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ABSTRACT 


The objectives of the present study were to 

investigate the reaction mechanisms and the effects of 

certain physical variables on the overall reaction rate of 

the conversion of aqueous Na2s to gaseous H2s by bubbling 

with co gas, which is a simultaneous absorption-desorption2 

reaction. 

The dependence of reaction rate on the physical 

variables investigated were the volumetric flow rate and the 

co partial pressure of inlet gas and reaction temperature.2 

Potential advantages of a pressurized reaction system were 

also studied. It was found that the effect of reaction 

temperature on the overall reaction rate was relatively 

2

small as compared to that of inlet gas flow rate and co2 

partial pressure. 

Gas-liquid interfacial area was estimated and the 

overall reaction rate constant determined. It was found that 

the carbonation conversion of Na s is first order with 

respect to both the HS- ion concentration of the liquid 

phase and the C02 partial pressure of the inlet gas. 

The rate limiting step of the overall conversion 

reaction, under the present laboratory conditions, appeared 

to be the desorption of hydrogen sulfide. 
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CHAPTER 1 


Introduction 


Conventional processes for the winning of metals 

from sulfide concentrates generally involve roasting and 

converting< 1 •2 ), i.e. the oxidation of metal sulfides by 

air or oxygen. In these processes, essentially all sulfur 

from concentrates is oxidized to sulfur dioxide. At the 

present time, in order to reduce its emission to the 

atmosphere, sulfur dioxide is converted to sulfuric acid as 

much as the market could take. In Canada, however, many 

smelters are located in remote area. The requirement of 

long distance transportation of sulfuric acid or the 

establishment of an operation to convert it to a chemically 

stable compound posts immense problems. 

As an alternative the novel LB Furnace technology 

which is being developed at McMaster University may be 

used( 3 ). It involves carbothermic reduction, rather than 

oxidation, in the presence of basic oxides, of sulfide 

concentrates to produce metal and sulfide slag. Hydrogen 

sulfide may be generated from the sulfur-containing slag 

after being separated from the other reduced metallic 

products. The gaseous hydrogen sulfide can then be 

converted to elemental sulfur for storage or shipping to 

far away markets. The main potential advantage of this new 

reduction process of sulfide concentrates is the 

-1­
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elimination of sulfur dioxide formation, hence emission to 

the atmosphere. 

The generation of hydrogen sulfide from sodium 

sulfide, which would be the major component in the 

sulfur-containing slag if soda is used as flux in the 

direct reduction of sulfide concentrates, can be 

accomplished by the addition of an acid. Carbonation 

conversion of aqueous sodium sulfide, i.e. bubbling with 

C0 gas, is particularly favourable since C0 is readily
2 2 

available in the furnace flue gas. The thermodynamics of 

this process has been described in the literature but there 

is a lack of kinetic data which are needed for practical 

applications. The objectives of this project are to study 

the kinetics and mechanisms, which are crucial information 

for industrial reactor design, of the carbonation 

conversion of aqueous sodium sulfide to gaseous hydrogen 

sulfide. 

This research program are mainly concerned with the 

dependence of sodium sulfide conversion rate on various 

physical variables. Four variables are considered 

important, namely reaction temperature, C0 
2 

flow rate, 

inlet gas C0 
2 

partial pressure, and the potential 

advantages of a pressurized system. Gas-liquid interfacial 

area at various gas flow rates will be estimated in order 

to evaluate the overall reaction rate constants. 



CHAPTER 2 


Literature review 


2.1 Summary 

This chapter introduces the development of the 

novel ironmaking technology, the LB Furnace, and its 

potential application to the smelting reduction of sulfide 

concentrates. The selection of flux, with considerations 

concerning downstream separation of reduction products and 

subsequent conversion, is discussed. 

The carbonation conversion of sodium sulfide (from 

slag) to hydrogen sulfide is studied. It also describes the 

common volumetric method used in the measurement of aqueous 

sulfide content. 

One section of this chapter is dedicated to the 

definition of chemical kinetics, reaction mechanism and the 

concept of a rate controlling step in a sequence of 

elementary reactions. 

The phenomena of gas-liquid reactions including 

physical gas absorption, gas absorption facilitated by 

chemical reaction and gas desorption are reviewed. The 

solubility of gas in liquid, and that of carbon dioxide in 

carbonate-bicarbonate buffer solutions in particular, is 

also covered. 

The last part of this chapter describes some of the 

processes which generate elemental sulfur from hydrogen 

-3­
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sulfide. 

2.2 The development of LB Furnace at McMaster University 

The Blast Furnace, which has been recognized as a 

mature process, is the most productive and energy efficient 

ironmaking smelting reduction reactor with about 85% 

pre-reduction of iron ore before melting occurs when it is 

operated under optimum conditions. This most efficient 

operation, however, requires the preparation of raw 

materials (coke and fluxed agglomerates of iron ore) of 

specific physical and chemical properties. The growing 

overwhelming concern over the problems associated with coke 

plants, and the strong desire for the elimination of the 

step of agglomeration of iron ore and carbonization of coal 

appears to have come to the point that it is too costly to 

take the advantage of the technical superiority of the 

Blast Furnace. It has also become increasingly clear that 

the most efficient operating conditions for the Blast 

Furnace, coke oven and sinter plant are usually technically 

incompatible with flexible operation in terms of the 

properties of raw materials and productivity. 

The potential of a new ironmaking technology, 

namely the LB Furnace< 3 •4 ), has been substantiated in a 

bench scale unit at McMaster University. One of the basic 

principles of the LB Furnace is to utilize coal (a source 

of both energy and reducing agent) as efficiently as 

possible by first carrying out direct reduction (which 
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requires heat at moderately high temperature) and indirect 

reduction, and finally burning all of the remaining carbon 

monoxide and hydrogen by oxygen in air to release all the 

chemical energy within the reactor to provide the heat 

required for the process. 

For the reduction of iron ore agglomerates at high 

temperatures, the kinetic barrier is mass transfer, or the 

diffusion of gases. In order to break this barrier, long 

distance diffusion of gases has to be avoided. The obvious 

solution to this problem is to bring the reacting particles 

close together. For a mixture of fine particles of iron ore 

concentrate and pulverized coal, the distance between 

reacting particles is of the order of tens of microns, 

which is smaller than the mean free path of gas at high 

temperatures. Hence, in this case, the resistance to the 

reduction reaction due to diffusion is of no significance 

and the overall reaction rate is then limited by the 

interfacial chemical reactions which are sensitive to 

temperature. Therefore, at high temperatures the overall 

reaction rate of mixtures of fine particles of iron ore and 

coal is likely to be limited by heat transfer. Furthermore, 

the enormous interfacial area of such a mixture offers the 

potential of very high reaction rate. 

In order to realise the concepts of LB Furnace, the 

challenge of facilitating heat transfer from the flame 

(high oxygen potential) to the reduction sites (low oxygen 



-6­

potential) without re-oxidation of the sponge iron has to 

be overcome. With the direct reduction enhanced, close to 

complete pre-reduction of iron ore before the occurrence of 

melting can be achieved. 

Figure 2.1 is a schematic diagram of the bench­

scale LB Furnace. It consists of two major components, one 

for the production of sponge iron and the other for 

melting. Sponge iron can be produced and melted in a single 

reactor. 

Mixtures of fine particles of iron ore concentrate 

and coal, the raw materials for LB Furnace, are 

mechanically moved with the use of a steel screw feeder 

through a silicon carbide reaction tube to the combustion 

chamber where hot gases generated in the reaction tube 

together with the volatile impurities from coal are burned 

with air, introduced at ambient temperature, to provide the 

heat energy required for preheating, carbonization and 

reduction. The cold end of the reaction tube is sealed off 

so that all gases exit through the hot end of the tube. 

This flow of hot reducing gaseous product from the reaction 

tube to the combustion chamber protects the sponge iron 

from being re-oxidized by the strongly oxidizing flame a 

short distance downstream and serves as fuel for 

combustion. Sponge iron can be produced from raw materials 

at ambient temperature in a few minutes, which is then 

dropped from the hot end of the silicon carbide tube into 



-7­

the melting zone where it is heated by plasma. Flux can be 

added to the melting chamber directly through the sampling 

port, or to the coal/ore mixtures. 

The LB Furnace has been found, even in bench scale, 

to be highly energy efficient and it produces liquid metal 

which makes it easier to integrate with downstream refining 

processes. Furthermore, it has several significant 

potential advantages over the Blast Furnace in the area of 

lower capital and operational costs, environment pollution 

control due to the elimination of coke manufacturing, and 

flexibility in terms of production level and nature of 

products. 

2.3 Direct reduction and smelting of sulfide concentrates 

in LB Furnace< 5 •6 ) 

The novel process of ironmaking base on the LB 

Furnace which is being developed at McMaster University, 

can be applied, in principle, to the reduction of sulfide 

concentrates in the non-ferrous metals industry. It 

consists of the following key steps, of which number (3) is 

the major concern of this thesis, 

(1) 	direct reduction of sulfides by coal in the 

presence of a basic flux (e.g. Na2co ) to produce3 

metallic solids (e.g. Cu, Fe) and vapours (e.g. 

Zn, Pb). The vapours are re-oxidized in the flame 

and collected in dust collecting system, 

(2) 	separation of slag including Na s from the reduced2
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products, 

(3) generation of H2 s from the resulting slag (Na S),2

(4) conversion of H S to elemental sulfur.2

The major potential advantages of this new 

reduction smelting process over conventional oxidation 

processes are the positive effect on environmental quality 

due to the elimination of sulfur dioxide formation and its 

emission to the atmosphere. 

2.3.1 Lime enhanced reduction(e.g. CuFeS -C-Ca0)2

The production of metals by direct reduction of 

mineral sulfides without the formation of so2 has been 

studied by many authors. The general chemical stoichiometry 

is as follows 

MS + CaO + C (or H , CO) ~ M + CaS + CO (or H 0, C0 )
2 2 2 

(MS : metal sulfide) [2-1] 

At sufficiently high temperature, the direct reduc­

tion of chalcopyrite (chalcopyrite is used as an example of 

mineral sulfide throughout the rest of all subsections of 

2.3) by coal with lime as flux,[2-2], occurs through the 

gaseous intermediate CO, [2-3], coupled with "solution 

loss" reaction, [2-4]. 

CuFeS + 2C + 2Ca0 ~ Cu + Fe + 2CaS + 2CO [2-2]
2 <g> 

CuFeS + 2CO + 2Ca0 ~ Cu + Fe + 2CaS + 2CO [2-3]
2 <g> Z<g> 

C + CO ~ 2CO [2-4]2<g> <g> 

K [2-5,6]
Z-9 
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Figure 2.2(a) shows the plots of the equilibrium constants 

K _ and K _ as a function of temperature, assuming
2 2 2 9 

activities of solids concerned being unity. For 

temperatures that are high enough to be of any practical 

importance the equilibrium constant K is of high value,
2-2 

and becomes even more favourable as temperature increases 

despite the fact that equilibrium of reaction [2-3] shifts 

to the left with increasing temperature. The direct 

reduction of chalcopyrite with lime as flux is clearly 

thermodynamically favourable. 

2.3.2 Separation of CaS from reduced metals and generation 

ofH~ 

Calcium sulfide will be the sulfur containing pro­

duct if lime is used as flux for the carbothermic reduction 

of chalcopyrite, reaction [2-2]. 

An effective way reported in the literature to sepa­

rate CaS from other solid particles and to generate H S2

subsequently is to pass a H S containing gas through an2

aqueous slurry of the CaS mixture. The H S will be consumed2

by reacting with the CaS to form water soluble Ca(HS) :
2 

(H 0)
2 

Ca(HS) 2 (aq) [2-7] 

Separation from other solid particles can then be accom­

plished by filtration. Subsequent reaction of the Ca(HS) 
2 

filtrate with C02 gas generates two moles of H
2
s per mole 

of Ca(HS) 2 : 
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[2-8] 

In the case of direct reduction of chalcopyrite by 

coal, however, the reduced metal products (copper and iron) 

are highly susceptible to re-oxidation by hydrogen sulfide 

to metal sulfides. Therefore, separation of calcium sulfide 

from other metal products prior to any attempt of 

generating hydrogen sulfide from calcium sulfide is 

essential for the recovery of the metal products. 

2.3.2.1 Through pyrometallurgical process 

In general, separation of reduced metals from other 

reduction by-products can be done most easily by the for­

mation of liquid slag and metal layers. In this case, 

however, CaS is stable in the solid state up to very high 

temperature, at which it decomposes. Hence addition of flux 

is necessary in order to melt CaS, but unfortunately a CaS 

rich slag system with low melting point cannot be found in 

the literature. It appears that a large amount of flux may 

have to be used. This dilution is undesirable for its 

negative effect on the kinetics of the conversion of CaS to 

H2S. Besides, the volume of CaS produced is already more 

than eight times that of copper metal produced. Another 

large flux addition would mean too large a volume of slag 

to be practical. 

Since pyrometallurgical techniques for the separa­

tion of CaS proved unsuccessful, hydrometallugical alter­
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natives are considered. 

2.3.2.2 Through hydrometallurgical process 

The idea of using hydrometallurgical techniques for 

the separation of CaS is to convert the sulfur of water 

insoluble CaS into a water soluble form. 

Considering the treatment with acid, HCl solution, 

the following reactions take place 

CaS + 2HC1 ---+ CaCl + H S [2-9](S) 2 2 ( g> 

CaO + 2HC1 ---+ CaC1 + H 0 [2-10]
(S) 2 2 

Fe + 2HC1 ---+ FeCl + H [2-11]
<s> 2 2<g> 

Copper is inert to HCl solution and it can easily be sepa­

rated by filtration from the rest of the reaction products 

since all chlorides are water soluble. However, the 

regeneration of HCl by the use of C02 , which is readily 

available from furnace flue gas, is far from efficient (it 

has been shown(S) by thermodynamic and mass balance 

calculations that in order to regenerate HCl by co2 , 16 

tonnes of aqueous solution has to be recycled for the 

treatment of 72 grams, i.e. one mole, of CaS solid). 

Furthermore, the use of acid to separate CaS from other 

metal products (Cu, Fe) suffers from the serious 

disadvantage of the generation of H S gas, which would2

re-oxidize copper to copper sulfide (section 2.3.2). 

Alternatively, the treatment with base, NaOH solu­
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tion, is considered. The reaction 

CaS + NaOH + H 0 -+ NaHS + Ca(OH) 	 [2-12]
(9) 2	 <a.q> 2(9) 

yields sodium hydrosulfide which is water soluble. Hydrogen 

sulfide would not be generated since an alkaline solution 

is used; hence no re-oxidation of Cu to CuS. Iron and 

copper are not reactive with NaOH solution, so the 

separation of CaS can easily be accomplished by filtration. 

Reaction [2-12] is thermodynamically feasible, but the 

kinetics are so sluggish that the use of concentrated NaOH 

(>2N) is mandatory. 

In view of the fact that water insoluble calcium 

sulfide is eventually converted to water soluble sodium 

hydrosulfide for filtration separation, the idea of using 

soda, instead of lime, as flux is investigated. In that 

case, water soluble Na2s will be the sulfur containing 

product of the carbothermic reduction of sulfide 

concentrates. 

2.3.3 	 Soda enbanced reduction(e.g. CuFes2-C-Na2co3 ) 

Equilibrium constant of reaction [2-13], K is 
2 -19 

very large and increases slowly with temperature. 

-+ Cu + Fe + 2Na S + 2CO [2-13]
2 	 <g> 

Unlike Caco3 , however, Na2co does not decompose3 

readily to Na2o. Hence, the reaction of interest is 

CuFeS + 4C + 2Na2co -+ Cu + Fe + 2Na S + 6CO [2-14]
2 9 	 2 <g> 
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Figure 2.2(b) is a plot of K
2-13 

and K
2-14 

as a 

function of temperature. This shows that K
2-14 

increases 

dramatically with temperature, due to the strong entropy 

effect. At practical reaction temperatures (>900°C), reac­

tion [2-14] is thermodynamically favourable. Therefore, 

soda is the preferred flux over lime for the carbothermic 

reduction of sulfide concentrates for easier downstream 

operations. 

Na2s can easily be separated from the metal pro­

ducts by simple aqueous leaching. 

[2-15] 

The resulting basic solution ensures a negligible H S equi­2

librium concentration, so the metal products are free from 

re-oxidation to metal sulfides. 

2.4 Generation of H S from aqueous Na 2s solution2

Carbonation process, bubbling with carbon dioxide, 

is the particularly favourable method for the generation of 

hydrogen sulfide from aqueous sodium sulfide solution since 

carbon dioxide is readily available from the LB Furnace 

flue gas. 

