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Chapter 18. Chemistry of the Environment  

Common Student Misconceptions 
• Students often confuse the toxicity of ozone in the troposphere and the beneficial effects of ozone in 
 the  stratosphere. 
• Students often think that ozone depletion causes global warming. 
• Students often equate greenhouse effect with global warming; they are linked, but not the same. 

Teaching Tips 
• This chapter gives an excellent opportunity to review Dalton’s law of partial pressure, Planck’s law 

calculations, ionization energy, equilibrium, reaction mechanisms, and some acid-base chemistry.  

Lecture Outline  
18.1 Earth’s Atmosphere1,2 

• The temperature of the atmosphere varies with altitude. 
• The atmosphere is divided into four regions based on the temperature profile. 
 • The troposphere (below an altitude of 12 km)   
   • The temperature decreases from 290 K to 215 K as altitude increases. 
   • This region is where we spend most of our time.   
   • The boundaries between regions are given the suffix -pause. 
    • The area at the boundary of the troposphere is the tropopause.   
   • 75% of the mass of the atmosphere is within the troposphere.   
 • The stratosphere (10 km – 50 km)   
  • The temperature increases from 215 K to 275 K.   
 • The mesosphere (50 km – 85 km)   
  • The temperature decreases (275 K to 190 K).   
 • The thermosphere (>85 km)  
  • The temperature increases.   
 • There is only slow mixing of gases between regions in the atmosphere. 
• The variation of pressure with altitude is simple; pressure decreases as altitude increases. 
 • The pressure at sea level is 760 torr; the pressure at 200 km is 1 × 10–6 torr.   

Composition of the Atmosphere3,4,5,6,7,8,9,10 

• The composition of the atmosphere is not uniform.   
                                                      
1 “Introducing Atmospheric Reactions: A Systematic Approach for Students” from Further Readings 
2 Figure 18.1 from Transparency Pack 
3 “Thermal Physics (and Some Chemistry) of the Atmosphere” from Further Readings 
4 “ ‘Holes’ in Student Understanding:  Addressing Prevalent Misconceptions Regarding Atmospheric 
Environmental Chemistry” from Further Readings 
5 “Chemists Celebrate Earth Day 2009: Air—The Sky’s the Limit.  JCE Resources for Chemistry and the 
Atmosphere: An Update” from Further Readings 
6 “Outdoor Carbon Monoxide: Risk to Millions” from Further Readings 
7 “Carbon Monoxide Poisoning.  Some Surprising Aspects of the Equilibrium between Hemoglobin, 
Carbon Monoxide, and Oxygen” from Further Readings 
8 “Nitrogen” 3-D Model from Instructor’s Resource CD/DVD 
9 “Oxygen” 3-D Model from Instructor’s Resource CD/DVD 
10 “Carbon Dioxide” 3-D Model from Instructor’s Resource CD/DVD 
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 • Temperature and pressure vary over a wide range with altitude.   
 • Gases in the atmosphere are bombarded by radiation and energetic particles from  the sun.   
 • Gravity also plays a role.  
  • Lighter molecules and atoms are found at higher altitudes. 
• Two major components of the atmosphere are nitrogen, N2, and oxygen, O2. 
 • N2 and O2 make up approximately 99% of the atmosphere. 
 • CO2 and noble gases make up most of the remainder of the atmosphere.   
 • The concentration of gases in the atmosphere is given in parts per million (ppm).   
  • The definition of ppm in this instance is on a per volume basis. 
  • 1 ppm = 1 part by volume per million volumes of the whole.    
 • The concentration in ppm is equal to the mole fraction times 106. 
 • Thus, the concentrations of N2 and O2 are 7.8 × 105 and 2.1 × 105, respectively.   
 • These two components differ significantly with respect to reactivity.    
  • The O=O and N≡N bonds are very strong, however, the O=O bond is much weaker than the 

N≡N bond. 
  • Therefore, O2 is significantly more reactive than N2. 

Photochemical Reactions in the Atmosphere 

• Recall: 
E = hν = hc/λ 

• Thus, the higher the frequency, the shorter the wavelength and the higher the energy of radiation. 
• For a chemical reaction induced by radiation to occur, the photons must have sufficient energy to 

break the required bonds, and the molecules must absorb the photons. 
• Photodissociation is the rupture of a chemical bond induced by absorption of a photon by a 

molecule. 
 • No ions are formed.   
 • Bond cleavage leaves half the bonding electrons with each of the two atoms forming two neutral 

particles.   
• In the upper atmosphere, photodissociation causes the formation of oxygen atoms: 

O2(g) + hν Æ 2O(g) 
 • The minimum energy required to induce this depends on the dissociation energy of O2 (495 

kJ/mol).   
 • The longest wavelength of light that causes the formation of oxygen atoms is 242 nm.   
• In 1924, electrons were discovered in the upper atmosphere.   
 • Therefore, cations must be present in the upper atmosphere. 
• Photoionization is the ionization of molecules (and atoms) caused by radiation. 
 • The molecule absorbs energy, causing the loss of an electron.   
 • Thus, the photon must have sufficient energy to remove an electron when it is absorbed by a 

molecule. 
 • Wavelengths of light that cause photoionization and photodissociation are absorbed by the upper 

atmosphere.   
  • This filters them out and prevents them from reaching the Earth.    

