.  This showed that the 

addition of water helped ammonia evolution.  However, it also showed that 42% of total 

amount of ammonia predicted to evolve was not released.  More mass experiments need 

to be conducted to investigate the effects of the addition of water to ammonia evolution. 

 In order for the process to be viable, ammonia and SO3 must be released 

separately upon decomposition as in Eq. (2.11) and (2.12).  The experiment summarized 

in Table 4.4 showed a pH rise between 350°C and 475°C.  The pH started to drop 

between 475°C and 500°C.  This showed that SO3 was not released before 475°C and 

that it began to evolve between 475°C and 500°C.  This was supported by the small 

reactor decomposition experiments conducted with the RGA and the small reaction 

decomposition experiments conduced with the bubblers.  These experiments confirmed 

separate ammonia and SO3 evolution.  When heated continuously at 5°C/min (Figure 

4.12), there was a difference of 14°C between the end of ammonia evolution and the start 

of SO3 evolution.  When being held at process temperatures (Figure 4.15), there was a 

difference of 25°C between the end of ammonia evolution and the start of SO3 evolution.  

Although this confirmed the viability of the process, the small difference between the 

evolutions means that the process would require very careful temperature control. 

 The TGA result in Figure 4.9 show weight losses between 183°C ad 199°C, 

199°C and 269°C, 269°C and 373°C, and 373°C and 520°C.  The first two weight losses 
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signified the loss of moisture.  In comparison to the RGA data from the continuously 

heated sample in the small reactor in Figure 4.12, the weight loss from the TGA data 

occur at lower temperatures.  The RGA data of the continuously heated sample show 

ammonia release between 404°C and 481°C, which starts 135°C higher and ends 108°C 

higher than the TGA experiment, and SO3 release between 495°C and 655°C, which 

starts 122°C higher and ends 135°C higher than the TGA experiment.  The higher release 

temperatures likely resulted allowing the evolved gas to be in equilibrium with the 

molten salts.  The DTA result in Figure 4.9 show endothermic peaks at 195°C, 251°C, 

325°C, 362°C, 404°C, 433°C, and 499°C.  The endothermic peak at 404°C corresponds 

to the start of ammonia release in the small reactor experiment at the same temperature.  

The endothermic peak at 499°C corresponds to the start of SO3 release in the small 

reactor experiment at 495°C. 
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Figure 4.10: RGA data of mass number A) 16, B) 17, and C) 18 for (NH4)2SO4 + 

K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 heated in a small quartz 
reactor at 1°C/min from room temperature to ~700°C 

 
Figure 4.11: RGA data of mass number A) 48 and B) 64 for (NH4)2SO4 + K2SO4 

+ 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 heated in a small quartz reactor 
at 1°C/min from room temperature to ~700°C 
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Figure 4.12: Normalized RGA data for (NH4)2SO4 + K2SO4 + 4 K2S2O7 + Na2SO4 

+ 4 Na2S2O7 heated in a small quartz reactor at 1°C/min from room 
temperature to ~700°C 
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Figure 4.13: RGA data of mass number A) 16, B) 17, and C) 18 for (NH4)2SO4 + 

K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 heated in a small quartz 
reactor at 20°C/min from room temperature to 375°C and held for 
25 minutes then heated at 20°C/min to 400°C and held for 25 
minutes and heated to the following temperatures at 20°C/min and 
held for 60 minutes: 1) 425°C, 2) 450°C, 3) 475°C, 4) 500°C, 5) 
525°C, 6) 550°C, and 7) 575°C 
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Figure 4.14: RGA data of mass number A) 48, and B) 64 for (NH4)2SO4 + K2SO4 

+ 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 heated in a small quartz reactor 
at 20°C/min from room temperature to 375°C and held for 25 
minutes then heated at 20°C/min to 400°C and held for 25 minutes 
and heated to the following temperatures at 20°C/min and held for 
60 minutes: 1) 425°C, 2) 450°C, 3) 475°C, 4) 500°C, 5) 525°C, 6) 
550°C, and 7) 575°C 
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Figure 4.15: Normalized RGA data for (NH4)2SO4 + K2SO4 + 4 K2S2O7 + Na2SO4 