These carbonation proc.esses have been of considera­

ble interest in the past and have been described in the 

patent literature(?), in particular. However, very few 

physical-chemical design data is available in the 

literature particularly in regard to the reaction kinetics, 
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which is crucial for industrial reactor design. The major 

objective of this research, therefore, is to study the 

reaction kinetics of the carbonation reaction of aqueous 

sodium sulfide solution, in the attempt of generating 

hydrogen sulfide. 

According to D. Freeman and co-workers(B), the 

principal reaction by which H2S can be produced by 

carbonation of Na2s solution is 

[2-16] 

where NaHS is the hydrolysis product of dissolution of Na 2s 

in water, equation [2-15]. Sodium bicarbonate is regene­

rated by the carbonation reaction as follows 

= 2NaHC09 <a.q> [2-17] 

Hence, the net reaction of [2-16] and [2-17] is 

[2-18] 

The vapour-liquid equilibrium constant, K of 
2-18 

aNaHC0 PH S 
9 2 [2-19]K = 2-18 aNaHS Pco 

2 

,YNaHC0 
9 K= 2-18 [2-20]

rNaHS 
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[NaHC0 ] 

where 3 [2-21]K2-18 = 
[NaHS] 

is a convenient description of the carbonation generation 

of H2S from aqueous Na2s solution. 

Mai and Babb(S) have measured the values of 

over a temperature range of 200 C to 650 C, a pressure range 

of 1 to 5 atm., and a sodium ion concentration range of 

O.lON to 2.0N. They found the effect of pressure on K
2-i8 

to be negligible, and the effect of temperature and total 

sodium ion concentration could be expressed as the 

following correlating equation : 

K = (9. 746 x 10-4 
) C0 

' 
125 exp (2275/T) [2-22]

2-i8 

where C represents the total sodium ion molar concentration 

and T the absolute temperature, 0 K. 

Figure 2.3 illustrates the dependence of the phase 
, 

equilibrium constant K
2-1a 

on temperature and sodium ion 

concentration. It shows that the effect of total sodium ion 

concentration is small as compare to that of temperature. 

Hence, for practical purposes, phase equilibrium constant 
, 

K
2 

_ 
18 

can be estimated as a temperature dependent constant. 

The plot of equilibrium values of PH s/Pco verses 
2 2 

[NaHS]/[NaHC0 ] is shown in figure 2.4, of which the slopes
9 , 

represent K
2 

_ 
18 

values, for various sodium ion concentra­

tions and temperatures up to 65°C. Clearly, the equilibrium 
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partial pressure of H2s is promisingly high, and the 

generation of H2s by carbonation of aqueous Na2s solution 

is thermodynamically more favourable at 25°C than at higher 

temperatures. 

2.5 Measurement of the extent of Na s conversion to H S2 2

One way to determine the extent of Na s conver­
2

sion to H2s is to measure the amount of H2S gas evolved 

during the course of experiment. 

Hydrogen sulfide contaminates mercury (which is a 

common gas confining media used in many gas analysis 

apparatus) and is seldom estimated directly by volume in an 

examination of a gaseous mixture. Instead it is customary 

to remove H S gas from the gaseous mixture by absorption in2 

aqueous solution before the commencement of analysis. ( 10) 

A common treatment for quantitative analysis of H S2

gas is to absorb it in a dilute alkaline ammoniacal zino 

sulfate solution (0.04F ZnS04 ) with the formation of solid 

zinc sulfide. In general, a large excess of ZnS04 is 

necessary to ensure complete absorption of H2S. The 

absorbed H2S is then liberated by acidifying the solution 

with hydrochloric acid and titrated with potassium iodate 

using starch as indicator to a permanent blue 

colour. ( 11 • 12 ) 

In the present case of sodium sulfide conversion 

experiment, however, the exit co2;H S gaseous mixture has2

to pass through well over two litres of dilute ammoniacal 
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4 

ZnS04 solution for complete absorption of H2s gas since 150 

ml of reaction solution with a 0.43F initial 

concentration is used. Attempts to increase 

concentration of ammoniacal ZnS0 solution lead to 

precipitation of Zn(OH) 2 . Furthermore, the exit gaseous 

mixture from the reactor contains a large amount of 

unreacted co gas, which would quickly lower the pH of the2 

absorbing solution. These considerations make the direct 

absorption of H2S evolved during the course of the present 

experiments by a basic solution ineffective and 

impractical. To overcome these difficulties, the residual 

sulfide concentration of the reacted solution, rather than 

the amount evolved, is measured in order to determine the 

extent of conversion. 

With the addition of potassium iodide and dilute 

hydrochloric acid to a sodium sulfide solution, hydrogen 

sulfide is generated according to the equations< 13 ) 

Na S + 2HC1 ~ 2NaCl + H S [2-23]
2 2 

NaHS + HCl ~ NaCl + H S [2-24]
2 

If an appreciable amount of sulfide is present in solution, 

special precautions (e.g. back titration, use of stoppered 

titration flask) must be taken to prevent H S loss through2

volatilization upon addition of acid in the course of 

volumetric analysis. (l 4 ) The H
2
s generated has to be 

titrated at once with potassium iodate to prevent loss. For 
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a mixture of potassium iodate and iodide in an acidic 

media, the position of the equilibrium of equation [2-25] 

lies by far to the right. (l 5 ) 

[2-25] 

Thus, hydrogen sulfide is oxidized by iodine according to 

equation [2-26]. <14 ) 

H S + I ____.. S 2H"'" + 2 I 	 [2-26]
2 2 <s> + 

and the overall redox reaction of [2-25] and [2-26] is 

+ 3H 0 	 [2-27]
2 

At the titration end-point, the excess iodine reacts with 

iodide to form the triiodide ion 

[2-28] 

which in turn forms a complex 	with starch that gives the 

16 )distinctive dark blue colour. <

For the practice of back titration to avoid H2s 

loss, an excess of potassium iodate is added at the 

beginning of titration, and the excess iodine generated is 

later back titrated with sodium thiosulfate according to 

equation [2-28]. 

2S 02
- + I ____.. 	 [2-29]

2 3 2 

To further prevent the loss of H2s through volatilization 

and that of the excess iodine in the case of a back 
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titration, special stoppered titration flasks have to be 

used.< 14 ) 

Kolthoff( 14 ) found that, in alkaline solutions, 

part of the sulfide is oxidized to sulfate in the presence 

of iodine: 

so:- + ar + 4H 0 [2-30]s2-
+ 4!

2 2 

This reaction is appreciable even in a weakly alkaline 

solution of bicarbonate, and thus can be a major source of 

error of the volumetric analysis if the solution is not 

kept acidic during the course of titration. On the other 

hand, in strongly acidic solutions, iodate will oxidize 

iodide or iodine to the +1 oxidation state provided some 

anions such as chloride and bromide are present to 

stabilize this oxidation state. For instance, in solutions 

that are greater than 3N in hydrochloric acid, reaction 

[2-31] proceeds essentially to completion. <15 ) 

[2-31]IO~ + 2!
2 

+ 10Cl 
- + 6H

+ 
---i> 

2.6 Chemical kinetics and reaction mechanism< 17 • 18 ) 

Chemical kinetics is the study of the rates of 

chemical reactions. The rate of a reaction is expressed as 

the change in concentration of any reactant or product per 

unit time. In describing the rate of a reaction, second is 

the most often used unit of time and molarity is the 

preferred concentration unit in solution chemistry. 
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Elementary reactions are reactions that occur in a 

single stage, with no identifiable intermediates. The rate 

of an elementary reaction is simply that given by the 

stoichiometry of the reaction itself. Elementary reactions 

are generally unimolecular or bimolecular, perhaps 

occasionally trimolecular. 

For an overall chemical reaction, it is not only 

necessary to know the chemical kinetics, but also the 

detailed way by which reactants are converted to products. 

A postulated sequence of elementary reactions which 

reflects the correct stoichiometry and predicts the correct 

rate law for the overall reaction is called a 

reaction mechanism. Thus, the studies of chemical kinetics 

are closely related to the development of an understanding 

of reaction mechanisms. 

For a sequence of elementary reactions the rate 

determining step is generally the slow step, as relative to 

the others in the sequence, of which the reverse reaction 

is negligible. In other words, the rate of the subsequent 

rapid reaction which consumes the intermediate is much 

faster than the backward reaction of the slow rate 

controlling step. On the other hand, the concentration of 

any reactive intermediate formed in any rapid step 

preceding a slow rate determining step can be taken as the 

equilibrium value. In an open sequence of elementary 

reactions, the rate of the overall reaction equals to the 
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rate of the rate determining step. As an example, in the 

following sequence of elementary reactions converting 

starting compound "A" to product "D", whereas "B" and "C" 

fo.st slov fo.st 

----> ----> ---->A B c D<---- <--- <--­

are the reaction intermediates, the conversion reaction 

from "B" to "C" is the slow step as compared to the other 

steps. Then the concentration of compound "B" would be in 

equilibrium with compound A; the reaction converting "C" 

back to "B" is negligible; and the rate of the overall 

conversion reaction from "A" to "D" would equal to the rate 

of the slow rate determining step, namely the reaction 

converting "B" to "C". 

The order of a reaction is the sum of the exponents 

of concentration factors in an experimental rate law, or 

reaction order can be used to refer to a particular 

species. 

2.7 Gas-liquid reaction 

Since the conversion of sodium sulfide to hydrogen 

sulfide involves the absorption of carbon dioxide into 

aqueous Na2s - NaHC03 solution, and the desorption of reac­

tion product hydrogen sulfide from the solution to the gas 

phase, it is therefore necessary to examine the elementary 

reaction steps of physical and chemical interaction of gas 
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and 	liquid. 

In general, the phenomenon of mass transfer of any 

gas-liquid systems with homogeneous reaction in the liquid 

phase may be broken down into a number of elementary steps, 

which are summarized as follows< 19 ) : 

(a) 	Diffusion of reactant(s) from the bulk of gas phase 

to the interface between the two phases. 

(b) 	Dissolution of gaseous reactant(s) at the interface, 

at which physical equilibrium may be assumed, i.e. 

the concentration of dissolved gas at the interface 

is in equilibrium with the partial pressure of the 

gas in the gas phase. 

(c) 	Diffusion of the reactant(s) from the interface 

towards the bulk of liquid phase. 

(d) 	Chemical reaction takes place within liquid phase. 

(e) 	Diffusion of reactant(s) originally present in 

liquid phase, and of reaction product(s), within 

liquid phase, due to concentration gradients set up 

by the chemical reaction. 

In the case that involves a production of a volatile 

reaction product 

(f) 	Diffusion of the volatile reaction product from the 

bulk of liquid phase to the interface. 

(g) 	Gasification of the volatile reaction product at the 

interface, at which physical equilibrium may be as­

sumed. 
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(h) 	Diffusion of the volatile reaction product from the 

interface towards the bulk of gas phase. 

2.7.1 Physical absorption( 20) 

For the process of physical absorption, by which 

the gas dissolves in the liquid without chemical reaction 

with the absorbent, it is found experimentally that the 

rate of absorption of the gas is given by 

[2-32] 


where R is the average rate of absorption of gas per unit 

area; a is the interfacial area between the gas and the 

liquid per unit volume of the system; kL is the physical 

mass transfer coefficient; A* is the concentration of 

dissolved gas which is in equilibrium with the partial 

pressure of the gas at the interface; and A0 is the actual 

concentration of dissolved gas in the bulk of the liquid. 

2.7.2 The film model 

This model was first proposed by Whitman( 21 ) in 

1923. It suggests a stagnant film of finite thickness 6 at 

the surface of the liquid next to the gas, such that there 

is no convection within the film and dissolved gas gets 

across it only by diffusion alone. The concentration of the 

dissolved gas in the film falls from A* at the gas liquid 

interface to A0 at its inner edge adjacent to the bulk of 

liquid, of which the composition is kept constant by 
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agitation, figure 2.5. 

For the quasi-steady state diffusion of solute 

across the film, the compositions of both bulk phases 

may be considered constant with respect to time, i.e. 

iJA [2-33]iJt = 0 . 

In the case of physical absorption without chemical reaction, 

iJ2 A iJA
D -- = [2-34] 

A iJx2 iJt 

Hence [2-35] 

dAand DA dx = constant , [2-36] 

where A and DA respectively, is the concentration and 

diffusivity of the dissolved gas in liquid phase; t is the 

time, and x is the distance perpendicular to and from the 

interface towards the liquid bulk. The concentration 

gradient of A between x = 0 and x = 6 is constant, as shown 

in figure 2.5. Thus, 

[2-37] 

Since the steady state rate of absorption is 

[2-38] 

the film model gives the rate of physical absorption as : 

R = D (A* [2-39]
A 

Thus from equation [2-32], 
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kL =n. 1 6 [2-40J 

The parameters -R, kL, A * and A0 are as defined previously. 

The hydrodynamics properties of the system are accounted 

for by the parameter 6, which is affected by liquid turbu­

lance, physical properties of liquid, etc. 

Despite the fact that the film model is not very 

realistic, that a film in agitated system has uniform 

thickness, it does contains an essential feature of the 

real system, namely, that the gas must get into the liquid 

by dissolution and diffusion before it can_ be transported 

by convection. Predictions based on the film model are very 

often remarkably similar, indeed sometimes identical, to 

those based on more sophisticated models, such as Higbie's 

model< 22 ) and Danckwerts's model< 23 ). In fact it is often 

preferable to use the film model, in view of its sim­

plicity, rather than the other more sophisticated ones, for 

the purposes of calculation and prediction. 

2.7.3 Absorption accompanied by chemical reaction< 24 ) 

If the dissolved gas reacts with the liquid, or 

with a substance dissolved in the liquid, the rate of 

absorption will be determined partly by the hydrodynamic 

conditions (physical properties of liquid, geometry of 

absorbing interface, flow rate, etc.) and partly by the 

physico-chemical properties of the system (solubility ·of 

absorbing gas in the absorbent, diffusivity of the gas and 
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of reactants in liquid, and the kinetics of reactions 

occurring in the liquid). 

The film model (steady state diffusion through a 

film of uniform thickness 6) with chemical reaction lead to 

the following equation for chemical absorption : 

2
d AD -- = r [2-41] 

A dxz 

where r is the local rate of reaction that consumes species 

"A". 

Consider the simplest first order irreversible 

reaction as an example, 

[2-42] 


where k is the first order reaction rate constant, and A 
1 

the local concentration of dissolved gas "A". The film 

model equation and corresponding boundary conditions are 

[2-43] 

The solution to equation [2-43] is 

A = 1 
sinhfM 

and 

[2-44] 

0 
A ] YM [2-45]coshY'M -t-a-n"""h_l'M...,..,... 

where 
[2-46] 
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Typical concentration profile of absorption accom­

panied by chemical reaction, together with the one of pure 

physical absorption is shown in figure 2.5. 

The absorption rate equations for some higher order 

irreversible and reversible reactions were reported by 

Danckwerts. In general, the mathematics is quite involved 

even for the simple film model, and for some systems there 

is no analytical solution. 

2.7.4 Gas desorption< 25 ) 

Desorption takes place when the concentration of 

dissolved gas in the bulk of liquid is greater than that at 

the surface; hence the partial pressure of gas which would 

be in equilibrium with the bulk liquid is greater than the 

partial pressure at the surface. 

When the partial pressure in equilibrium with the 

bulk is much larger than the total pressure at the surface, 

i.e. a large degree of supersaturation, bubbles will form 

in the interior of the liquid, and this bubbling will 

greatly enhance the gas desorption due to increase in 

surface and liquid turbulence. On the other hand, a small 

degree of supersaturation does not necessarily imply bubble 

nucleation because of the increased solubility of small 

bubbles due to surface tension< 26 ). In other words, 

although the liquid might be supersaturated relative to the 

gas phase, it might not be supersaturated relative to small 

bubbles. Thus, in order for bubbling desorption to take 
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place, the solution not only has to be supersaturated with 

dissolved gas, but the supersaturation has to exceed 

certain degree. 

In general, according to Shah et al. <
27 ), super­

saturation of a volatile product of a homogeneous liquid 

phase chemical reaction that enhance the absorption of 

another gaseous reactant occurs when inequality [2-47] 

holds 

< 1 [2-47] 

where DA and HA are, respectively, the diffusivity and 

Henry's law constant of the absorbing gas, whereas De and 

He are those of the desorbing volatile product. 

Satisfaction of equation [2-47] is necessary for, but does 

not definitly confirm, the occurence of bubbling 

desorption. There appears to be no quantitative theory on 

bubbling desorption. 

When the partial pressure in equilibrium with the 

bulk liquid is less than the total pressure of the gas 

phase, no bubbling desorption will take place, and the gas 

will be desorbed by diffusion to the existing surface, a 

process analogous to gas absorption such that equations 

derived for absorption may be used for desorption with just 

minor changes. Equation [2-32] for physical absorption can 

be used for physical desorption. The difference is only 

that A
0 

, the bulk concentration of dissolved gas is greater 
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than A* , the concentration at the interface; thus 

[2-48] 


where -R is the rate of desorption. 