Ozone in the Upper Atmosphere11 

• Ozone absorbs photons with wavelengths between 240 and 310 nm. 
• Most of the ozone is present in the stratosphere; 90% of it is found at 10–50 km.   
• Between altitudes of 30 and 90 km. photodissociation of oxygen is possible: 

O2(g) + hν Æ 2O(g) 
 • Here the concentration of O2 is greater than that of O.  

                                                      
11 “Stratospheric Ozone” Animation from Instructor’s Resource CD/DVD 
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 • The oxygen atoms can collide with oxygen molecules to form ozone with excess  energy, O3*: 
O(g) + O2(g) Æ O3*(g) 

 • The excited ozone (O3*) can lose energy by decomposing to oxygen atoms and oxygen molecules 
(the reverse reaction) or by transferring the energy to M (usually N2 or O2): 

O(g) + O2(g) Æ O3*(g) 
O3*(g) + M(g) Æ O3(g) + M*(g) 

• Why does maximum ozone formation occur in the stratosphere? 
 • The formation of ozone in the atmosphere depends on the presence of O(g). 
  • At low altitudes, the radiation with sufficient energy to form O(g) has been absorbed. 
 • The release of energy from O3* depends on collisions that generally occur at lower altitudes. 
  • The concentration of molecules is generally greater at lower altitudes, thus more frequent 

collisions occur.   
 • Combining these factors results in maximum ozone formation in the stratosphere. 
• The ozone shield in the stratosphere protects plant and animal life on Earth’s surface from being 

bombarded with high-energy radiation.   

18.2 Human Activities and Earth’s Atmosphere 
The Ozone Layer and Its Depletion12,13,14,15,16,17,18,19 

• 1970: Cratzen demonstrated that naturally occurring nitrogen oxides can catalytically degrade ozone.  
• 1974: Rowland and Molina demonstrated that chlorine atoms from chlorofluorocarbons (CFCs) 

deplete the ozone layer.   
 • Rowland and Molina were awarded the Nobel prize in 1995. 
 • CFCs such as CFCl3 (Freon-11) and CF2Cl2 (Freon-12) were commonly used as propellants in 

spray cans, as refrigerants, and in the plastics industry.   
 • CFCs are relatively insoluble in water. 
 • Thus, they are not removed from the atmosphere by rain. 
 • Their lack of chemical reactivity allows them to survive in the atmosphere and diffuse into the 

stratosphere.   
• In the stratosphere, CFCs undergo photochemical rupture of a C–Cl bond: 

CF2Cl2(g) + hν Æ CF2Cl(g) + Cl(g)  (optimal at 30 km) 
 • The free chlorine atoms subsequently react with ozone: 

Cl(g) + O3(g) Æ ClO(g) + O2(g) 
  • Rate = k[Cl][O3],  k = 7.2 × 109 M–1s–1 at 298 K. 
 • In addition, the ClO generated may produce Cl as well: 

2ClO(g) Æ O2(g) + 2Cl(g) 
 • These chlorine atoms can react with more ozone.   
 • The overall reaction is: 

2O3(g) Æ 3O2(g) 
• The use and production of CFCs was completely banned as of 1996 (by 100 nations).   
 • Hydrofluorocarbons are the main alternatives to hydrofluorocarbons.   

                                                      
12 “Understanding Ozone” from Further Readings 
13 Figure 18.6 from Transparency Pack 
14 “Ozone Depletion: 20 Years after the Alarm” from Further Readings 
15 “News from Online: Stratospheric Chemistry” from Further Readings 
16 “Local and Regional Ozone: A Student Study Project” from Further Readings 
17 “CFCs and Stratospheric Ozone” Animation from Instructor’s Resource CD/DVD 
18 “Catalytic Destruction of Stratospheric Ozone” Animation from Instructor’s Resource CD/DVD 
19 “Heme (with bound O2)” 3-D Model from Instructor’s Resource CD/DVD 
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Sulfur Compounds and Acid Rain20,21,22,23,24 

• Sulfur dioxide, SO2, is produced by natural events (volcanic gases, bacterial action, forest fires).   
 • The major source is linked to human activities such as the combustion of sulfur-containing fuels.  
  • Combustion of coal accounts for approximately 65% of the SO2 released in the United States. 
 • The amount of SO2 produced depends on the sulfur content of the coal or oil, which varies with 

the source of the coal or oil.   
 • The SO2 can be oxidized to SO3, which dissolves in water to produce sulfuric acid (a component 

of acid rain): 
SO3(g) + H2O(l) Æ H2SO4(aq) 