+ 4 Na2S2O7, where the blue curve is water, the green curve is 
ammonia, and the red curve is SO3, heated in a small quartz reactor 
at 20°C/min from room temperature to 375°C and held for 25 
minutes then heated at 20°C/min to 400°C and held for 25 and 
heated to the following temperatures at 20°C/min and held for 60 
minutes: A) 425°C, B) 450°C, C) 475°C, D) 500°C, E) 525°C, F) 
550°C, and G) 575°C 

 

 

4.4 Viscosity Measurements 

 The viscosity of two salt mixtures was measured to ensure that they could be 

pumped in the process.  These two salt mixtures of K2SO4 + 4 K2S2O7 + Na2SO4 + 4 

Na2S2O7 and K2SO4 + 9 K2S2O7 + Na2SO4 + 9 Na2S2O7 represent the concentrations that 
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would be present in the feed and outlet streams of the low-temperature and mid-

temperature reactors (Figure 2.2). 

The velocity of a falling sphere in the molten salt held in a quartz tube was used 

to determine the viscosity, as described in Chapter 3.5.  The following equation was used 

to correct the measured velocity, v, for the wall effects of the quartz tube [6]: 

 !! ! !! !! !!!! ! ! ! (4.7) 

where vc is the corrected velocity, v is the measured velocity, d is the diameter of the 

sphere (3 ± 0.06mm), and D is the diameter of the tube (18 mm).  Then, the corrected 

velocity was used to determine the viscosity from the following equations [7]: 

 !! !! ! !!"!!!!!!
!!!!

!  (4.8) 

 !! ! !"
!" !! !!!"!!"!!!" ! (4.9) 

 !" ! ! !!!!! !  (4.10) 

where g is the gravitational acceleration (9.81 m/s2), !p is the density of the sphere (2500 

kg/m3), ! is the density of the fluid (kg/m3) which was measured as discussed in Chapter 

3.5, CD is the drag coefficient, Re is the Reynolds number, and µ is the viscosity of the 

fluid (Poise).  Eq. (4.8) is the equation for the terminating velocity of a spherical particle.  

Eq. (4.9) defines the drag coefficient in Eq. (4.8) for a Reynolds number between 0.1 and 

1000, also known as the intermediate regime between the Stoke’s Law regime and 

Newton’s Law regime [7].  Eq. (4.10) is the definition of the Reynolds number with the 

characteristic length being the diameter of the sphere. 
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The density of K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 was determined to be 

approximately 1300 kg/m3 between 402°C and 507°C.  The density of K2SO4 + 9 K2S2O7 

+ Na2SO4 + 9 Na2S2O7 was determined to be approximately 1200 kg/m3
 between 393°C 

and 510°C.  The small changes in height of the samples in the tube within those 

temperature ranges were difficult to measure with the experimental set-up.  The density 

values for these mixtures are lower than those of the pure salts (between 1839 and 2099 

kg/m3) as shown in Figure 2.3 [8, 9, 10].  Figure 2.3 also shows that the pure salts do not 

experience a significant change in density with a small change (~100°C) in temperature.  

The measured density values could have been affected by the salts not being dried prior 

to testing.  The presence of water would lower the density values.  The averaged velocity, 

corrected velocity, and the calculated viscosity for K2SO4 + 4 K2S2O7 + Na2SO4 + 4 

Na2S2O7 and K2SO4 + 9 K2S2O7 + Na2SO4 + 9 Na2S2O7 at each temperature with their 

standard deviations are listed in Table 4.5 and 4.6, respectively.  The viscosity values for 

K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 range from 3.3 to 9.3 cP between 402°C and 

507°C.  The viscosity values for K2SO4 + 9 K2S2O7 + Na2SO4 + 9 Na2S2O7 range from 

2.6 to 8.3 cP between 393°C and 510°C.  K2SO4 + 9 K2S2O7 + Na2SO4 + 9 Na2S2O7 was 

slightly less viscous than K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 between ~400°C and 

~500°C. 
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Table 4.5: Velocity (v), Corrected Velocity (vc), and Viscosity (µ) for K2SO4 + 4 
K2S2O7 + Na2SO4 + 4 Na2S2O7 at Various Temperatures 