In the case of chemical desorption one is concerned 

with reactions which produce the dissolved gas rather than 

destroy it. Unlike chemical absorption, the theory of 

chemical desorption is much less developed in spite of the 

fact that in many industrial gas treating plants the absor­

ber is usually coupled with a desorption unit, where the 

liquid solution is regenerated before being recirculated to 

the absorber. 

Danckwerts reported the general solution for the 

desorption rate of first order irreversible reactions : 

-R = (A - A*)v(D k + k 
2 

) [2-49]e A i .L 

where -R is the rate of desorption and Ae is the concen­

tration of the volatile product A, that would be in equili ­

brium with the liquid of the local composition. The condi­

tion for equation [2-49] to be applicable is that the 

concentration of all reactant species but A is virtually 

uniform at all points, including the interface; in other 

words, their concentrations in the liquid film are vir­

tually the same as in the liquid bulk. 

2.8 Absorption of carbon dioxide in carbonate-bicarbonate 

buffer 	solutions< 28 ) 

The absorption of carbon dioxide in a carbonate­
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bicarbonate buffer solution is accompanied by the following 

overall reaction : 

CO + C02
- + H 0 ____,. 2Hco: [2-50]

2 g 2 .. 

Reaction [2-49] is trimolecular, and therefore it is obvi­

ously the results of a series of reactions in reality. 

Carbon dioxide may undergo two sequences of direct reac­

tions in a weakly basic solution that lead to the overall 

reaction [2-50], namely the reaction with water and with 

hydroxide ion : 

____,. + H+C0 + H 0 aco; [2-51]
2 2 

C02 
- H+ ____,. 

g + HCO~ [2-52] 

and 

____,.C0 + OH - aco; [2-53]
2 

C02 
- ____,. 

g + H 0 HCO~ + OH- [2-54]
2 

2.8.1 Reaction between carbon dioxide and water 

According to equation [2-51], carbon dioxide reacts 

with water to form bicarbonate and hydrogen ions. The 

amount of molecular carbonic acid, H2co3 , formed is known 

to be negligible under all conditions. <29 • 30 ) The 

equilibrium constant K which is the first acid
2-5t 

ionization constant of carbonic acid Ka ' at various1 

temperature and infinite dilution has been reported by 

Harned and Owen( 3l) and may be summarised by equations 

[2-55] and [2-56] : 
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[HCO~] [H""] 
K = K - [2-55]

2-51 a1 ( co ) - [C0 ]
2 2 

logKal(co) = -3404.7/T + 14.843 - 0.03279T [2-56] 
2 

where Kal of carbonic acid is measured in molarity, T in 

degrees Kelvin. 

The rate of reaction [2-51] is first order with 

respect to the concentration of carbon dioxide. Values of 

the forward rate constant k
2-51 

at various temperature and 

infinite dilution may be summarised by( 32 ) 

logk = 329.850 - 110.541logT - 17265.4/T [2-57]
2-51 

where T is measured in degrees Kelvin. The effect of ionic 

strength of the solution on k is negligible( 33 ).
2-51 

Reaction [2-52] is considered to be instananeous 

since it involves only a transfer of proton, and thus it 

may be assumed that equilibrium is maintained. The 

equilibrium constant K
2-52 

is the inverse of the second 

acid ionization constant Ka2 of carbonic acid. The function 

of Ka2 of carbonic acid with temperature as variable at 

infinite dilution is given by equation [2-60]. <31 ) 

= [2-58] 
[HCO~] 

[HCO~] 
= [2-59] 
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[2-60]logKa2(co ) = -2902.4/T + 6.498 - 0.0238T 
2 

2.8.2 Reaction between carbon dioxide and hydroxyl ion 

The reaction between carbon dioxide and hydroxide 

ion, equation [2-53], in the forward direction is first 

order with respect to the concentration of carbon dioxide 

and hydroxide ion individually. Hence, the overall kinetics 

of reaction [2-53] is second order. Values of k
2 

_
53 

at 

infinite dilution at various temperature may be summarised 

by the expression< 32 ) : 

logk
2 

_
53 

= 13.635 - 2895/T [2-61] 

It was reported( 32 ) that the rate constant k increases
2-53 

with increasing ionic strength due to sodium chloride ions. 

Although the effect of ionic strength on k depends on 
2 

_
53 

the kind of ions present, the results for sodium chloride 

ions can be used to give a rough estimate of in a 

solution of given ionic strength. 

Since reaction [2-54] involves only a transfer of 

proton, it may be considered to be instananeous, and thus 

chemical equilibrium may be assumed to prevail at all time. 

In a carbonate-bicarbonate buffer solution, the 

concentration of hydroxide ion depends on the ratio of 

carbonate to bicarbonate ion concentration according to 

equation [2-62] : 
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[co:-J
[OH-] 	 [2-62]= K2-54 = ~-54{3

[HCO~] 

[CO:-] 
where {3 [2-63]= 

[HCO~] 

The equilibrium constant K2_ is actually the ratio of54 

water ionization constant, K , to the second dissociation w 

constant of carbonic acid. 

[2-64]K = 2-54 

[2-65]where 

Both equilibrium constants Kw and Ka2 of carbonic 

acid increase with temperature. Since the effect of tempe­

(31,34)
rature on Kw is stronger than that on Ka2 the 

equilibrium constant K2_ also increases with temperature.54 

It was noticed that the value of equilibrium 

constant K2_ vary markedly with the ionic strength and54 

the species of ion present in the solution< 35 >. In general 

K2_ decreases with increasing ionic strength of the solu­

tion. 

2.8.3 Overall absorption rate of carbon dioxide in 

carbonate-bicarbonate 	buffer solution 

The overall absorption rate of carbon dioxide in 

54 
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carbonate-bicarbonate solution is clearly the sum of the 

individual reaction rate of equation [2-51] and [2-53], 

since both reaction [2-52] and [2-54] are instantaneous. 

Hence, 

[2-66] 

and from equation [2-62], 

[2-67] 

where [2-68] 

The effect of ionic strength of solution on k
2-!51 

is negligible (section 2.8.1). On the other hand, the 

product "k _ K _ " decreases with ionic strength, but 
2 59 2 54 

this effect is not significant probably because, with 

increasing ionic strength, k increases while
2-!59 

diminishes (section 2. 8. 2). Therefore the overall 

absorption rate constant k decreases slightly with
2-!50 

increasing ionic strength of solution. 

All the parameters k , k and K increase
2-!51 2-5 9 2-!54 

with increasing temperature (section 2.8.2), so that the 

product "k 
59 

K ... " 
2­ 2-!5.. 

increases rather rapidly. Nijsing and 

Kramers reported values of "k K " 
2-!59 2-!54 

at 20, 25 and 30°C 

as 0.56, 0.80 and 1.4/sec respectively< 38 >. Therefore, the 

overall absorption rate constant k is expected to
2-!50 

increase with temperature. 

At 25°C and infinite dilution, the value of k
2-!51 
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is about 0.026/sec (equation [2-57]). When this value and 

that of "k K " are inserted into equation [2-68], the 
2-53 2-54 

overall rate constant of chemical absorption of co2 in 

carbonate-bicarbonate buffer solutions at 25°C and infinite 

dilution is given by : 

k 5 = 0.026 + 0.80~ [2-69]
2- 0 

Clearly, for any solution that is not almost completely 

converted to bicarbonate, the reaction of carbon dioxide 

with water is relatively insignificant as compared to that 

with hydroxide ion. For instance, at pH 10.0 ~ has a value 

of 0.46. Thus, the product "k K ~ .. equals to 0.37,
2-59 2-54 

which is over 14 times greater than k .
2-51 

However, it was reported that the reaction between 

carbon dioxide and water can be catalyzed, and may then 

become faster than reaction [2-53]. Apart from carbonic 

anhydrase (an enzyme present in blood) and arsenite< 37 ), 

the most effective catalysts are the anions of certain weak 

acids< 38 ). In general, the rate of catalysed reaction is 

proportional to the concentration of the catalytic species. 

Therefore, the overall absorption rate of carbon dioxide in 

solution in the presence of catalyst becomes 

[2-70] 

where k is the catalytic reaction rate constant corres­
8 

ponding to anion B-. Unfortunately, the catalytic rate 
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constant of hydrosulfide anion does not appear to be in 

literature. 

2.9 Solubility of gas in aqueous solution 

According to Henry's law, the concentration CA of 

dissolved gas A that is in equilibrium with a partial 

pressure PA of the gas is given by <39 ). 

[2-71] 

where H is the Henry's law constant and has dimension 

1 atm/mol. In general the above expression is valid as long 

as the concentration of dissolved gas is small and the 

temperature and pressure are far from the critical tempera­

ture and pressure of the gas. 

If the gas reacts in solution, Henry's law applies 

to the concentration of unreacted gas, rather than to the 

total concentration of reacted and unreacted forms of the 

gas. 

In ideal solutions, the Henry's law constant is 

only temperature dependent and it generally increases with 

increasing temperature, whereas the solubility of gas 

decreases. 

When considering chemical absorption of gas, it is 

often necessary to know the solubility of the unreacted gas 

in solution with which it reacts. In the case of 

electrolyte solutions, the solubility can be estimated by 

the empirical method of Van Krevelen and Hoftizer< 40 >, 
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which relates the solubility in solution to that in pure 

water at the same temperature by means of the expression : 

[2-72] 

where Hw is the value in pure water; h is the salting out 

coefficient and I is the ionic strength of the solution 

defined by : 

I = -1 
2 :EC.Z.2 [2-73]

l. l. 

Ci being the concentration of ions of valency Zi. 

The value of Hw of carbon dioxide ·and hydrogen 

sulfide at different temperatures are given by V.M.Ramm< 41 ) 

using mole fraction as the concentration unit for the 

dissolved gas. The corresponding numbers with the more 

convenient unit of 1 atm/mol are listed in table 2.1. 
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temperature 
(oC) 

H w 
C02 

(atm/M) 

H2S 

20 25.6 8.70 

25 29.3 9.81 

30 33.4 11.0 

35 37.7 12.2 

40 41.9 13.4 

45 46.2 14.8 

50 51.0 15.9 

60 61.3 18.5 

Table 2.1 Henry's law constant of C02 and H S2
in pure water at various temperatures. 

The salting out coefficient h is the sum of 

contributions of the gas species hg and of the positive and 

negative ions, h+ and h_ respectively, present in solution: 

h=h +h+h [2-74]
g + ­

In mixed electrolytes, the value of H, as suggested 

by Danckwerts< 42 >, can be estimated by an expression of the 

form : 

[2-75] 


where and h 1 , respectively, are the ionic strength and11 

salting out coefficient attributable to species number 1 of 

the electrolytes. 
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2.10 Generation of elemental sulfur from hydrogen sulfide 

As mentioned.in section 2.3, the final major step 

of the direct reduction of sulfide concentrates in LB 

Furnace is the conversion of hydrogen sulfide to ele­

mental sulfur. There are many well established industrial 

processes for this purpose for the treatment of coke oven 

gas< 43 >, natural gas and other manufactured gases< 44 ). 

2.10.1 Claus process 

Probably the most well known and widely used 

industrial sulfur production process for treating hydrogen 

sulfide containing gas is the Claus process. It was 

developed in about 1890 and is applicable for production of 

sulfur from acid gas streams containing more than about 15 

percent H S.2

The original Claus process involved the oxidation 

of hydrogen sulfide with air over a bauxite or iron ore 

catalyst in a simple reactor with the overall reaction 

1 0
H S + 0 ---. S + H 0 [2-76]

2 2 2 2 

The first significant advancement was made in about 

1937 by I. R. Farbenindustrie< 45 >. Instead of burning all 

the H2S directly over the catalyst, one-third of the H S2

was burned to sulfide dioxide in a waste heat boiler. The 

so2 produced was then reacted with the remaining a s over2
bauxite at 700-750°F. 

http:mentioned.in


-40­

[2-77] 


35° + 2H 0 [2-78]
2 

Actually, the reactions that take place in a Claus reactor 

are seldom as simple as depicted by equations [2-77,78]. 

The reactions occuring in the burner and on the catalyst 

surface are complex and involve many oxygen, sulfur and 

oxysulfur intermediates. Furthermore, there are several 

molecular forms of sulfur that can exist, namely s2 , ands6 

s8 . Opekar and Goar( 4S) reported that other molecular 

sulfur species s3' 54, s5' and s7 do exist, but their 

amounts are negligible. 

Another development of the Claus process was the 

high temperature, up to 1000°C, non-catalytic combustion of 

H2S with air to produce elemental sulfur directly. The 

yield of this non-catalytic generation of sulfur from H2s 

can be as high as 90 percent. 

2.10.2 Bioreactor-based H2S treatment system 

It has been reported that a new bioreactor-based 

hydrogen sulfide treatment system particularly for co ;H2s2
mixtures was recently developed in Japan by Dowa Mining 

Co.,Ltd. and NKK(S)_ This new process uses bacteria call 

thiobacillus ferrooxidans (TBFO) to treat H2s containing 

gases. 

In the absorber of this system, the H2S of the 
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incoming raw gas is absorbed and oxidized by a solution of 

ferric sulfate. Elemental sulfur is produced while ferric 

sulfate is reduced to ferrous sulfate according to the 

following equation 

[2-79] 

The elemental sulfur produced is separated by dewatering in 

a sulfur separator, and the ferrous sulfate in the 

absorbing solution is oxidized back to ferric sulfate by 

the bacteria, after which the absorbing solution is 

recirculated to the absorber. 

[2-80] 

The above absorbent regeneration reaction is extremely slow 

under normal conditions, but with TBFO the reaction rate 

can be increased by as much as 500,000 times. 

Perhaps the most attractive feature of this new H2s 

treatment system is its low operating cost, which is the 

result of several advantageous aspects of this system. It 

is operated at ambient temperature and atmospheric pressure 

which makes energy costs minimal, and the operation and 

maintenance of the system easier. It does not require any 

catalysts or special chemicals; only ferric sulfate is used 

as absorbent. There is no side reactions, therefore no 

byproducts and no degradation of the absorbing solution. It 

does not generate any effluent, so there is no need for 
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waste-water treatment. Furtheremore, as the absorbent is 

acidic, the system has H S selectivity under coexistence of2

co in the incoming raw gas. 
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Figure /.. 1 Cross section of bench-scale LB Furnace 
(from ref. 4) 
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Figure 2.5 Film model of gas-liquid reaction. 



CHAPTER 3 


EXPERIMENTAL WORK 


3.1 Introduction 

The desorption of H S from aqueous Na2s solution2

enhanced by C0 bubbling was studied with the use of a2 

simple gas washing bottle equipped with fine porosity dis­

persion cylinder as reactor. 

The effects of various physical variables, namely, 

temperature, co2 flow rate, co2 partial pressure and 

sulfide concentration, on H S desorption rate were investi ­
2

gated. Furthermore, the reaction system's interfacial areas 

at the various pre-determined co2 flow rates used in 

experiments were estimated in order to evaluate the rate 

constants. 

3.2 Experimental design 

3.2.1 Ng S Stock solution2

Due to the hygroscopic nature of Na2s crystals and 

the 2% sulphite and sulphate impurities of the BDH reagent 

grade Na2s used, the accurate preparation of Na2s solution 

of a given concentration by accurate weighing of Na2s 

solids followed by dissolution in water is not feasible. 

Therefore, stock solutions within a close range of the 

pre-determined concentration (1.3M) were prepared by 

weighing the approximate amount of Na s solids to dissolve2

-47­
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in distilled water. The exact concentrations were then 

determined by iodometric titration with excess potassium 

iodate and back titrated with sodium thiosulphate. Several 

Na2s stock solutions were prepared and consumed in the 

course of this research work. Special attention was paid in 

trying to get identical concentrations, but due to the fact 

mentioned above, the concentrations of the Na2S stock 

solutions prepared were in the range of 1.22 to 1.33 molar. 

3.2.2 	 PhYsical Variables 

Physical variables studied in this research project 

were (a) temperature, (b) co2 gas flow rate, (c) 

composition of gas, (d) pressurized system and (e) 

concentration of reactants. 

(a) It is necessary to conduct kinetic study of the 

H2S generation process at various temperatures to determine 

the most desirable temperature for industrial operations. 

Higher than room temperature operations may be beneficial 

for the following reasons : 

(i) reactions being thermally activated, the 

kinetics may improve significantly at higher temperature. 

(ii) The solubilities of the reactants, both Na2s 

and NaHC03 , increase with temperature. This results in more 

concentrate solution and higher reaction rate, which leads 

to a smaller reactor with lower capital and operational 

costs. 

