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ME529 Combustion and Air Pollution

Topic 10. SO2 Formation
Sulfur is a constituent of fossil fuels.  It was present in the living plants and animals that eventually formed coal and oil. S is bound either inorganically, as pyrite (FeS2), in coal ash and is retained in the ash and not released during combustion, or it is bound organically and released during combustion.







The mass fraction of S in coal varies between ultra-low (0.5%) to high (5%).  S is a concern in combustible fuels because of its contribution to atmospheric haze and acidic deposition.  Since ~51% of electricity in the US is produced by burning coal, we will focus on S in coal-fired power generating plants; these plants are responsible for ~2/3 of USA SO2 emissions.  The US has vast reserves of coal - exceeded only by those in China - so it is likely that coal will continue as a preferred fuel in the foreseeable future.  Although no coal utility plants produce electricity in Idaho, we purchase electricity from plants in Wyoming that do.  And some industrial power plants - for example, food processing plants in Nampa - burn coal in their facilities.

Sulfur oxidizes to SO2 during combustion.  Further reactions with water and oxygen in flue gases create sulfurous acid (H2SO3) and sulfuric acid (H2SO4).  These acids, combined with nitrous acid (HNO2) and nitric acid (HNO3) from NOx emissions, acidify rain that causes environmental damage: decline in aquatic life, damage to crops, disintegration of statues, destruction of forests.

Even the cleanest rain is slightly acidic.  Small amounts of CO2 absorbed from the atmosphere creates carbonic acid (H2CO3) which results in rain with a pH of ~5.6 . The isopleths of pH in the following figures show regions of precipitation in the USA with pH as low as 4.2 (tomato juice).  Local hot-spots exist; fog with pH of 3 (vinegar) was measured on the summit of Mt. Washington in NH.  Global hot-spots include Japan, north central Europe, and Scandinavia.
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[image: image2.jpg]Figure 1.3: Acidity of North American prempltatlo;x,ﬁlv%*s-(pﬂ
units)

Source: - A.R. Olsen, Pacific Northwest Laboratory, Richland, Washington,
1987.

Note:  ® = station showing no trend in acidity, 1979-84 -
- ¥ = station showing decreasing acidity, 1979-84





[image: image1.jpg]Fig. 2.4. Annual average pH isopleths: (A) 1955-1956; (B)
1975-1976. (United States—Canada Research Consultation Group
on the Long-Range Transport of Air Pollutants.)
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[image: image5.jpg]Source:  Co-operative Program for Monitoring and Evaluation of the
Long-Range Transmission of Air Pollutants in Europe, Nor-
wegian Institute for Air Research, Lillestrom, 1987.




[image: image6.jpg]Fig. 5.2. Global ranges of mean rainwater pH (courtesy of Dr D.M. Whelpdale

and the WHO Centre on Surface and Ground Water, Canada, and Dr G
Gravenhorst). 19%0




Sources of SO2 (1986)

	Global
	Natural
	60%

	
	Homogenic
	40%

	
	
	

	Eastern USA
	Natural
	10%

	
	Homogenic
	90%


Sources of NOx (1980)

	Global
	Natural
	~50%

	
	Homogenic
	~50%

	
	
	

	Eastern USA
	Natural
	10 - 15%

	
	Homogenic
	85 - 90%


[image: image7.png]The number one source of sulfur dioxide
emissions is coal burning powerplants





Environmental Impact
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Seemingly pristine lakes that are acidified due to acid rain and granite bedrock (limestone bedrock acts as a buffer) become sterile as fish deaths impact the food chain.

	pH of Surface Water
	Biological Effect

	6.5
	Egg mortality and reduced growth in brook trout

	5.5 – 6.0
	Rainbow trout not found.  Mollusks rare.

	5.5
	Increased salmon mortality

	5.0
	Lower limit for most sport fish species

	4.5 – 5.0
	Lethal to salmon eggs and fry.