Temperature (°C) v (cm/s) vc (cm/s) µ (cP) 
402 3.9 ± 0.30 5.2 ± 0.41 9.3 ± 0.94 
413 4.2 ± 0.19 5.7 ± 0.26 8.2 ± 0.53 
419 4.4 ± 0.22 6.0 ± 0.29 7.7 ± 0.54 
432 5.0 ± 0.27 6.8 ± 0.37 6.4 ± 0.53 
435 5.0 ± 0.51 6.8 ± 0.68 6.4 ± 0.95 
451 5.6 ± 0.33 7.5 ± 0.44 5.5 ± 0.53 
480 6.5 ± 0.52 8.8 ± 0.69 4.2 ± 0.55 
492 6.6 ± 0.92 8.9 ± 1.2 4.2 ± 1.1 
507 7.5 ± 0.69 10 ± 0.93 3.3 ± 0.54 

!
Table 4.6: Velocity (v), Corrected Velocity (vc), and Viscosity (µ) for K2SO4 + 9 

K2S2O7 + Na2SO4 + 9 Na2S2O7 at Various Temperatures 
Temperature (°C) v (cm/s) vc (cm/s) µ (cP) 

393 4.4 ± 0.22 6.0 ± 0.29 8.3 ± 0.58 
421 5.8 ± 0.40 7.8 ± 0.54 5.6 ± 0.58 
450 7.5 ± 0.69 10 ± 0.93 3.6 ± 0.58 
465 6.9 ± 0.52 9.2 ± 0.69 4.3 ± 0.58 
510 8.9 ± 0.96 12 ± 0.13 2.6 ± 0.56 

 
Liquid viscosity is commonly correlated with temperature with an Arrhenius 

model or an exponential model [11].  They are as follows:  

  ! ! ! ! !"# !!
!" !  (4.10) 

   ! ! ! !! !"# !!" ! (4.11) 

,respectively, where µ is viscosity, T is temperature, Ea is the activation energy, R is the 

gas constant, and A, B, and C are coefficients determined from experimental data.  Since 

the activation energy was unknown for the salt mixtures, it was treated as another 

constant when fitting the data.  Using the viscosity data from Table 4.5 and 4.6, the 

viscosity of K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 and K2SO4 + 9 K2S2O7 + Na2SO4 

+ 9 Na2S2O7 were modeled as shown Figures 4.16 and 4.17, respectively, using a 

nonlinear least squares fit.  For K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2S2O7, A was found 
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to be 5.3e-5 cP, Ea was found to be 410 J, B was found to be 64 cP, and C was found to 

be 9.7e-3 K-1.  The coefficient of determination (R2) is 0.986 for the Arrhenius fit and 

0.982 for the exponential fit.  For K2SO4 + 9 K2S2O7 + Na2SO4 + 9 Na2S2O7, A was 

found to be 1.8e-5 cP, Ea was found to be 460 J, B was found to be 120 cP, and C was 

found to be 1.1e-2 K-1.  The R2 is 0.922 for the Arrhenius fit and 0.899 for the 

exponential fit. 

 The viscosity results reveal that these two salt mixtures would be suitable for 

pumping in the process above 385°C, the observed melting point, for K2SO4 + 4 K2S2O7 

+ Na2SO4 + 4 Na2S2O7 and above 334°C for K2SO4 + 9 K2S2O7 + Na2SO4 + 9 Na2S2O7. 

 
Figure 4.16: Viscosity data as a function of temperature with a fitted Arrhenius 

model and exponential model for K2SO4 + 4 K2S2O7 + Na2SO4 + 4 
Na2S2O7 and the vertical line represents the melting point of 385°C 
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Figure 4.17: Viscosity data as a function of temperature with a fitted Arrhenius 

model and exponential model for K2SO4 + 9 K2S2O7 + Na2SO4 + 9 
Na2S2O7 and the vertical line represents the melting point of 334°C 
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5. Conclusions 

 This objective of this study was to test the viability of the oxygen producing half-

cycle of a solar thermochemical water splitting cycle for hydrogen production.  The full 

cycle, shown in Figure 2.1, uses a sulfur-ammonia (SA) process and consists of a 

hydrogen producing half-cycle and an oxygen producing half-cycle (Figure 2.2).  In order 

for this cycle to work, the salts must remain liquid with a viscosity low enough for the 

mixtures to be pumped.  Also, to avoid costly gas separation, ammonia and SO3 must be 

released separately during thermal salt decomposition. 