(iii) Equilibrium partial pressure of gaseous H s 
2
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over a solution of dissolved increases with 

temperature, i.e. higher temperature enhance 

desorption. 

(iv) Since the product out of the LB furnace is 

hot, the aqueous solution obtained upon dissolution in 

water is at higher temperature without additional cost. 

High reaction temperature, however, has one major 

draw back, namely, the aqueous C0 concentration which2 

would be in equilibrium with the gas phase decreases with 

increasing temperature. This decrease in co absorption2 

obviously will lower the driving force of H S generation.2

Furthermore, it was shown in section 2.4 that higher 

temperatures are thermodynamically less favourable for the 

overall reaction. 

Accordingly, four temperatures were chosen, 25°C, 

35°C, 45°C and 55°C, in order to study the effect of 

temperature on H2s generation. 

(b) In general, the rate of H2S generation 

increases with co gas flow rate due to the increase in2 

supply of reactant ( C02 ), surface area and the turbulence 

of both gas and liquid phase. It is expected that the 

effect of increasing co2 flow rate on H2s generation would 

be close to linear at the low flow rate region and with 

diminishing effectiveness as C02 flow rate is further 

increased. 

Higher flow rate, however, may leads to a less co
2 
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utilization and lower H2s concentration in the outlet gas, 

which may be undesirable for the generation of elemental 

sulphur since existing technologies for the production of 

elemental sulphur favour as high a H2S content as possible. 

It is desirable that the H S content of the gaseous mixture2

be higher than a certain minimum value. Besides, high co2 

flow rate may. cause mechanical difficulty and larger 

reactor being necessary due to larger gas hold-up volume. 

Experiments of five different co gas flow rates2 

(129, 155, 265, 397 and 495 ml/min) were conducted in order 

to study the effect of C0 flow rate on the kinetics of the2 

H S generation process. High speed movie camera was used to2

study the bubble size distributions of the various flow 

rates in order to estimate the interfacial areas. 

(c) Since desorption of H2s gas from aqueous Na2S 

solution is more favoured by the lowering of pH, which is 

accomplished by the absorption of C0 gas, the kinetics of2 

H2s desorption is expected to depend on the co2 partial 

pressure of the inlet gas. Accordingly, four sets of 

experiments of different co partial pressures, namely2 

atm, 0.716 atm, 0.417 atm and 0.1213 atm, with N as inert
2 

gas to make up to 1 atm total pressure for the systems with 

lower C02 partial pressure, were conducted in order to 

study the dependence of H S desorption rate on co partial2 2 

pressure of inlet gas. 

(d) Henry's law, which is usually valid for dilute 

1 
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system, indicates a linear relationship between 

concentration of a dissolved gas in solution and the 

equilibrium gaseous partial pressure. It is important to 

test the validity of this linear relationship for systems 

of higher pressure to assess the advantage of using a 

pressurized reactor. Due to equipment constraint in the 

laboratory, pressures of only 129 kPa (4 PSIG) and 163 kPa 

(9 PSIG) were studied. 

(e) It is anticipated that the H2s generation rate 

would depend on the concentration of dissolved H2S, which 

is readily in equilibrium with HS ion, in the aqueous Na 2s 

solution. 

All experiments were isothermal and started off 

with approximately the same Na2S concentrations but 

terminated after different reaction time. The amount of 

unreacted sulfide in solution could therefore be directly 

measured. This gave the concentration of Na2S in solution 

as a function of reaction time, and hence enabled the 

determination of the dependence of H s desorption rate on2

sulfide concentration. 

3.3 Experimental Technique 

3.3.1 Description of experimental set up and equipment 

A diagram of the experimental set up is shown in 

figure 3.1 Coleman instrument grade C02 gas, whose mass 

flow rate was accurately controlled by a Mathesson mass 

flow meter (model 8259,SP-1734), was delivered to the 
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aqueous 	Na S-NaHC0 solution contained in a gas washing
2 3 

bottle used as reactor. The washing bottle was equipped 

with fritted cylinder of coarse porosity, 40-60 microns, 

which delivered fine bubbles with diameters less than 1 mm. 

The dimensions of the reaction bottle are as following 

inner diameter 33 mm; dispersion tube outer diameter 8 mm; 

fritted cylinder 12mm in diameter and 20 mm long; solution 

mixture depth 16.5 em without gas bubbling. The reaction 

bottle was submerged in a water bath whose temperature was 

controlled to within 0.5°C by a Brinkmann circulator (model 

IC-2). The reacted gas after passing through bubblers 

containing alkaline sodium nitroprusside and/or silver 

nitrate eventually exited to the fume hood exhaust. 

For the iodometric titrations of the reacted solu­

tions, attention was called for and special apparatus was 

used to minimize the loss of and H2S gas in the courseI 2 

of titration. The burette used , figure 3.2(a), was equip­

ped with an inner $ 24 joint at the tip to match the joint 

of the titration flask, figure 3.2(b), which had a gum gas 

expansion bag attached to the side arm to release the 

pressure of H2S and C0 gas evolved upon addition of dilute2 

HCl acid. 

3.3.2 	 Calibration of mass flow meter 

The gas mass flow meter and blender used had co
2 

and N2 transducers of a full capacity of, respectively, 2 

litres and 3 litres (at standard temperature and pressure) 
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per minute. The flow setting was a digital display of the 

percentage of these full capacities, but it was not 

accurate for flows that were either very large or small 

with respect to the full capacities. Some of the flow rates 

used in the experiments were less than 10 % of the full 

capacities of the transducers, and it was therefore 

necessary to calibrate the transducers to get the exact 

flow rates at different percentage settings of our 

interest. 

The exact flow rates were measured under room 

temperature and atmospheric pressure by using a graduated 

column with gas introduced at the bottom and soap bubble 

film formed near the inlet gas opening. By measuring the 

rising speed of the bubble films the actual flow rates were 

determined. 

To minimize uncertainty, the percentage settings 

used in the H2S conversion experiments were those measured 

for the preparation of the calibration curves. 

3.3.3 Experimental procedures 

3.3.3.1 Preparation of solutions 

(a) Concentrated Na2s stock solution was prepared 

by dissolving about 330 grams of Fisher Scientific reagent 

grade Na2S·9H20 crystals in distilled water and made up to 

one litre. The exact concentration was determined by 

iodometric titration. Several concentrated Na s stock2

solutions, ranging from 1.22 to 1.33 molar, were prepared 
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and consumed in the course of the research. 

(b) 0.9 M NaHC0 stock solution was prepared by3 

accurately weighing to the nearest 0.1 mg analytical 

reagent grade NaHC0 crystals, followed by dissolution in3 

distilled water and quantitatively diluted to one litre. 

(c) Potassium iodate is available in a high state 

of purity and can be used for the direct preparation of 

standard solutions which are stable indefinitely. 

About 6.65 g of Caledon Laboratories Ltd's reagent 

grade KI03 was weighed accurately to the nearest 0.1 mg and 

dissolved in about 900 ml of distilled water which was 

then transferred quantitatively to a one litre volumetric 

flask and diluted to the mark to obtain a 0.03 M solution. 

(d) On the other hand, thiosulphate solutions are 

less stable and cannot be used as primary standard. Among 

the variables affecting the stability of thiosulphate 

solutions are the presence of microorganisms, concentration 

and pH value of the solution , and the exposure of the 

solution to atmospheric oxygen and sunlight. Normality of 

thiosulphate solutions can decrease by a few percent in a 

few weeks. The most important single cause of instability 

is the presence of certain bacteria that metabolize the 

thiosulphate ion, converting it to sulphate, sulphite and 

elemental sulphur. Solution that are sterile are remarkably 

stable. 

Approximately 0.1 N Na s solution was prepared2 2o3 
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by dissolving 15.81 grams of Na2s2o3 solids in one litre of 

cool distilled water which was freshly boiled for 10 

minutes in a beaker covered with a watch glass. About 0.1 

gram of Na2co3 was added to the solution which was then 

transferred to a clean stoppered bottle and stored in the 

dark. 

The exact concentration was later determined by 

iodometric titration using potassium iodate as primary 

standard. 

(e) Starch solution is the most widely used 

indicator in iodine titrations which gives an intense blue 

colour at the presence of a trace of triiodide ion. Aqueous 

starch suspensions decompose within a few days by bacterial 

action whose products may consume iodine and interfere with 

the indicator properties, but the rate of decomposition can 

be greatly reduced by preparing and storing the indicator 

in sterile conditions. 

A paste of about 2 grams of soluble starch and 10 

mg of Hgi 2 , act as preservative, in about 30 ml of water 

was poured into one litre of boiling distilled water and 

heated until the solution was clear, which was then 

transferred to a stoppered bottle for storage when cooled. 

About five ml of this starch solution was used for 

each titration. 

3.3.3.2 	 Determination of the concentrations 

of master and standard solutions 
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Potassium iodate was used as primary standard, and 

the kind of burette and titration flask described in 3.3.1 

was used for all iodometric titrations in order to minimize 

the loss of H2S and r .2 

To determine the concentration of standard Na2s2o3 , 

a buret was cleaned and filled with Na2s2o solution. Ten3 

ml aliqout of standard KI03 solution was transferred to a 

titration flask, and about two grams of iodate-free 

potassium iodide was added. Ten ml 1.0 N HCl was added and 

the solution was titrated immediately,· to prevent iodine 

loss, with Na 2s2o3 until the colour of the solution became 

pale yellow. About five ml of starch solution was added and 

the solution was titrated to the disappearance of the blue 

colour. Acidity of the solution was checked with pH paper. 

In the check runs Na2s2o3 was added all at once up to 0.5 

ml before end point to minimize r 2 loss. 

To determine the concentration of Na2s master 

solution, 2 grams of KI and 5 ml of starch solution was 

added to 10 ml aliquot of ten-fold diluted Na s solution.2

Ten ml 1.0 N HCl was added and the solution was immediately 

titrated with KI0 to a deep purple colour to minimize H s3 2

loss due to the formation and gasification of H2S upon 

addition of HCl. Since some H s was in the gas phase, the2

solution was let stand for one minute to ensure complete 

oxidation. The excess KI03 was then back titrated with 

Na2s2o3 to colourless and the acidity of solution was 
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checked. In the check runs, KI0 3 of just 0.5 ml over the 

end point was added all at once to minimize the loss of H2S 

and r .2 

3.3.3.3 Conversion of Na2s to H2~ 

For the experiment of converting aqueous Na2S to 

H2s gas with co bubbling, the general procedure was2 

as described below. 

Fifty ml of Na2s stock solution was accurately 

measured and put in the water bath in a stoppered flask for 

10 minutes before the start of experiment to let the 

solution reach experimental temperature. One hundred ml 

aliquot of NaHC03 stock solution was transferred to the 

reaction bottle in the water bath and prebubbled for 10 

minutes with the pre-determined co flow rate in order to2 

flush out all the air and to facilitate the solution to 

reach the water bath temperature. 

At the start of experiment, the Na2S solution was 

added to the reaction bottle through the stopcock at the 

top of the bottle, figure 3.1. Temperature of the water 

bath was kept constant to within 0.5°C and the co flow2 

rate accurately controlled by a mass flow meter during the 

course of reaction. 

Since the extent of the H2S generation reaction was 

determined by measuring the sulfide content difference of 

the solution before and after reaction, it was necessary to 

retrieve all the reacted solution and prevent the loss of 
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H s through gasification after the pre-determined reaction 

time when the bubbling of co2 was stopped. Accordingly, at 

termination time of reaction, the reacted solution was 

quantitatively and promptly transferred to a beaker and 

diluted to about 800 ml to minimize further reaction after 

pH value of the solution was measured by a Fisher Accumet 

pH meter, model 140. The reaction bottle and dispersion 

tube was quickly washed many times with distilled water, 

which was afterwards added to the dilute reacted solution. 

The solution was then quantitatively transferred to a one 

litre volumetric flask and made up to the mark with 

distilled water. 

Titrations were carried out right away to determine 

the extent of conversion. About 2 grams of KI was added to 

a 25 ml aliquot of the diluted reacted solution in a 

titration flask. Five ml starch solution and 10 ml 1.0 N 

HCl was added to the solution which was immediately 

titrated to a colour of purple with KI0 3 to prevent the 

loss of H2s upon addition of HCl. Acidity was checked by pH 

paper and more 1.0 N HCl solution was added if necessary to 

ensure the pH value was between 2 and 5. A mixture of co2 

and H2S gas was collected in the gas expansion bag 

(attached to the side arm of. the flask), which was 

compressed every few seconds for one minute to facilitate 

the reabsorption and oxidation of the H S gas. The excess2

KI0 3 was then back titrated with Na2s to a colourless2o3 
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end point. Two check runs were conducted and the average 

value was used to determine the extent of Na2s conversion. 

To prepare for future experiment, the fritted cy­

linder of the dispersion tube was cleaned with dilute HCl 

solution after every run to remove the small amount of 

NaHC03 crystals that formed on the pores in the course of 

reaction, which would otherwise build up to the extent of 

completely blocking the gas flow. 

It was designed to study one variable at a time, 

i.e. changing only one variable while keeping the others 

constant. The extent of conversion at different period of 

time for four different temperatures, 25°C, 35°C, 45°C and 

55°C, with a flow of 129 ml/min pure co at atmospheric2 

pressure were measured. Another four higher flow rates, 

155, 265, 397 and 495 ml/min of pure co2 at 350 C and atmo­

spheric pressure were studied. 

Three series of lower partial pressure 

experiments at 35°C, atmospheric pressure and a flow rate 

of about 370 ml/min were studied. Nitrogen was used as the 

inert mixing agent. 

For pressurized systems, the experimental set up 

was the same as before except that the sodium nitroprusside 

and silver nitrate bottle were replaced by a pressure gauge 

and a Matheson corrosion resistant low pressure gas 

regulator (model 3332), figure 3.3, which was closed at the 

start of experiment in order to build up the pressure and 
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was not partially opened until the desired pressure was 

reached. Due to equipment constraint, two higher pressures 

of only 129 kPa (4 PSIG) and 163 kPa (9 PSIG) were studied. 

The flow meter setting which corresponded to a flow rate of 

397 ml/min at room temperature and atmospheric pressure was 

used. The actual volumetric flow rates, however, were 

reduced according to Boyle's law since a mass flow 

controller was employed. Therefore, the flow rates for the 

series of 129 and 163 kPa experiments were, respectively, 

311 and 246 ml/min. It was noticed that it took the 

reaction system about 2 minutes to reach 129 kPa, and 4 

minutes to 163 kPa. 

3.3.3.4 Estimation of interfacial area 

Since H2S desorption rates measured in the experi­

ments are the products of interfacial areas and a number of 

other kinetic parameters, it is therefore necessary to 

estimate the interfacial areas in order to evaluate the 

rate constants. 

(i) Bubble size distribution and retention time 

With the knowledge of gas flow rate, interfacial 

area can be determined if average retention time and bubble 

size distribution are known. 

High speed motion picture camera, HYCAM II model 

41-0014 which are capable of taking thousands of frames per 

second, was used to shoot the reaction vessel in hope of 

estimating bubble size distribution and average retention 
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time. 

The attempt of taking the whole picture of the 

reaction bottle in order to count the total number of 

bubbles and trace individual bubble's path in liquid was 

unsuccessful due to poor resolution of the numerous fine 

bubbles of the system (majority of the bubbles are less 

than 1 mm in diameter). Therefore, close up shots of larger 

magnification at a speed of two hundred frames per second 

were taken for a small section of the reaction bottle. 

The film was analyzed with the use of a high speed 

movie projector. The speed at which a bubble travels could 

be determined by measuring the displacement of the bubble 

for a certain number of frames. Bubble retention time, 

however, could not be measured with any degree of 

certainty, since bubbles had sideways and circular motions 

due to strong turbulence but the pictures of the reaction 

system only covered a small section of the reaction bottle. 

Photographs of the projection image on screen were 

taken using ordinary camera in order to obtain prints, 

since prints could not be produced directly from movie 

films. 

The bubble size distribution of each experimental 

co2 gas flow rates was estimated by measuring and counting 

distinguishable in focus bubbles on several corresponding 

photographs. 
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(ii) gas hold-up volume 

Due to the fact that the retention time of bubbles 

could not be determined using photographic method, it is 

therefore necessary to measure gas hold-up volumes in order 

to evaluate interfacial areas. 