	4.0 – 4.5
	Few fish species survive.
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Diving birds that feed on fish (loons, mergansers) are impacted.
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Fig. 5.4. The various processes involved in the concentration of acidity upon lez
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Localized areas of low pH occur in mountain fog.  
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Local hot-spots exist; fog with pH of 3 (vinegar) was measured near the summit of Mt. Washington in NH.
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This is the fog pH measuring station on Mt. Washington. 
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On the other side of the mountain, however, a brown coal fueled cog railway still hauls tourists to the top (and it is an ASME and ASCE landmark!).
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Because of sublimation, the pH of snow slowly drops during the winter.  Rapid melting in the spring flushes streams with acidified water.
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Fig. 5.6. Changes in levels of acidity and aluminium content of a Scandinavian
_nver system during a spring flush event.




Low pH increases the mobility of aluminum ions in soil.  Runoff water dumps the ions into streams and lakes.  Aluminum poisons fish gills, killing the fish.

Acidic depositions also kill plants (sugar maples are dying in New England and eastern Canada).  Local depositions in coal burning towns have literally dissolved buildings and statues.
Mechanism

In fuel-lean flames, SO2 is formed.  Fuel rich flames can form H2S, COS and CS2.  A fraction of these compounds oxidize to SO3.  SO3 can then react with water

SO3 + H2O ===> H2SO4
to form sulfuric acid aerosols - a blue haze.

The oxidation of SO2 to SO3 is described by

SO2 + 1/2 O2 <===> SO3

Kp = 1.53E-05 exp(11,960/T)

[SO3] increases as T drops; below ~ 900 K (630 C) SO3 should be the predominant species, but conversion of SO2 to SO3 is kinetically limited.  The detailed mechanism is:

SO2 + O + M <===> SO3 + M  
  k+ = 8.0E04 exp(-1400/T)

SO3 + O + M <===> SO2 + O2 + M
k+ = 7.04E04 exp(785/T)

Control

Pre-combustion strategies

Since the S content of fossil fuels varies, one method of lowering S emissions is simply replacing high-S containing fuels with low-S containing fuels.  Fuel substitution is used by some utilities to meet their emission standards.

Since some of the S in coal is inorganically bound, finely grinding and “washing” the coal can remove S by removing the pyritic S.  This procedure is called beneficiation.  Micronized coal, ground to particles ~ 50 microns, has most of the ash removed as opposed to pulverized coal wherein the particles are ground to ~ 500 microns.

A third method of removing S before combustion involves the use of S eating bacteria.  This is true!  These microbes munch away at the organically bound S.

Coal can also be pre-treated with compounds that react during combustion to remove S.

Control during combustion

Alteration of the combustion process to control S emissions is not as effective as it is for NO control. 

Coal treated with Ca and Mg compounds will cause the formation of CaSO4 during combustion.

The Ca and Mg compounds  - most often limestone or dolomite - may also be introduced during the combustion process, and when CaO is added to coal in fluidized bed reactors.  S capture in this manner is more successful when the temperatures are kept low to preclude decomposition of CaSO4 to CaO and SO2.  Recall problem set #3 where we found the temperature ceiling for stable CaSO4 formation.

The reactions that lead to S capture occur on the surface of the CaO “stone”  The large number of porous on the stone surface provide a huge surface area for the gas-solid reactions.  The porosity of the stone is creating during calcination of limestone, CaCO3, to CaO. The limiting factor is pore plugging by the formation of CaSO4.  Not all of the Ca can be utilized, due to pore plugging, and Ca/S ratios > 1 must be used to achieve effective S removal.

The calcination of limestone releases CO2, a greenhouse gas also produced during combustion.

The reactions are as follows.  First, the limestone calcines:

CaCO3 ==> CaO + CO2
SO2 then reacts heterogeneously with the calcined stone.  In an oxygen-rich atmosphere:

CaO + SO2 + 1/2 O2 ==> CaSO4
In an oxygen-lean atmosphere:

CaO + H2S ==> CaS + H2O

If the temperature is below the decomposition temperature of the carbonate, SO2 can also react directly with CaCO3:

CaCO3 + SO2 + 1/2 O2 ==> CaSO4 + CO2
The above reaction is thermodynamically possible at temperatures below ~1050(C.