 Thermogravimetric and differential thermal analysis (TG/DTA) showed that the 

thermal decomposition of a mixture of 1 mole of ammonium sulfate, 2 moles of 

potassium sulfate, and 8 moles of potassium sulfate gave separate ammonia and SO3 

release steps at 269°C and 373°C, respectively.  The melting temperature of K2SO4 + 4 

K2S2O7 + Na2SO4 + 4 Na2S2O7 salt mixture was measured to be 343 ± 11°C, 81°C lower 

than the melting temperature of the K2SO4 + 4 K2S2O7 salt mixture, which was measured 

to be 454 ± 7.5°C.  Therefore, a K2SO4 + 4 K2S2O7 + Na2SO4 + Na2S2O7 salt mixture was 

chosen to be the mixture exiting the mid-temperature reactor and then to be recycled to 

the low-temperature reactor in Figure 2.2.  A K2SO4 + 9 K2S2O7 + Na2SO4 + 9 Na2S2O7 

salt mixture was chosen to be the mixture exiting the low-temperature reactor and then to 

be recycled to the mid-temperature reactor in Figure 2.2.  The melting temperature 

experiments confirmed that the salt mixtures would remain liquid through the process up 

to 525°C. 
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 The residual gas analysis (RGA) data from the continuously heated sample (2 

grams) of (NH4)2SO4 + K2SO4 + 4 K2S2O7 + Na2SO4 + 4 Na2SO4 in the small reactor 

showed that ammonia was released between 404°C and 481°C and that SO3 was released 

between 495°C and 655°C.  The RGA data from a sample (2 grams) of the same salt 

mixture heated and held for 60 minutes at increments of 25°C between 425°C and 575°C 

in the small reactor showed that ammonia release began at 450°C and terminated at 

475°C.  The data also showed that SO3 release did not began until 500°C.  The TG/DTA 

and small reactor experiments confirmed separate ammonia and SO3 release steps.  The 

small reactor experiment with the incremental heating best simulated the process and 

suggested that there was a 25°C difference between the end of ammonia release and the 

start of SO3 release. 

 Evolved gas from 2 grams of (NH4)2SO4 + K2SO4 + 4 K2S2O7 + Na2SO4 + 4 

Na2S2O7 heated at 20°C/min from room temperature and held for 40 to 80 minutes at 

various temperatures was bubbled through 20 mL of tap water, and the pH of bubbler 

solution was recorded.  The pH results showed that ammonia started to evolve between 

350°C and 450°C and that it continued to evolve up to 475°C.  The pH results also 

showed that SO3 began to evolve between 475°C and 500°C.  This reaffirmed TG/DTA 

and RGA results of separate ammonia and SO3 release steps. 

 The mass balance experiments showed that when 2 grams of (NH4)2SO4 + K2SO4 

+ 4 K2S2O7 + Na2SO4 + 4 Na2S2O7 was heated at 20°C/min to and held at 475°C for 60 

minutes, only 21% of the total amount of ammonia expected to evolved was released.  

When the experiment was repeated with 2 grams of (NH4)2SO4 + K2SO4 + 4 K2S2O7 + 

Na2SO4 + 4 Na2S2O7 plus 10 g of DI water to better simulate the process, 58% of the total 
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amount of ammonia expected to evolved was released.  The experiments showed that 

though adding 10 g of DI water to the sample resulted in more evolved ammonia, not all 

of the ammonia was released.  More experiments should be conducted in the future to 

better understand the effects of the addition of water and to further investigate the mass 

balance of the process. 

 The viscosity measurements showed that K2SO4 + 4 K2S2O7 + Na2SO4 + 4 

Na2S2O7 had viscosity values between 3.3 cP at 507°C and 9.3 cP at 402°C and that 

K2SO4 + 9 K2S2O7 + Na2SO4 + 9 Na2S2O7 had viscosity values between 2.6 cP at 510°C 

and 8.3 cP at 393°C.  These values suggested that these mixtures would be able to be 

pumped between reactors. 

 The experiments performed in this thesis indicate that this thermochemical cycle 

is viable.  The molten salts would be liquid and able to be pumped up to a temperature of 

525°C.  Although there would be separate ammonia and SO3 release during thermal 

decomposition of the molten salts, the process would require very careful temperature 

control due to the small temperature difference. 