Experiments of different flow rates were conducted 

and the liquid line at different time was marked on the 

side of the reaction bottle. Water was later added from a 

burette to the solution, after bubbling was stopped, to 

bring the liquid line to the marks. The amounts of water 

added were the estimates of gas hold up volumes, from 

which, with the knowledge of bubble size distributions, 

interfacial areas can be evaluated. 
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(a) 	 (b) 

Figure 3.2 (a) 	Titration burettte, with inner $24 joint at 
the tip 

(b) 	Titration flask, with matching joint and 
gas bag on side arm. 
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CHAPTER 4 


Results 


4.1 Summary 

The overall rate of conversion of aqueous Na s to
2

H s by co bubbling was found to be strongly dependent on
2 2 

C02 partial pressure and flow rate, but fairly insensitive 

to reaction temperature. It was also shown that 

pressurising the reaction system is kinetically 

advantageous. 

The conversion kinetics improve with co2 flow rate 

and eighty percent conversion can be achieved in less than 

forty-five minutes even with a rather low flow rate of 155 

ml/min at atmospheric pressure. 

The bubble size distributions of the five pre­

determined flow rates were estimated and interfacial areas 

2 3determined. The surface areas range from 1.9 to 5.7 em /em 

of solution, from the lowest to highest flow rate. However, 

deviations in interfacial area among photographs of systems 

under supposedly the same conditions are in some cases 

relatively large as compared with that due to variation in 

C02 flow rates. 

4.2 Calibration of mass flow meter 

The actual gas flow rate at different mass flow 

controller settings were determined as described in 3.3.2. 
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Table 4.1 is a list of the results, which were used to plot 

the calibration curves in figure 4.1. 

To minimize uncertainty, the flow settings used in 

H S generation experiments were those points measured for 

the preparation of the calibration curves. 

Table 4.2 is a summary of the gas flow volume and 

composition for the set of various co partial pressure2 

experiments described in 3.3.3.3. 

C02 transducer N2 transducer 

Flow setting 
(% of full 

capacity) 

actual flow 
rate 

(ml/min) 

Flow setting 
(% of full 

capacity) 

actual flow 
rate 

(ml/min) 

5.0 
8.8 

10.0 
15.0 
20.0 
25.0 

45 
129 
155 
265 
397 
495 

3.3 
6.7 

10.0 
13.3 

105 
218 
326 
433 

Table 4.1 	 Actual flow rate of mass flow controller, at 

room temperature and atmospheric pressure. 

(full capacity : co transducer 2 SLPM2 
N transducer 3 SLPM )2 
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co2 partial 
pressure(atm) 

flow rateco2. 
(ml/min) 

flow rateN2 
(ml/min) 

total flow 
rate(ml/min) 

0.121 

0.417 

0.716 

1.000 

45 

155 

265 

397 

326 

218 

105 

0 

371 

373 

370 

397 

Table 4.2 	 Volume and composition of the gas flows 

of the N2-co mixtures.2 
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4.3 Temperature dependence of Na2s conversion rate 

The residual sulfide concentration after different 

reaction time of experiments conducted at different 

reaction temperatures are listed in table 4.3. These values 

were used to computed the percent conversion of Na s to2

H2s, which are listed in table 4.4 and used to plot the 

percent conversion verses time curves in figure 4.2. 

The effect of temperature on the overall conversion 

rate of Na2s to H S is small, as indicated by figure 4.2.2

Time(min) 

25°C 

Temperature 

35°C 45°C 55°C 

0 0.442 0.442 0.442 0.442 

15 0.354 0.361 0.364 0.371 

30 0.178 0.195 0.210 0.221 

45 0.093 0.115 0.129 0.143 

60 0.051 0.061 0.073 0.089 

90 0.015 0.020 0.027 0.040 

120 0.010 0.011 0.015 0.019 

180 0.008 0.008 0.008 0.009 

Table 4.3 	 Residual sulfide concentration (M), as 

functions of temperature and reaction time. 

(C0 flow rate 129 ml/min; 0.600F [NaHC0 ] ;2 3 0 
NaHC03 prebubbled for 10 min) 
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Time(min) 

25°C 

Temperature 

35°C 45°C 55°C 

15 19.8 18.4 17.7 16.0 

30 59.8 55.8 52.4 50.0 

45 78.9 74.0 70.8 67.7 

60 88.5 86.3 83.5 79.8 

90 96.5 95.4 93.9 90.9 

120 97.8 97.4 96.7 95.6 

180 98.2 98.2 98.1 97.9 

Table 4.4 Percent conversion of Na s to H S, as2 2
functions of temperature and reaction time. 

(C02 flow rate 129 ml/min; 0.600F [NaHC03 ] ; 
0 

NaHC0 3 prebubbled for 10 min) 
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4.4 The dependence of Na s Conversion on co flow rate2 2 

Table 4.5 is a list of residual sulfide 

concentrations after different reaction times in 

experiments with various co2 flow rates. The corresponding 

percent conversions are listed in table 4.6 and are used to 

plot the curves of percent conversion verses reaction time 

for different co flow rates in figure 4.3.2 

Time(min) 

129 

co2 flow 

155 

rate (mllmin) 

265 397 495 

0 0.442 0.405 0.405 0.418 0.418 

5 I I I 0.374 0.328 

6 I I 0.388 I I 
10 I 0.388 0.293 0.231 0.178 

15 0.361 0.306 0.203 0.134 0.086 

30 0.195 0.156 0.065 0.030 0.015 

45 0.115 0.074 0.022 0.012 0.006 

60 0.061 0.039 0.010 0.006 0.006 

90 0.020 0.013 I I I 

Table 4.5 	 Residual sulfide concentration (M) after pre­

determined reaction time, with various C0 flow2 
rates. (At 35°C; 0.600F [NaHC0 J ; NaHC033 0 
prebubbled for 10 min) 
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Time(min) 

5 

6 

10 

15 

30 

45 

60 

90 

co2 flow rate (mllmin) 


129 155 265 397 495 


I 


I 


I 

18.4 

55.8 

74.0 

86.3 

95.4 

I 


I 

4.3 

24.4 

61.5 

81.8 

90.3 

96.9 

I 
4.3 

27.7 

50.0 

83.9 

94.5 

97.6 

I 

10.6 21.5 

I I 
44.8 57.4 

67.9 79.4 

92.9 96.3 

97.2 98.6 

98.5 98.6 

I I 

Table 4.6 Percent conversion of Na2s, in experiments 

with various flow rates. (At 35°C; 0.600F 

[NaHC03 J 
0 

; NaHC03 prebubbled for 10 min) 

Figure 4.3 shows a strong dependence of Na2s 

conversion rate on the inlet co2 gas flow rate. Since the 

gas-liquid interfacial area is proportional, though not 

linearly as shown later in the chapter, to the gas flow 

rate, hence figure 4.3 indirectly indicates a strong 

dependence of reaction rate on interfacial area, which is a 

common phenomenon of any heterogeneous reactions. The rate 

controlling step of the overall Na2s conversion reaction is 

therefore likely to be a heterogeneous reaction. 
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4.5 The dependence of Na s Conversion on partial pressure2
of C02 

The results of the three series of experiments with 

lower C0 partial pressures, together with that of "pure"2 

C0 for comparison, are listed in tables 4.7 and 4.8. The2 

numbers in brackets are the pH values of the reaction 

Time 
(min) 0.121 

co2 partial pressure (atm) 

0.417 0.716 1. 00 

0 

5 

10 

15 

30 

45 

60 

90 

120 

180 

0.428(1) 

0.421(10.10) 

0.416(9.85) 

0.412(9.57) 

0.381(9.22) 

0.335(9.13) 

0.273(9.10) 

0.174(9.11) 

0.104(9.10) 

0.037(9.10) 

0.436(1) 

0.420(9.31) 

0.398(8.82) 

0.339(8.70) 

0.183(8.63) 

0.085(8.63) 

0.038(8.61) 

0.014(8.60) 

I 

I 

0.436(1) 

0.413(8.90) 

0.326(8.41) 

0.234(8.41) 

0.070(8.43) 

0.021(8.43) 

0.010(8.45) 

I 

I 

I 

0.418(1) 

0.374(1) 

0.231(8.32) 

0.134(8.33) 

0.030(1) 

0.012(8.30) 

0.006(1) 

I 

I 

I 

Table 4.7 	 Residual sulfide concentration (M) and pH value 

of solution, as functions of inlet gas co2 
partial pressure and reaction time. (At 35°C; 

flow rate between 370-397ml/min; 0.600Fco2 

[NaHC03 ] ; NaHC03 prebubbled for 10 min)


0 
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solutions. The measured pH value of a 0.418F Na2s ( .. F .. is 

formality, a concentration unit expressed in number of 

formal per liter of solvent) and 0.600F NaHC0 solution at3 

time t = 0 (i.e. right after mixing) and 25°C, and without 

prebubbling of the NaHC03 solution, is 10.65. The percent 

conversion curves are plotted in figure 4.4 . 

Time(min) C02 partial pressure 

0.121 0.417 0.716 

(atm) 

1.000 

5 

10 

15 

30 

45 

60 

90 

120 

180 

1.8 3.7 5.3 

2.8 8.7 25.2 

3.8 22.3 46.3 

11.0 58.0 83.9 

21.7 80.6 95.2 

36.3 91.2 97.8 

59.4 96.8 I 
75.7 I I 
91.4 I I 

10.6 

44.8 

67.9 

92.9 

97.2 

98.5 

I 
I 
I 

Table 4.8 Percent conversion of Na s to H s after various2 2
reaction time, as functions of inlet gas C02 
partial pressure. (At 35°C; co flow rate2 
between 370-397mllmin; 0.600F [NaHC03 J ;

0 
NaHC03 prebubbled for 10 min) 
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4.6 Pressurized experiments 

The same flow meter setting which corresponded to 

the co2 flow rate of 397 ml/min of the atmospheric system 

was used in the pressurized experiments. The actual 

volumetric flow rate, however, was reduced according to 

Boyle's law since a mass flow controller was employed. 

Therefore, the flow rates for the two series of 129 kPa (4 

PSIG) and 163 kPa (9PSIG) pressurized experiments were 311 

and 246 ml/min, respectively. 

The results of the pressurized experiments are 

listed in table 4.9 and 4.10, together with that of the 

atmospheric system for comparison. The numbers in brackets 

are pH values. Percent conversion verses time curves are 

shown in figure 4.5 . 

Time 

(min) 

Gaseous pressure 

atmospheric 4 PSIG 9 PSIG 

0 

5 

10 

15 

30 

45 

60 

0.418(/) 

0.374(/) 

0.231(8.32) 

0.134(8.33) 

0.030(/) 

0.012(8.30) 

0.006(/) . 

0.435(/) 

0.373(8.34) 

0.239(8.30) 

0.148(8.23) 

0.030(8.27) 

0.007(8.25) 

0.003(8.25) 

0.435(/) 

I 
0.239(8.27) 

0.153(8.25) 

0.031(8.27) 

0.007(8.27) 

0.003(8.27) 

Table 4.9 Res1dual sulfide concentrat1on (M) and pH value 

of solution, as functions of gaseous pressure 

and reaction time. (At 35°C; 0.600F [NaHC0 ] ;3 0 
NaHC03 prebubbled for 10 min) 
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Time Gaseous pressure 

(min) atmospheric 4 PSIG 9 PSIG 

5 

10 

15 

30 

45 

60 

10.6 14.3 

44.8 45.0 

67.9 65.9 

92.9 93.0 

97.2 98.3 

98.5 99.3 

I 
45.1 

64.9 

92.8 

98.4 

99.4 

Table 4.10 Percent conversion of Na s to H S, as2 2
functions of gaseous pressure and reaction time. 

(At 35°C; 0.600F [NaHC0 ] ; NaHC0 prebubbled3 0 3 
for 10 min) 
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4.7 Evaluation of interfacial area 

The gas hold-up volumes and bubble size 

distributions for the gas flow rates used in experiments 

were determined in order to estimate the interfacial areas. 

4.7.1 Gas hold-up volume 

Table 4.11 is a list of gas hold-up volumes (ml) at 

various reaction time of experiments with the 

pre-determined flow rates, whereas table 4.12 shows the 

corresponding ratios of gas hold-up to total volume (i.e. 

gas vol. I gas vol. +solo. vol.). Gas hold-up volume is an 

indication of the gas retention time (the quotient of gas 

hold-up volume divided by gas flow rate)in solution, which 

among other things like bubble size distribution affects 

the total gas-liquid interfacial area. 

It was visually observed that there are two 

distinctive reaction periods as far as bubbling and 

turbulence are concerned . The first period (extensive co2 

absorption period) at the beginning of reaction is 

characterized by the appearance of fewer bubbles and less 

turbulence, which gradually increases in gas hold-up volume 

until it fully takes off to the second reaction period (H2S 

generation period) marked by the vast number of bubbles and 

strong turbulence. The second period has a steady gas hold­

up volume at first and shows a small decrease towards the 

end of reaction. As reflected in tables 4.11 and 4.12, the 

larger the co2 flow rate, the sooner the system converts 
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from the first period to the second reaction period. 

Time (min) 

129 

co2 flow 

155 

rate (mllmin) 

265 397 495 

5 0.60 1.18 4.71 9.28 12.46 

10 1.52 2.51 7.84 10.06 12.46 

15 3.80 5.34 7.84 10.06 12.46 

20 4.49 5.34 7.84 9.47 11.89 

30 4.49 4.84 7.33 9.47 11.89 

60 4.02 I I I I 

Table 4.11 Gas 	hold-up volume (ml), as functions of 
flow rate and reaction time.C02 

Time co2 flow rate (mllmin) 

(min) 129 155 265 397 495 

5 

10 

15 

20 

30 

60 

3.98x10-3 

1.00x10-2 

2.47x10-2 

2.91x10-2 

2.91x10-2 

2.61x10-2 

7.81x10-3 

1. 65x10-2 

3.44x10-2 

3.44x10-2 

3.13x10-2 

I 

3.04x10-2 

4.97x10-2 

4.97x10-2 

4.97x10-2 

4.66x10-2 

I 

5.83x10-2 

6.29x10-2 

6.29x10-2 

5.94x10-2 

5.94x10-2 

I 

7.67x10-2 

7.67x10-2 

7.67x10-2 

7.34x10-2 

7.34x10-2 

I 

Table 4.12 	 Ratio of gas hold-up to total volume, as 
functions of co flow rate and reaction time.2 

For the experimental procedures employed, as 

described on page 62, the size of errors associated with 

the determined values of gas hold-up volume in table 4.11 

must be less than 0.20 ml regardless of co flow rate.2 
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4.7.2 Bubble size distribution and interfacial area 

Figure 4.6(a)-(e) are photographs of the two phase 

system with different flow rates at one minute reaction 

time (i.e. at first reaction period). The scales on the 

right hand side of all photographs of bubbles are one 

centimeter (between the · two longest bars, with 10 

supposedly equivalent partitions) . 

Figure 4.7 is the photograph of gas bubbles with 

co flow rate of 155 ml/min at the second reaction period2 

(15 minutes reaction time). This shows a huge amount of 

indistinguishable bubbles. The appearance of bubbling 

system at the second reaction period for the other flow 

rates are similar. 

The bubbling of C0 in distilled water is shown in2 

figure 4.8, which shows remarkably larger bubbles than that 

in reaction solution. The appearance of finer bubbles in 

reaction solution is because of the lower surface tension 

of the solution than pure water, due to the disruption of 

the extensive hydrogen bonding among water molecules upon 

disolution of Na s and NaHC0 solids.2 3 
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(a) 

(b) 

Fig. 4.6 C02 bubbling at 1 min. reaction time 

(a) 129 rnl/rnin , (b) 155 ml/rnin 
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(c) 

(d) 

Fig. 4.6 co2 bubbling at 1 min. reaction time 

(c) 265 ml/min , (d) 397 ml/min 
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Fig. 4.6 C0 bubbling at 1 min. reaction time
2 


(e) 495 ml/min 
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Fig. 4.7 co2 bubbling, at a flow rate of 155 ml/min, 

at the second reaction period (15 min). 

Fig. 4.8 co2 bubbling in distilled water, at a 

flow rate of 265 ml/min. 



2 

-84­

Bubble size distribution of each pre-determined co

flow rates was estimated by measuring and counting bubbles 

which are distinguishable and in focus on several 

corresponding photographs. 

Due to the fact that photographs taken in the 

second reaction period (figure 4.7) are of very poor 

resolution, those of the first period were used to estimate 

bubble size distributions and interfacial areas. For the 

second reaction period it was estimated by assuming that 

the two reaction periods have similar bubble size 

distribution which differs only in total number of bubbles. 