There are other issues involved with in-combustion limestone injection.  For example if limestone is injected at too high a temperature, sintering of the calcined stone can occur.  Sintering reduces surface area and thus not all the Ca in the stone can be 'utilized' to remove S.  Increasing the utilization of sorbents is an active research area.

Calcium-based sorbents have been added to coal by ion-exchange and by wetting and pulverizing and micronized coals with aqueous solutions of calcium magnesium acetate, calcium acetate and magnesium acetate.

Post-combustion control

Post-combustion flue gas desulfurization processes were originally invented by Americans in the 1970’s.  The technology was virtually ignored in this country but embraced elsewhere.  For example, an aggressive campaign in Germany resulted in 100% retrofitting of coal plants with FGD equipment by the mid-1980’s.  The byproduct of this process, CaSO4, i.e. gypsum, is now used in Germany to manufacture wallboard.

FGD processes are either wet or dry (referring to the state of FGD products removed for disposal or regeneration).  Wet systems dominate in the USA, Japan and Europe. FGD processes are also either regenerative (S is separated from the spent sorbent which can then be reused) or throwaway (the sulfur-sorbent product is discarded).

Throwaway Processes

The most widely used (~75% of FGD installations) flue gas desulfurization strategies involve wet or dry scrubbing with non-regenerative calcium compounds such as slaked lime [Ca(OH)2], lime (CaO) or limestone (CaCO3) slurries.  Injection of these sorbents in the high-temperature boiler gases has received much attention because of the low capital investment. 

1. In wet scrubbing processes, a limestone/water or lime/water slurry is introduced into the flue gases in a spray tower.  The key to the process is the absorption equilibrium of SO2 in water:

SO2 + H2O <==> SO2( H2O

SO2( H2O <==> H + HSO3
HSO3 <==> H + SO3
Limestone is not very soluble in water (0.00153 g per 100 g H2O at 273 K), and is finely ground and mixed with water to create a slurry.  The overall reaction for limestone scrubbing is:

CaCO3 + SO2 + H2O ==> CaSO3 (H2O + CO2
Where CaSO3 (H2O is calcium sulfite dihydrate.

Lime is created by calcining limestone.  When added to water, calcium hydroxide (slaked lime) forms:
CaO + H2O <==> Ca(OH)2
Slaked limestone is also relatively insoluble (0.185 g per 100 g H2O at 273 K) but far more so than limestone.   The overall chemical reaction for lime scrubbing is:

CaO + SO2 + H2O ==> CaSO3 (H2O

Problems with wet scrubbing include the formation of gypsum by reaction with dissolved oxygen.  Gypsum forms scale on scrubber surfaces.

CaSO3 (H2O +1/2 O2 + H2O ==> CaSO4 (2H2O

Another problem is maintaining the proper pH - between 5.8 and 6.2 for limestone scrubbing, and ~8 for lime scrubbing.  In addition, gypsum solubility decreases as pH decreases; a pH of ~6 for limestone scrubbers will avoid gypsum precipitation.

Wet scrubbing can remove ~90% of SO2 emissions.

2. Dry scrubbing consists of injecting wet lime slurry into the scrubbing tower.  The droplets absorb sulfur dioxide and form calcium sulfite and gypsum.  If the liquid/gas ratio is low enough, the water will evaporate before the drops reach the bottom of the tower.  The dry particles are collected in a baghouse.

Dry scrubbing can remove 75 to 90% of SO2 emissions.