Table 4.13 lists the bubble size distributions of 

the five experimental flow rates. Interfacial areas per 

unit volume of solution were estimated by using the 

equation as follows, 

Gas hold up Total surface area 
volume of bubbles measuredA = XTotal volume of Volume of reaction solutionbubbles measured 

[4-1] 

The steady gas hold up volumes of the second reaction 

period (table 4.11) were used in the calculations and the 

volume of reaction solution was 150 ml. Table 4.13 lists 

the estimated interfacial areas in the system with various 

co2 flow rates. 
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Number of 
bubbles with 
diameter(mm) 

0.3 

0.4 

0.5 

0.6 

0.7 

0.8 

0.9 

1.0 

1.1 

1.2 

1.3 

1.4 

1.6 

129 

C02 flow 

155 

rate (ml/min) 

265 397 495 

I 
8 

4 

14 

17 

12 

2 

8 

2 

3 

1 

3 

I 

2 

12 

2 

11 

7 

9 

I 
4 

2 

5 

I 
I 
2 

3 4 

9 7 

7 7 

14 8 

2 6 

6 10 

6 5 

5 5 

3 3 

2 4 

I 1 

1 I 
I I 

1 

4 

7 

6 

10 

11 

9 

2 

1 

1 

1 

1 

I 

Number of 
bubbles counted 74 56 58 60 54 

Total volume 
of bubbles 3(em ) 0.023 0.018 0.015 0.017 0.015 

Total surface 
area of ~ubbles 

(em ) 
1.5 1.1 1.0 1.1 1.0 

3Gas hold up(cm ) 4.49 5.34 7.84 10.06 12.46 

Interfacial 
2 3 area (em /em of 

soln) 

1.9 2.2 3.6 4.5 5.7 

Table 4.13 Summary of bubble size distributions and 
interfacial areas in the system with various 
co2 flow rates. 
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The variations of bubble size distribution and 

interfacial area among photographs of the systems under 

supposedly the same conditions are in some cases quite 

significant. The fluctuation is relatively large in 

comparison with that due to variation in co2 flow rates. 

Figure 4.9 (a) and (b) , which are photographs of 

co2 bubbling at a rate of 397 ml/min at one minute reaction 

time, show the extreme case. It is the pair of photographs 

that gave the largest deviation in bubble size distribution 

with the same co2 flow rate. 

Table 4.14 is a list of bubble size distribution 

and interfacial area of figure 4.9 (a) and (b). Equation 

[4-1] was used in the evaluation of interfacial areas. 

Notice that the upper deviation in interfacial area from 

2 3the average value 4.5 em /em of soln., (table 4.13) is 

+1.6 cm2/cm3 of soln., (or 36% of average value), and that 

the lower deviation is -0.4 cm2/cm3 of soln., (or 9% of 

average value). Table 4.14 shows the extents of fluctuation 

in the system over time and space. It also suggests 

possible size of error in the determination of interfacial 

area with limited number of measurements. 
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(a) 

Fig. 4.9 co2 bubbling at a rate of 397 ml/min at 

one minute reaction time. 
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Number of 
bubbles with 
diameter(mm) 

Figure 4.9 

(a) (b) 

0.3 2 I 
0.4 1 4 

0.5 I 5 

0.6 1 5 

0.7 2 2 

0.8 3 1 

0.9 1 I 
1.0 2 1 

1.1 1 I 
1.2 3 I 

Number of 
bubbles counted 16 18 

Total volume g
of bubbles (em ) 0.0062 0.0022 

Total surface 
area of bubbles 2(em ) 0.38 0.20 

Gas hold up 
g

(em ) 10.06 10.06 

Interfac}al 
3 

area (em /em of sol.) 4.1 6.1 

Table 4.14 Variation in bubble size distribution and 
interfacial area of figure 4.9 (a & b). 
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CHAPTER 5 


Calculations and Discussion 


5.1 Ionic composition of NaBC03=Na2s solution 

In order to study the reaction kinetics of the 

carbonation conversion of aqueous sodium sulfide to 

hydrogen sulfide, it is essential to determine the ionic 

+ 2- - 2­composition ( [H J, [C0 ] , [HS J, [S J etc. ) of the sodium3 

sulfide-sodium bicarbonate solution before the commencement 

and during the course of reaction. 

5.1.1 	 At reaction time t - 0 • i,e. right before bubbling 

Altogether there are seven unknowns, namely [HS-], 

and [Na+ ] ; therefore 

seven equations are required. 

The dissociation constants give three equations : 

[~- J [H+ J 
[5-1]Ka2(H S) 	= 

2 [HS- J 

[H+ J [C02 
- J 

= 3 [5-2]Ka2(C0	 )
2 [HCO~ J 

[5-3] 


are the second acidwhere Ka2 (~S) and 

dissociation constants of hydrosulfuric and carbonic acid, 

respectively. At 25
0 

C and infinite dilution, Ka2 (HzS) = 1.2 

-94­
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15 47 x 10- and Ka2 (C~) = 4.7 x 10-11 ( ). In equation [5-3], 

K is the dissociation constant of water and has a value of w 

1.0 x 10-14 at 25°C. All of the three chemical reactions 

described above are considered to be in equilibrium at all 

time since they involve only a transfer of proton which is 

much faster than other chemical and physical processes 

concerned here. 

Another three equations can be written from 

material balance considerations 

[5-4] 

[5-5] 

2[Na?S] + [NaHC03 J [5-6] 
w 0 0 

where [Na S] and [NaHC0 ] are, respectively, the initial2 0 3 0 

formal concentrations of Na s and NaHC0 of the reaction2 3 

solution. The above material balance equations are written 

with the following two assumptions : 

(1) The concentrations of aqueous molecular H S and C0
2 2 

being negligible. 

(2) Complete ionization of aqueous Na s.
2

The first assumption clearly holds since both Na s and
2

NaHC0 are alkaline solutions, whereas the second3 

assumption has yet to be justified. 

Finally, the requirement of charge balance gives 
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the seventh equation : 

2[Na+] + [H+J = 2[S -] + 2[CO:-J + [HS-] + [HCO-s] + [OH-] 

[5-7] 

Substitution of equations [5-4,5,6] into [5-7] 

leads to 

[5-8] 

Combining equations [5-1] and [5-4] gives 

[5-9] 


Similarly, [CO:-] can be expressed in terms of the second 

acid dissociation constant of carbonic acid, the formality 

of sodium bicarbonate and the H+ ion concentration : 

[NaHC03]o . Ka2(H2C0s) 
[5-10] 

K + [f(]a2(H
2 

C0
9 

) 

Finally putting equations [5-3,9,10] into [5-8] gives, 

[Na2SJ [NaHC0 ]
0 Ka2 (H S) 3 0 Ka2(H2 COs)2

[Na S] = +2 0 + [H+] K + [H+ JKa2(H S) a2(H2 COs)2

+ 
[5-11] 
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For a solution of 0.418F Na2s and 0.600F NaHC03 at 

25°C, the calculated concentration of H+ ion using equation 

[5-11] is 2.055 x 10-11M, which corresponds to a pH value 

of 10.69. The experimentally measured pH value of such a 

solution is 10.65 (section 4.5), which is in exceptionally 

good agreement with the calculated value, and thus 

indirectly justifies the assumption of complete ionization 

of aqueous Na 2s of the reaction solution. The calculated 

concentrations of the other ionic species are 

0.418M; [S
2
-] = 2.4 X 10-5M; [HCO~] = 0.183M; [CO:-] = 

0.417M and [Na+] = 1.436M. Hence, it is shown that 

the sulfur of the system initially mainly exists as HS ion 

and that the concentration of s2- ion is negligible. 

The complete ionization of Na2s in Na2S-NaHC03 

solution can also be shown from thermodynamic calculations. 

The hydrolysis of sodium sulfide is described by 

equation [5-12] 

[5-12] 

The standard Gibbs free energy of formation, of 

Na2S(aq)' H2o, Na+ , HS and OH are, respectively, -104.7, 

-56.7, -62.6, -6.6 and -37.6 Kcal/mol. <48 •49 ) Thus, the 

standard Gibbs free energy change of reaction [5-12] is -8 

Kcal/mol, which is related to the thermodynamic equilibrium 

constant according to 
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AG0 = -RTlnK [5-13] 

where R is the gas constant (1.987 cal/mol K), and Tis the 

absolute temperature in degree Kelvin. At 25°C, the thermo­

5
dynamic equi~ibrium constant K5_12 equals to 7.4 x 10 . 

If the activities of the chemical species of 

reaction [5-12] are approximated by the corresponding molar 

concentrations, then 

(2x· + 0.6)
2 

(x)(4.47x10
-4 

) 
K5-12 = = 

0.418 - X 

= 7.4 X 10
5 

[5-14] 

where 0.418F is the initial formal concentration of Na 2S 

and x is the amount of aqueous Na2s ionized. The 

experimental pH value is 10.65 which corresponds to a 

hydroxide ion concentration of 4.47 x 10-4M. The solution 

for x of equation [5-14] is 0.4179M; [Na 2S], [HS] and 

[Na+] are 5.2 x 10- 10 , 0.418 and 1.436M respectively. 

Thus it is shown that the equilibrium concentration 

of aqueous sodium sulfide that remains undissociated in the 

solution is negligible. 

5.1.2 During the course of reaction 

Since sodium sulfide completely dissociates in the 

reaction solution, substitution of equation [5-6] to the 

charge balance equation [5-7] gives : 
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[5-15] 

initial formal 

concentrations of sodium sulfide and sodium bicarbonate 

respectively. 

Combining equations [5-2] and [5-15] gives 

2 + ( [H 
~ 

]/Ka2(CO )) 
2 

[5-16] 

2­The concentration of s ion is shown to be 

negligible at reaction time t = 0, and it remains so during 

the course of reaction since the pH value of the solution 

drops as reaction proceeds. 

The first acid dissociation constant of H S2

[5-17] 

-8 0equals 9.1 x 10 at 18 C and infinite dilution. <48 ) The 

sodium sulfide residual concentration measured at the end 

of reaction is the total concentration of HS ion and 

aqueous H2S. With the use of equation [5-17], therefore, 

[HS-] and [H2SJ can be evaluated if the pH of the reaction 

solution is known. In which case, all the quantities on the 

right hand side of equation [5-16] are known, so the 

concentration of co;- ion, and hence [Hco;] can be 
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determined. 

The reaction solution pH values of the various co2 

partial pressure experiments (0.716, 0.417 and 0.121atm at 

35°C) were measured and are listed in table 5.1, 5.2 and 

5.3. 	The lowest pH value in the tables is about 8.3, which 

-corresponds to a ratio of [HS ] to [H2SJ of about twenty. 

In general, the higher pH value of the reaction solution, 

-the higher [HS ] to [H2SJ ratio. 

The dissociation constant of water K equals 2.09 x w 
14 	 4810- at 35°C. < ) The value of Ka2 (C0z) at 35°C is 

determined to be 5.55 x 10-11 using equation [2-59]. The 

(9.1 X is used as an 

estimate for that at 35°C, which does not appear to be in 

literature. 

The concentrations of HS ion and aqueous H S for2

the various co partial pressure experiments are listed in2 

tables 5.1, 5.2 and 5.3, together with that of the other 

ionic species. 

The concentration of sodium ion remains constant 

through out the course of reaction, and equals to the sum 

of the initial concentration of sodium bicarbonate 

and twice of that of sodium sulfide (equation [5-6]). 
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Time 
(min) 

Sulfide 
remain(M) 

pH [H+J 

(x10- 9M) 

[HS-] 
(M) 

5 0.413 8.90 1. 26 0.407 

10 0.326 8.41 3.89 0.313 

15 0.234 8.41 3.89 0.224 

30 0.070 8.43 3.72 0.067 

45 0.021 8.43 3.72 0.020 

60 0.010 8.45 3.55 0.010 

Time 

(min) 

[H2SJ 

(M) 

[CO~-] 
(M) 

[Hco;J 

(M) 

[C02 ] 

(M) 

5 

10 

15 

30 

45 

60 

5.64x10-3 

1.34x10-2 

9.59x10 -3 

2.75x10 -3 

8.24x10 -4 

3.75x10 -4 

0.043 

0.016 

0.017 

0.020 

0.021 

0.022 

0.978 

1.127 

1. 213 

1. 364 

1. 410 

1. 418 

2.51x10 -3 

8.95x10 -3 

9.63x10 -3 

1.03x10-2 

1.07x10-2 

1.03x10-2 

Table 5.1 	 Composition of solution, with 0.716 atm partial 

pressure of C02 in the inlet gas. (At 35°C; 

gas flow rate 370ml/min; NaHC0 prebubbled
3 

for 10 min; 0.436F [Na S] ; 0.600F [NaHCO ] )
2 0 	 3 0 
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Time Sulfide pH [H+J [HS-] 
(min) remain(M) (xl0- 9M) (M) 

5 0.420 9.31 0.49 0.418 

10 0.398 8.82 1. 51 0.391 

15 0.339 8.70 2.00 0.332 

30 0.183 8.63 2.34 0.178 

45 0.085 8.63 2.34 0.083 

60 0.038 8.61 2.45 0.037 

90 0.014 8.60 2.51 0.014 

Time [H2SJ [co;-J [Hco;J [C02 ] 

(min) (M) (M) (M) (M) 

5 2.25x10 -3 0.097 0.859 8.59xl0 -4 

10 6.51x10 -3 0.037 1. 007 3.llx10 -3 

15 7.27x10 -3 0.030 1.080 4.40x10 -3 

30 4.60x10 -3 0.029 1.235 5.91x10-3 

45 2.13x10 -3 0.031 1.326 6.35x10 -3 

60 9.98x10 -4 0.031 1. 373 6.88x10-3 

90 3.76x10 -4 0.031 1.397 7.16x10 -3 

Table 5.2 	 Composition of solution, with 0.417 atm partial 

pressure of C0 in the inlet gas. (At 35°C;
2 

gas flow rate 373ml/min; NaHC0 prebubbled
9 

for 10 min; 0.436F [Na S] ; 0.600F [NaHC0 ] )
2 0	 9 0 
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Time Sulfide pH [H+] [HS-] 
(min) remain(M) (x10-10M) (M) 

5 0.421 10.10 0.794 0.421 

10 0.416 9.85 1. 41 0.415 

15 0.412 9.57 2.69 0.411 

30 0.381 9.22 6.03 0.378 

45 0.335 9.13 7.41 0.332 

60 0.273 9.10 7.94 0.271 

90 0.174 9.11 7.76 0.173 

120 0.104 9.10 7.94 0.103 

180 0.037 9.10 7.94 0.037 

Time [H2SJ [CO~-] [Hco;J [C02 ] 

(min) (M) (M) (M) (M) 

5 3.67x10 -4 0.302 0.432 6.9x10 -5 

10 6.45x10 -4 0.229 0.583 1.67x10-4 

15 1.21x10 -3 0.153 0.740 4.06x10 -4 

30 2.51x10 -3 0.084 0.910 1. 12x10-3 

45 2.71x10 -3 0.073 0.977 1. 48x10 -3 

60 2.36x10 -3 0.073 1. 040 1.69x10-3 

90 1.47x10-3 0.080 1.123 1.78x10-3 

120 9.00x10 -4 0.083 1.187 1.92x10-3 

180 3.20x10 -4 0.087 1. 245 2.02x10 -3 

Table 5.3 	 Composition of solution, with 0.121 atm partial 

pressure of C0 in the inlet gas. (At 35°C;
2 

gas flow rate 371ml/min; NaHC0 prebubbled
9 

for 10 min; 0.428F [Na S] ; 0.600F [NaHC0 ] )
2 0	 9 0 
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The H+ ion concentration of reaction solution 

increases rapidly at the beginning of reaction, which then 

gradually levels off to a steady value, as shown in the 

preceding tables. Therefore, according to equation [5-17], 

the ratio of aqueous H S concentration to HS- ion 
2 

concentration would increase dramatically at the start of 

reaction. On the other hand, the total sulfur content of 

solution decreases due to desorption of H S. Hence, there 
2 

is a peak in aqueous H S concentration as reaction
2 

proceeds. Furthermore, as reflected in tables 5.1-3, the 

higher C0 partial pressure of the inlet gas, the sooner 
2 

the peak in H S concentration occurs, because of higher
2 

acidity of inlet gas with higher C0 partial pressure. In
2 

the contrary, a minimum in carbonate ion concentration 

appears in the course of reaction. This is due to rapid 

lowering in the ratio of [CO:-] to [HCO~] at the beginning 

of reaction (equation [5-2]), and the increase in total C0 
2 

content of solution (i.e. 2­[C0
3 

] 
-+ [HC0
3 

J + [C0
2 

]a.q ) 

resulting from CO 
2 

absorption. 

5.2 Exit gas composition 

The carbonation conversion of aqueous sodium 

sulfide to hydrogen sulfide is a system of simultaneous 

absorption of carbon dioxide and desorption of hydrogen 

sulfide. 

With the knowledge of the reaction solution's 
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composition at various reaction time, as listed in tables 

5.1-3, the amount of carbon dioxide absorbed and hydrogen 

sulfide desorbed over the time intervals can be evaluated. 

Therefore, knowing the composition and flow rate of the 

incoming gas, the average outgoing gas composition over the 

time periods can in turn be determined. This value can be 

used to compare with the vapour-liquid equilibrium constant 
, 

K2_ of 	the C0 -NaHC0 -Na2co -Na S-H 0 system (chapter 2.4)18 2 3 3 2 2

to measure the efficiency and the feasibility of further 

significant improvement in yield of the present contacting 

pattern. 

5.2.1 H2S desorbed 

The amount of H2s desorbed from the reaction 

solution over a period of time is simply the difference in 

residual sulfide concentration of the solution between the 

beginning and the end of the time interval. 

For instance, the number of mole of H S desorbed in2

the 6-10 minute interval of table 5.2 is (0.420M - 0.398M) 

x 150ml = 3.3 x 10-3 mole, where 150ml is the volume of the 

reaction solution. The amounts of H2s desorbed over the 

time intervals of the partial pressure experiments 

(corresponding to the data in tables 5.1-3) are listed in 

tables 5.4-6. 

5.2.2 	 co2 absorbed 

The amount (no. of mole) of C0 absorbed by the2 

reaction solution over a period of time is the difference 
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in the total amount of carbonate, bicarbonate and aqueous 

carbon dioxide of the solution (the amount of H2co3 is 

negligible, section 2.8.1) between the end and the 

beginning of the time interval. 

The concentrations of carbonate and bicarbonate 

have been determined in section 5.1.2. On the other hand, 

it is necessary to assume equilibrium of equation [5-18] of 

the reaction solution, 

CO + H 0 ---. HC0- + H.,. [5-18]
2<a.q> 2 9 

in order to estimate the concentration of co2 (aq)· The 

error introduced in so doing should not be significant 

since the concentration of aqueous C0 is by far lower than2 

that of bicarbonate ion as shown in tables 5.1-3. Besides, 

shortly after the commencement of reaction the pH value of 

the reaction solution drops to a steady value, which 

suggests a steady aqueous co concentration. Hence, there2 

would be no contribution to the absorption of C0 gas from2 

the variation of aqueous co concentration shortly after2 

the start of reaction. 

From equation [5-18], the equilibrium concentration 

of C02 (aq) = [Hco;jx[H+]!K5 ~ . The value of K5 at 35°C18 _18 

and infinite dilution is 4.90 x 10-7 (equation [2-56], 

section 2.8.1) The equilibrium aqueous C0 concentrations2 

of the solutions of the partial pressure experimentsco2 

are listed in tables 5.1-3. The amounts of co absorbed2 
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over the corresponding time intervals are listed in tables 

5.4-6. 

The calculation of the amount of H S desorbed from2

and co2 absorbed by the reaction solution confirms the 

results of the gas hold up experiments (section 4.7.1, 

table 4.11). As shown in tables 5.4 and 5.5, the amount of 

co absorbed is more than that of H S desorbed at the early2 2

stage of reaction, e.g. 6-10 minute intervals. Since the 

experimental pressure and temperature are constants, the 

flow volume decreases as the inlet C02 gas bubbles through 

the solution and renders a smaller gas hold up and 

turbulence. On the other hand, at the later stage of 

reaction the amount of co absorbed approximately equals to
2 

that of H s desorbed , so there is no significant change in2

the volume of gas flow, which results in larger gas hold up 

volume and stronger turbulence. 

A criteria for the occurrence of bubbling 

desorption of a volatile product in a liquid phase reaction 

which facilitates the absorption of another gaseous 

reactant is the supersaturation of the reaction solution. 

Supersaturation occurs when the total partial pressure of 

reactant and product which would be in equilibrium with the 

bulk liquid is greater than the total pressure at the 

surface, at which case equation [2-47] holds. 

[2-47] 
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As discussed in section 2.7.4, satisfaction of equation 

[2-47] is necessary for, but does not definitly confirm the 

occurence of bubbling desorption. The diffusivity of C02 

(DA) and H2s (De) in water at 16°C are 1.6x10-5 and 

21.7x10-5 em /sec, respectively.< 50) The Henry's law 

constant of C02 (HA) and H2S (He) in water at 25°C are 

respectively 29.4 and 9.8 atm/M. ( 41 ) These values are used 

as estimates in the calcuations of the present Na2S-NaHC03 

system. The product "D H " is more than three times greater
C A 

than "DAHc"• so the inequality [2-47] is not justified. 

Thus, theoretical calculations using the physical data for 

water system show that the reaction solution is not 

supersaturated and bubbling desorption would not take 

place. 

5.2.3 Q:uts:Qins: s:aa EH 8 tQ Eco ~atiQ 
2 2 

The amount of co2 in the outgoing gas is simply the 

amount supplied in the inlet gas less that absorbed by the 

reaction solution, and the partial pressure ratio of H2 S to 

co of the outgoing gas is the same as the molar ratio.2 

For the series of 0.716 atm co2 partial pressure 

experiments (265ml/min C02 , 105ml/min N2 ), the amount of 

C0 supplied is 265 ml/min, or 11.06 mol/min since one mole2 

of gas has a volume of 24.1 litre at room temperature 20°C. 

Therefore, there is a total of 5.53 x 10-2 mole of co2 

supplied to the reaction solution over a five minutes 
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period. Using the 6-10 minute interval (table 5.4) as an 

example, the total amount of C02 in the outgoing gas over 

this period is 3.61 x 10-2 mole (i.e. 5.53x10-2 

1.92x10-2 ). Hence, the mean outgoing gas partial pressure 

ratio of H2S to of this interval is 0.362 (i.e.co2 

1.30x10-2 1 3.61x10-2 ). The outgoing gas PHzS to PC02 

ratios of the other time intervals and co partial pressure2 

experiments are listed in tables 5.4-6. 

Time 
interval 

(min) 

H2S 

desorbed 
(mole) 

C02 
absorbed 

(mole) 

Mean outgoing 

gas PHzS to 

Pcoz ratio 

6 - 10 1.30x10-2 1.92x10-2 0.362 

11 - 15 1.38x10-2 1.32x10-2 0.327 

16 - 30 2.46x10-2 2.32x10-2 0.242 

31 - 45 7.4x10-3 7.0x10-3 0.050 

46 - 60 1.7x10-3 1.4x10-3 0.011 

Table 5.4 	 Average PHzS to PCOz ratio of outgoing gas, of 

the 0.716 atm co2 partial pressure experiments. 

(corresponds to the data in table 5.1) 
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Time 
interval 

(min) 

H2S 

desorbed 
(mole) 

C02 
absorbed 

(mole) 

Mean outgoing 

gas PH2S to 

PC02 ratio 

6 10- -33.3x10 -21.34x10 0.175 

11 15- -38.8x10 -21.02x10 0.402 

16 - 30 2.34x10 -2 2.33x10- 2 0.319 

31 - 45 1. 47x10 -2 1.41x10-2 0.178 

46 60- -37.1x10 -37.0x10 0.079 

60 - 90 3.6x10 -3 3.6x10-3 0.019 

Table 5.5 	 Average PH
2 

S to Pco
2 

ratio of outgoing gas, of 

the 0.416 atm C0 partial pressure experiments.2 
(corresponds to the data in table 5.2) 

Time 
interval 

(min) 

H2S 

desorbed 
(mole) 

C02 
absorbed 

(mole) 

Mean outgoing 

gas PH2S to 

PC02 ratio 

6 - 10 7.5x10 -3 1.17x10-2 -0.315 

11 15- -3.
6.0x10 -21.22x10 -0.212 

16 30- -34.7x10 -21.53x10 0.364 

31 - 45 6.9x10 -3 8.6x10 -3 0.354 

46 60- -39.3x10 -39.4x10 0.497 

61 - 90 1.49x10-2 1. 36x10-2 0.349 

91 120- -21.05x10 -21.00x10 0.228 

121 180- -21. Olx10 -39.4x10 0.215 

Table 5.6 	 Average PH2S to Pco ratio of outgoing gas, of
2 

the 0.121 atm partial pressure experiments.co2 
(corresponds to the data in table 5.3) 
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It is desirable to have as high a H2S content in 

the exit gas as possible for the downstream production of 

elemental sulfur. As shown in tables 5.4-6, a high PHzS to 

Pcaz ratio of about 0.4 can be attained. This corresponds 

to a 28% H S content in the exit gas for an incoming gas2

flow of pure C02 . It has to be point out that the ratios of 

tables 5.4-6 are mean values over a certain period of time. 

The instantaneous ratio at a particular time within an 

interval can be much higher than the mean value of the 

interval. Furthermore, the flow rate of these experiments 

is 370 ml/min, which is fairly high for the size of the 

reaction vessel used (chapter 3.3.1). A lower gas flow rate 

would lead to better co2 utilization and higher exit gas 

H2s;co ratio; hence an even higher H2s content in the exit2 

gas. 

With the use of equations [2-21] and [2-22], or 

figure 2.4, it can be shown that the outgoing gas partial 

pressure ratios of H2s to co2 of tables 5.4 and 5.5 are 

generally above 60% of the corresponding equilibrium 

values. By equation [2-22], the value of K2~ 18 at 35°C and 

a total sodium ion concentration of 1.47M (i.e. 0.436F Na2s 

+ 0.600F NaHC03 ) is about 1.65. Using 6-10 minute interval 

of table 5.1 as an example, the mean [HS-J/[HCO;J is about 

0.347 (i.e. average of 0.407/0.978 and 0.313/1.127, 

concentration values from table 5.1). Hence, by equation 

[2-21], the equilibrium PHS to Pea ratio is about 0.57 
2 2 



-112­

(i.e. 1.65x0.347). The experimental value of PH 8;Pco is 
2 2 

0.362 (table 5.4), which is 63% of the equilibrium value. 

For the second time interval of table 5.4, 11-15 minute, 

the experimental PH 8;Pco value (0.327) is about 86% of 
2 2 

the corresponding equilibrium value (0.38). Thus, it shows 

that the present contacting pattern is highly effective, 

and any major improvement in yield without significant 

sacrifice in reaction kinetics is unlikely. 

The total amount of co supplied in five minutes by2 

the gas flow of 0.121 atm co2 partial pressure (326ml/min 

N2 , 45ml/min C02 ) is 9.4 x 10-3 mole. However, the 

calculated amount of absorbed for the first twoco2 

intervals of table 5.6 are larger than the amount supplied, 

which render the obviously incorrect negative PH 8;PCO 
2 2 

values of the first two intervals of table 5.6. The 

previously mesured co flow rate was first suspected to be2 

at fault, so the flow rate was re-measured by the method of 

a moving film along a graduated column as described in 

section 3.3.2. However, the C0 flow rate was found to be2 

the same as previously measured, i.e. 45ml/min. 

A closer examination of table 5.3 suggests that the 

first few pH values of the reaction solution might probably 

be the sources of error. As shown in table 5.3, the pH 

value decreases from 10.10 at t =5 minute to 9.85 at t = 
10 minute, a drop of 0.25 pH unit. In the subsequent five 

minutes interval, the pH value drops a further 0.28 unit 
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(pH= 9.57 at t = 15 minute), which is an even bigger 

decrease than that in the preceding five minutes interval. 

This indicates an experimental error since the pH value of 

the reaction solution is expected to decrease rapidly at 

the beginning of reaction and taper off to a steady value 

afterwards, as depicted by the data in tables 5.1 and 5.2. 

If the pH value at time t = 15 minute of table 5.3 

were 9.67, (instead of the measured value 9.57, i.e. a 

difference of 0.1, while keeping all of the other values 

the same so as to see the effect of a small error in pH 

value on the overall results) the total amount of co2 

absorbed in the 10-15 minute interval and the mean 

PH 8;PCO value would have been 8. 2 x 10-3 mole (which is 
2 2 

now less than the total amount of C02 supplied) and 0.536, 

respectively. Hence, it shows that errors in pH value 

measurements are likely to be the cause of the poor results 

of the early part of the 0.121 atm co2 partial pressure 

reaction. 

Other possible sources of error are the values of 

equilibrium constants used in the calculations. Equilibrium 

constants Ka2 (C0z) and K at 35°C are used, whereas the 
v 

at 18°C is used as an estimate for 35°C,value of Ka1(H2S) 

which does not appear to be in literature. 

It is previously mentioned in section 2.8.2 that 

K _ which equals to decreases with54 ,2

increasing ionic strength. The dissociation constant of 
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water K is expected to be relatively independent of ionic w 

strength since it is the solvent and is abundant. Hence, 

Ka2 (C0z) increases with ionic strength, and, by equation 

[5-2], so does the ratio of carbonate to bicarbonate ions 

for a constant H+ ion concentration. Due to charge balance 

constraint, i.e. equation [5-15], an increase in carbonate 

ion would lead to a decrease in bicarbonate ion by twice 

the amount. Therefore, while keeping all other parameters 

+unchanged (H , etc), an increase in ionic strength would 

decrease the total amount of and of the 

solution, and hence decrease the amount of C0 absorbed.2 

Since the value of Ka2 (C0z) for infinite dilution is used, 

the calculated amount of co absorbed is likely to be an2 

over estimate which, in extreme cases, could lead to 

calculated amount of C0 absorbed being greater than that2 

supplied. 

On the other hand, the uncertainty due to the 

effect of ionic strength on 	Ka2 (H2S) would be insignificant 

2since the concentration of s - ion is negligible anyway 

(section 5.1.2). 

5.3 	 Reaction kinetics of carbonation conversion 

of aqueous sodium sulfide to hydrogen sulfide 

Figure 5.1 shows the plots of ln(C/[Na SJ ) against2 0 

reaction time, where C is the total sulfide concentration, 

for the four reaction temperatures studied. It indicates a 

common reaction pattern exhibited by all four of the plots, 

i.e. 	the carbonation conversion of Na s to H S starts off
2 2
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with a slow reaction period, which is followed by a fast 

conversion period indicated by the linear regions of the 

plots, and finally tapers off to a slow finishing period. 

Figures 5.2, 5.3 and 5.4 are, respectively, the 

similar plots for the co2 flow rate, co2 partial pressure 

and pressurized experiments. All the plots of these figures 

show the same reaction pattern perceptible in figure 5.1. 

This reaction pattern is in fact in good agreement 

with other experimental observations and measurements. For 

instance, it can be shown by comparing table 4.11 with 

figure 5.2 (both of which are results of the C02 flow rate 

experiments) that the small gas hold up period at the 

beginning of reaction coincides with the initial slow 

reaction period, while the subsequent large gas hold up 

stage matches with the fast conversion period (the linear 

regions of the plots of figure 5.2). On the other hand, the 

initial slow reaction period of the plots of figure 5.3 

matches well in time with the stage of rapid increase in 

solution's acidity at the beginning of reaction as shown in 

tables 5.1-3 (both figure 5.3 and tables 5.1-3 are results 

of the C0 partial pressure experiments), whereas the fast2 

conversion period coincides with the stage of steady pH 

2 3 

value. These comparisons of experimental results suggest 

that the reaction kinetics, gas hold up volume and acidity 

of reaction solution are highly correlated. 

At the commencement of reaction the Na S-NaHC0
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solution is basic, with a pH value of about 10.6 (sections 

5.1.1 and 4.5). Upon bubbling with carbon dioxide, large 

amount of C0 is absorbed in the solution with little H2S2 

desorption. Consequently, the gas volume in solution 

decreases (i.e. a smaller gas hold up volume) as C02 

bubbles through the solution, of which the acidity 

increases rapidly. As the solution's acidity rises, the 

rate of co absorption gradually slows down because of the2 

decrease in driving force (equations [2-62] and [2-69]), 

whereas the desorption rate of H2s increases since aqueous 

H2S concentration increases with the acidity of solution 

(equation [5-17]). This leads to a larger gas hold up 

volume. Eventually a steady pH value is reached and the 

amount of co2 absorbed is roughly equal to that of H2S 

desorbed. 

The linear regions of the plots of ln(C/[Na2S] ) vs 
0 

reaction time suggest that the rate of H2S generation is 

first order with respect to residual sulfide concentration, 

but since the majority of residual sulfide exists as HS 

ion (over 95%, tables 5.1-3), it may be assumed that the 

rate is first order with respect to HS ion. The slopes of 

these linear regions of figures 5.1-4 are listed in tables 

5.7-10 respectively. On the other hand, since the driving 

force for the H2S generation is the absorption of co2 , it 

is expected that the rate of reaction is somehow dependent 

on the gas phase C02 partial pressure. Therefore, the 
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differential rate equation may be written as follows 

de _ n
akc(PCO ) [5-19]dt ­

2 

where a and k are the gas-liquid interfacial area and 

overall H2s generation rate constant respectively; c is the 

total sulfide concentration and n is the reaction order 

with respect to the gas phase C02 partial pressure. The 

integrated form of equation [5-19] is 

-akt [5-20] 

Thus, in the case which n equals to the actual reaction 

order with respect to gas phase C02 partial pressure, plots 

of [ln(C/[Na2S] )]/(Pc )n verses reaction time for the 
0 02 

results of the four different co partial pressure2 

experiments would yield linear regions of identical slopes. 