Regenerative Processes

1.  Processes using Mg are examples of regenerative FGD methods.  At temperatures between 40 to 65(C, magnesium hydroxide slurries react with SO2 to form hydrated magnesium sulfites (MgSO3(3H2O or MgSO3(6H2O):  

MgO + SO2 + 3 H2O ==> MgSO3(3H2O

MgO + SO2 + 6 H2O ==> MgSO3(6H2O

These sulfites are dried and calcined to recover MgO and SO2 for production of sulfuric acid or elemental sulfur:

MgSO3 ==> MgO + SO2
MgSO4 + 1/2 C ==> MgO + SO2 + 1/2 CO2
The low-temperature reactions between Mg and S may be one reason why utilities report improved SO2 capture when MgO is added to limestone slurries.

2.  The oldest regenerative process is the Wellman-Lord process.  The flue gas is brought into contact with aqueous sodium sulfite:

Na2SO3 + SO2 + H2O ==> 2NaHSO3
In the presence of excess oxygen, sodium sulfate can form

Na2SO3 + 1/2 O2 ==> Na2SO4
and the sodium sulfate created this way is brought out of solution (precipitates as solid crystals) and disgarded.  The rest of the liquid is heated to recover sodium sulfite:

2NaHSO3 ==> Na2SO3 + SO2 + H2O

The concentrated sulfur dioxide is reduced to elemental sulfur or oxidized to sulfuric acid.

Since not all of the sodium sulfite feedstock is recovered, soda ash (NaCO3) is added to produce more:

NaCO3 + SO2 ==> Na2SO3 + CO2
3.  Catalytic processes convert SO2 to H2SO4 by passing flue gases over a vanadium pentoxide (V2O5) catalyst, which oxidizes SO2 to SO3, followed by contact with water to produce sulfuric acid.

Appendix A. Detailed Mechanisms for Wet Scrubbing
A proposed chemical mechanism for the overall stoichiometry of limestone scrubbing is as follows:

SO2 + H2O <==> SO2( H2O

SO2( H2O <==> H + HSO3
H + CaCO3 <==> Ca + HCO3 

Ca + HSO3 + 2H2O <==> CaSO3 (2H2O + H

H + HCO3 <==> CO2(H2O 

CO2(H2O <==> CO2 + H2O 

Overall reaction:

CaCO3 + SO2 + 2H2O ==> CaSO3 (H2O + CO2
Two routes are proposed for the mechanism of lime scrubbing.  One is the conversion of lime to calcium carbonate

CaO + CO2 ==> CaCO3 

In which case the mechanism for limestone scrubbing applies.  The second involves the chemistry of lime directly:

SO2 + H2O <==> SO2( H2O

SO2( H2O <==> H + HSO3
CaO + H2O ==> Ca(OH)2 

Ca(OH)2  <==> Ca + 2OH

Ca + HSO3 + 2H2O <==> CaSO3 (2H2O + H

H + OH <==> H2O

Overall reaction:

CaO + SO2 + 2H2O ==> CaSO3 (H2O

Appendix B.  pH

Liquid water dissociates into ions according to H2O <==> H + OH.  The equilibrium constant for this reaction is:
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Because very little dissociation actually occurs, the concentration of H2O is very large and constant for practical applications.  Therefore, [H2O] is combined with the equilibrium constant:
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where Kw is called the dissociation constant of water.

From stoichiometry, we know that for each mole of H formed, one mole of OH forms.  Hence, [H]=[OH] and we can substitute:
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The log of the reciprocal of the H ion concentration is what we call pH, or the ‘power’ of the concentration:

pH = -log10[H]=log10(1/[H])

Hence, for chemically pure water, pH =7 which is ‘neutral.’
In aqueous solutions where [H] > [OH], the pH is < 7 and the solution is an acid.  When [H] < [OH], the pH > 7 and the solution is a base.

Here is a table with the pH of different compounds:

	Compound
	pH

	Saturated Ca(OH)2
	12.4

	Ammonia
	11.2

	Saturated Mg(OH)2
	10.5

	Sea water
	8.3

	Neutral
	7.0

	Clean rain
	5.6

	Carrots
	5.0

	Tomatoes
	4.2

	Vinegar
	3.0

	Battery acid
	1.0
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[image: image21.png]Hydrogen ion concentration as pH from measurements
made at the Central Analytical Laboratory, 1994
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