Figures 5.3, 5.5 and 5.6 show the plots for n equals to 

zero, one and two, respectively, for the results of the 

four different co2 partial pressure experiments. Reaction 

order with respect to a particular species is unlikely to 

be higher than two. 

Comparison among figures 5.3, 5.5 and 5.6 shows 

that the carbonation conversion of Na2s to H2S is likely to 

be first order with respect to gas phase co partial2 
pressure. As shown in figure 5.5, the deviation in slope of 

the linear regions of the three higher co2 partial pressure 
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experiments is small, whereas the slope of the lowest C0

partial pressure is somewhat steeper. The slopes of these 

plots are listed in table 5.11. The discrepancy in slope is 

probably due to the fact that the values of C02 partial 

pressure of the inlet gas flows are used in the 

calculations because there is no information on the 

variation of gas phase co2 partial pressure with position 

of the reaction column. Gas phase C0 partial pressure is2 

expected to decrease due to the absorption of co2 by 

reaction solution as gas bubbles rise through the solution 

column. 

Since the carbonation conversion of aqueous Na s to2 

H S is first order with respect to both sulfide
2

concentration and gas phase C02 partial pressure, the 

integrated rate equation [5-20] becomes 

[5-21] 

Thus, the slope of a plot ln(C/[Na2SJ ) verses reaction 
0 

time equals to the product "-akPco "; hence rate constant k 
z 

can be determinated from the measured slopes. The 

interfacial areas of the various predetermined gas flow 

rates are listed in table 4.13. For the case of the 

pressurized experiments, the interfacial areas are 

estimated by the use of figure 5.7, which shows the plot of 

interfacial area against gas flow rate. The calculated rate 
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constant values are tabulated in the same tables next to 

the slope values. 

Temperature Slope Rate Constant k 

(0 c) -1
(sec ) (em 

-1 -1 
sec atm ) 

25 -0.0431 0.022 

35 -0.0391 0.020 

45 -0.0354 0.018 

55 -0.0315 0.016 

Table 5.7 	 Slopes of the linear regions of the plots of 
figure 5.1, together with the calculated rate 
constants. 

co2 flow 

(ml/min)rate 

Slope 

-1(sec ) 

Rate Constant k 

(em 
-1 -1 

sec atm ) 

129 

155 

265 

397 

495 

-0.0391 

-0.0463 

-0.0740 

-0.101 

-0.124 

0.020 

0.021 

0.021 

0.023 

0.022 

Table 5.8 	 Slopes of the linear regions of the plots of 
figure 5.2, together with the calculated rate· 
constants. 
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co2 partial 

(atm)pressure 

Slope 

-i
(sec ) 

Rate Constant k 

(em 
-1 -1 

sec atm ) 

1. 00 -0.101 0.023 

0.716 -0.0790 0.025 

0.417 -0.0489 0.026 

0.121 -0.0156 0.029 

Table 5.9 	 Slopes of the linear regions of the plots of 
figure 5.3, together with the calculated rate 
constants. 

Gaseous Slope Rate Constant k 

Pressure -1
(sec ) (em 

-1 -i 
sec atm ) 

atmospheric -0.101 0.022 

4 PSIG -0.101 0.021 

9 PSIG -0.102 0.021 

Table 5.10 	 Slopes of the linear regions of the plots of 
figure 5.4, together with the calculated rate 
constants. 

co2 partial 

(atm)pressure 

Slope 

(sec
-i -1 

atm ) 

Rate Constant k 

(em 
-i -1 

sec atm ) 

1. 00 

0.716 

0.417 

0.121 

-0.101 

-0.110 

-0.117 

-0.129 

0.023 

0.025 

0.026 

0.029 

Table 5.11 	 Slopes of the linear regions of the plots of 
figure 5.5, together with the calculated rate 
constants. 
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5.4 	 Reaction mechanisms and rate determining step of the 

carbonation conversion of aqueous sodium sulfide to 

hydrogen sulfide 

5.4.1 	 Reaction mechanisms 

The overall aqueous reaction of the carbonation 

Na S 	 + 2CO + 2H 0 ---+ 2Na-to + 2HCO~- + H S [5-22]
2 	 2 2 .. 2 

is made up of a number of reactions that may be broken down 

as follows 

Na S 	 + H 0 ---+ 2Na-t- + OH- + HS- [5-12]
2 	 2 

C0 + 	OH- ---+ HC0- [5-23]
2 	 9 

HS- + CO + H 0 ---+ H S + HC0-	 [5-24]
2 2 2 9 

Equation [5-12] is the hydrolysis of sodium sulfide which 

is shown in section 5.1.1 to go essentially to completion 

in the present case of Na S-NaHC03 system. Equation [5-23]2

is believed to be the major reaction which takes place at 

the first reaction period of the carbonation reaction that 

rapidly increases the solution's acidity. On the other 

hand, the subsequent fast conversion period is dominated by 

the H2S generation reaction, equation [5-24], which is of 

the greatest interest in the study of reaction kinetics, 

section 5.3. 

Equation [5-24] is still a trimolecular reaction, 
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and it is likely to be made up in reality by a sequence of 

reactions. The most probable reaction sequences that result 

in the overall equation [5-24] are described below : 

(1) 

(2) HS­

H+ 

C0
2 

HS­ + co
2 

(3) HS­

C0 
2 

-HS + co
2 

(4) HS­

C0
2 

HS­ + co
2 

+ H 0 
2 

+ OH­

+ H 0 
2 

+ H 0 
2 

+ H+ 

+ H 0 
2 

+ H 0 
2 

+ 	H+ 

H 0
2 

-+ OH 

+ H 0 
2 

--i> H S + OH­
2 

--i> H 0
2 

--i> HCO~ + H+ 

--i> H S + HCO~2 

--i> H S
2 

--i> HCO~ + H+ 

--i> H S + HCO~2 

--i> H S
2 

--i> H+ + OH ­

--i> HCO~ 

--i> H S + HCO~2 



-123­

(5) ­
HS + Hco; ---+ H S + co:­

2 

C0 + H 0 ---+ Hco; + H+ 
2 2 

H+ + C02 
­

3 
---+ HCO~ 


HS­ + C0 + H 0 ---+ H S + HCO~2 2 2 

(6) ­
-HS + Hco; ---+ H S + C02 

2 3 

H+ + C02
­

3 
---+ 	Hco; 

H+ + OH­H 0 	 ---+
2 

C0	 + OH- ---+ HCO~2 

HS-	 + co
2 

+ H
2

0 ---+ H S 
2 

+ Hco; 

Reaction sequences (5) and (6) are unlikely to be 

of any importance since they both involve a reaction 

between two similarly charged ionic species, namely HS- and 

Hco; ions. On the contrary, sequences (1) and (2) are most 

likely to represent the actual reactions, because here HS-

ion reacts with water molecule which is the medium and is 

abundant, to give aqueous H2 S molecule. 

Therefore, the mechanism of carbonation conversion 

of aqueous Na2s to gaseous H2S may then be summarized as 

follows : 

(A) 	 Ionization of sodium sulfide to HS- ion in liquid 

phase : 
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Na S + H 0 ~ 2Na-+- + HS- + OH- [5-12]2 <a.q> 2 

(B) 	 Absorption of carbon dioxide : 

(1) Diffusion of C0 from the bulk of gas phase to the2 


gas-liquid interface. 


( 2) 	 Dissolution o'f co at the interface at which physical2 


equilibrium may be assumed. 


co ~ co 	 [5-25]
2<g> 2<a.q> 

(3) 	Diffusion of dissolved co from the interface towards2 


the bulk of liquid. 


(4) 	Chemical reaction within liquid phase which leads to 

an increase in acidity of reaction solution. 

co + H o ~ Hco: + HT 	 [5-18]
2 ( o.q> 2	 "' 

[5-23] 

(C) 	 Generation of aqueous hydrogen sulfide 

[5-26] 

[5-27] 

(D) 	 Desorption of hydrogen sulfide : 

(1) Diffusion of H S from bulk of liquid towards gas­2

liquid interface due to the concentration gradient 
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set 	up by the chemical reaction. 

(2) 	Gasification of H2s at the interface. 

HS ---+ HS 	 [5-28]z <a.q> z <g> 

(3) 	Diffusion of gaseous H2s from the interface towards 

the bulk of gas. 

5.4.2 Rate determining step 

The ionization of aqueous sodium sulfide to HS- ion 

in the present Na2S-NaHC03 system is a homogeneous reaction 

which goes to completion at the initial state of the 

conversion reaction as discussed previously in section 

5.1.1. Thus, the supply of reactant HS- ion is not rate 

limiting and hence equation [5-12] may not be the rate 

determining step of the overall Na2s conversion reaction. 

The homogeneous liquid phase generation 

reactions [5-26] and [5-27] may be considered to be 

instantaneous and in equilibrium at all time since only a 

transfer of proton is involved, which is fast in comparison 

to other reactions considered here. Thus, the generation of 

aqueous H2 S is not the rate limiting step either. 

The other possible rate controlling steps left are 

the absorption of co2 and desorption of H2S, which are both 

heterogeneous reactions. This is in accordance with the 

results of the gas flow rate experiments which suggest that 

the rate determining step is likely to be heterogeneous 

reaction (section 4.4). If the aqueous concentration of 
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either C0 or H2S is in equilibrium with its partial2 

pressure in the gas phase, then the heterogeneous reaction 

involving the other gas would be the rate limiting step. 

Therefore, solubility of gas in the present Na2S-NaHC03 

system is needed in order to determine if equilibrium of 

the gas is established between the gas and liquid phase. 

As discussed in section 2.7, the solubility of a 

gas in an electrolyte solution may be estimated by equation 

[2-72]. 

log(H/H ) = hi [2-72]
w 

where His the Henry's law constant of the gas in the 

electrolyte solution; H is that in pure water; h = h + h
W 9 T 

+ h is the salting out coefficient, and I is the ionic 

strength of the solution. Furthermore, in the case of mixed 

electrolytes, Danckwerts< 42 ) suggested that the value of H 

may be given by equation [2-75]. 

[2-75] 

The major ionic species of the present Na2S-NaHC03 
- - 2- +system are HS , HC03 , C03 and Na ions (section 5.1), so 

the solution may be treated as mixed electrolytes of NaHS, 

NaHC0 and Na2co3 . As reaction proceeds, the ionic3 

composition of the reaction solution changes, and so does 

the solubility of C0 in the solution. However emphasis is2 

put on the second fast conversion period, which is of the 
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greatest interest in the study of the reaction kinetics. 

Using the ionic composition at time t = 15 min of 

table 5.1 as an example, the concentrations of HS-, HC03 

and are, respectively, 0.224, 1.213 and 0.017M, 

whereas that of Na+ ion remains unchanged during the course 

of reaction at 1.472M. It is assumed that the salting out 

coefficients h , h and h are not temperature
9 + 

sensitive( 51 >, and the values< 51 ) at 25°C are used. Thus, 

the value of the product "hi" of NaHS = (-0.2277 - 0.0183 + 

0.3718)[1/2(0.224 + 0.224)] = 0.028. Similarly, the 

products of "hi" of NaHC0 and Na co are 0.2214 and 6.6 x3 2 3 

10
-3 

respectively. From table 2.1, Hw equals to 37.7 atm/M 

at 35°C. Therefore, by equation [2-72], the calculated 

estimate of the Henry's law constant of co for the2 

reaction solution at 35°C is 68.0 atm/M. Similar 

calculations are performed for the compositions at other 

reaction time of the second fast conversion period (10-45 

min, figure 5.3), of which the results are listed in table 

5.12. It shows that variation in Henry's law constant of 

C0 is small as reaction proceeds.
2 

Take reaction time t = 30 min of the 0.716 atm C0 
2 

partial pressure experiment as an example, the aqueous C0 
2 

concentration that would be in equilibrium with the gas 

-2phase is 1.03x10 M (0.716atm I 69.4 atm The 

concentrations of H
+ 

ions are 3. 72x10
-9

M and 
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Reaction 

time(min) NaHS 

"hi" 

NaHC03 Na2co3 

log(H/Hw) H 

(atm/M) 

10 

15 

30 

45 

0.039 

0.028 

0.0084 

0.0025 

0.206 

0.221 

0.249 

0.257 

0.0062 

0.0066 

0.0078 

0.0082 

0.251 

0.256 

0.265 

0.268 

67.3 

68.0 

69.4 

69.9 

Table 5.12 Solubility of in reaction solution atC02 
various reaction time of the 0.716 atm C02 
partial pressure experiments. 

1.364M respectively (table 5.1). By equation [2-56], the 

equilibrium constant K _:t. at 35°C is 4. 9x10-7 M. 
5 8 

co + H 0 ---+ HCO- + HT [5-18]
2<~q> 2 9 

Thus, the aqueous concentration that would be inC02 
HTequilibrium with the and HCO~ concentrations is 

-2 -9 -?
1. 04x10 M (3.72x10 M X 1.364M I 4. 9x10 M), which is 

practically the same concentration that would be in 

equilibrium with the C0 partial pressure of the gas phase.
2 

Hence, it is shown that the gas phase CO partial pressure
2 

is in equilibrium with the liquid phase C0 , H~ and HCO~ 
2 

concentrations. 

Similar calculations for the other C0 partial
2 

pressure experiments show consistent results. For instance, 
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at time t = 30 min. of the 0.417 atm C0
2 

partial pressure 

reaction, the Henry's law constant H of C0 equals to 68.5
2 

atm M-1 (logH/H = 0.259; concentration data from table 
'IJ 

5.2). Thus, an aqueous C0 concentration of 6.09x10
-9

M
2 

would be in equilibrium with the gas phase C0 partial
2 

pressure. On the other hand, equilibrium considerations of 

reaction [5-28] indicate that an aqueous C0 concentration 
2 

of 5.90x10-3 M would be in equilibrium with the liquid phase 

HT and HCO~ ion concentrations. Similarly, at time t = 90 

2 

min. of the 0.121 atm C0 
2 

partial pressure reaction, H = 
68.3 atm M-i 

(logH/H
'IJ 

= 0.258; concentration data from 

table 5.3). Thus, an aqueous concentration of 

1.77x10
-9

M would be in equilibrium with the gas phase C0 

partial pressure. Equilibrium considerations of reaction 

[5-28] indicate that an aqueous C0 concentration of 
2 

1.78x10-3 M would be in equilibrium with the liquid phase HT 

and Hco; ion concentrations. 

Therefore, it is shown that the absorption of C0
2 

gas is a relatively fast reaction, and that the desorption 

of H S gas must be the rate limiting step.
2 

5.5 Pressurized reaction svstem 

At first glance figure 4.5 might suggest that the 

two pressurized systems (4 PSIG and 9 PSIG) have little 

difference in overall conversion rate of Na S as compare to 
2 

that of the atmospheric system. However, the pressurized 

systems' volumetric flow rate were reduced according to 
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Boyle's law, as disscussed in section 4.6, and that section 

4.4 shows the strong dependence of conversion rate on inlet 

C0
2 

gas volumetric flow rate. Hence, figure 4.5 actually 

indirectly suggests the advantage of using a pressurized 

reactor to increase the reaction rate per unit area of 

gas-liquid interface. 
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CHAPTER 6 


Conclusions 


Carbonation conversion of aqueous sodium sulfide to 

gaseous hydrogen sulfide is shown to be feasible. Eighty 

percent conversion can be achieved in 45 minutes under 

atmospheric pressure, at 35°C and with a C0 flow rate of 
2 

155 ml/min into a reactor containing 150 ml of reaction 

solution. Exit gas composition of up to thirty percent H
2 

S 

can be attained. The main conclusions of this work are 

listed as follows 

(1) Dependence of Na S conversion rate on temperature is
2 

relatively small as compared to that of C0 flow rate 
2 

and partial pressure. 

(2) The carbonation conversion of Na S shows three
2 

distinguishable reaction periods. In the first period 

the acidity of reaction solution increases rapidly but 

with little Na S conversion. On the contrary, the 
2 

second reaction period is marked by fast Na S
2 

conversion but with little change in the pH value of 

reaction solution. As Na S depletes, to over 90%
2 

completion, the fast conversion period tapers off to 

the final slow reaction period. 

(3) The carbonation conversion of Na S is first order with 
2 

respect to HS- ion and P .
00 

2 

(4) The rate determining step of the carbonation conversion 
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of 	aqueous Na S to gaseous H S is the desorption of H S
2 2 2 

gas. 

(5) 	The use of a pressurized reaction system is kinetically 

advantageous. 
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