• Nitrogen oxides also contribute to acid rain by forming nitric acid. 
• Normal rainwater has a pH of about 5.6 (due to the H2CO3 produced from CO2). 
 • Acid rain has a pH around 4, whereas the pH of natural waters containing living organisms is 

between 6.5 and 8.5. 
 • Natural waters with a pH below 4 cannot sustain life. 
  • All vertebrates, most invertebrates, and many microorganisms cannot survive at such a low 

pH conditions.   
• The acids in acid rain are problematic.   
 • They react with metals and promote corrosion. 
 • They react with carbonates (such as the calcium carbonate in marble and  limestone).   
• How can we reduce the amount of SO2 produced from fuel combustion?   
 • It is too expensive to remove sulfur from oil and coal prior to its use.   
  • Therefore, the SO2 is removed from fuel on combustion. 
 • SO2 is commonly removed from the gases formed by the combustion of fuels (oil and coal) as 

follows: 
  • Powdered limestone decomposes into CaO in the furnace of a power plant.   
  • CaO reacts with SO2 to form CaSO3 in the furnace.   
  • CaSO3 and unreacted SO2 are passed into a scrubber (purification chamber) where the SO2 is 

converted to CaSO3 by jets of CaO. 
  • CaSO3 is precipitated into a watery slurry and is removed. 

Nitrogen Oxides and Photochemical Smog 

• Photochemical smog is the result of photochemical reactions on pollutants. 
 • Oxides of nitrogen are the primary components of smog.   
• In car engines, NO forms as follows: 

2NO(g) + O2(g) Æ 2NO2(g) ∆H = –113.1 kJ  
 • In air NO is rapidly oxidized: 

NO2(g) + hν Æ NO(g) + O(g) 
 • Light with a wavelength of 393 nm causes photodissociation of NO2:  

NO2(g) + hν Æ NO(g) + O(g) 
 • The O can react with O2 to form O3, which is the key component of smog:   

O(g) + O2(g) + M(g) Æ O3(g) + M*(g) 
 • In the troposphere ozone is undesirable because it is toxic and reactive. 
• A further pollutant is emitted by automobiles: unburned hydrocarbons.  
• Catalytic converters reduce the level of NOx and hydrocarbon emissions.   
                                                      
20 Figure 18.9 from Transparency Pack 
21 “Acid Rain Effects on Stone Monuments” from Further Readings 
22 “Atmospheric Dust and Acid Rain” from Further Readings 
23 “Getting to ‘Clean Coal’” from Further Readings 
24 “Carbon Dioxide Behaves as an Acid in Water” Movie from Instructor’s Resource CD/DVD 
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Greenhouse Gases: Water Vapor, Carbon Dioxide, and Climate25,26,27,28,29,30 

• There is a thermal balance between the Earth and its surroundings. 
• Therefore, radiation is emitted from the Earth at the same rate as it is absorbed by the Earth. 
• The troposphere is transparent to visible light. 
• However, the troposphere is not transparent to IR radiation (heat). 
• Therefore, the troposphere insulates the Earth, making it appear colder from the outside than it is on 

the surface. 
• CO2 and H2O absorb IR radiation escaping from the Earth’s surface. 
 • The effect of CO2, H2O, and other gases on Earth’s temperature is called the greenhouse effect.   
 • The gases themselves are called greenhouse gases.     
• At night, the Earth emits radiation.   
 • Water vapor plays a major role in maintaining atmospheric temperature at night.   
 • CO2 also plays a role in maintaining surface temperature.   
• The carbon dioxide level on Earth has been increasing over the years. 
 • Much of the increase is due to the combustion of fuels. 
 • We speculate that the increased CO2 concentration is resulting in a gradual warming of the 

Earth’s surface.  
 • Between 2050 and 2100, the CO2 concentration is expected to be twice the present level.   
 • This will result in a global temperature increase of 1-3 °C.  (Assuming that we continue to use 

fossil fuels in the present manner.) 
FORWARD REFERENCES 
  • Other methods of energy production, such as direct methanol fuel cells, will be discussed in  
   Chapter 20 (section 20.7). 
  • Chemistry of halides will be covered in detail in Chapter 22 (section 22.4). 
  • Chemistry of oxygen and the depletion of stratospheric ozone will be discussed in Ch. 22  
   (section 22.5). 
  • Polluting nature of ozone in the lower atmosphere will be mentioned in Ch. 22 (section 22.5). 
  • Chemistry of  sulfur and the “unclean” fuels leading to air pollution will be discussed in Ch.  
   22 (section 22.6). 
  • Chemistry of nitrogen and nitrogen oxides will be discussed in Ch. 22 (section 22.7). 

18.3 The Earth’s Water 

• 72% of the Earth’s surface is covered with water. 
• Water plays an important role in our environment. 
• The properties of water are important. 
 • Water exhibits extensive H-bonding (thus, water has a high melting point, a high boiling point, 

and a high heat capacity).   
 • Water is highly polar and can dissolve many ionic and polar-covalent substances.   
 • Water may participate in many reactions (e.g., acid-base, redox).   
The Global Water Cycle 

• All water on Earth is connected in a global water cycle.   

                                                      
25 Figure 18.11 from Transparency Pack 
26 Figure 18.12 from Transparency Pack 
27 “Climate Change” from Further Readings 
28 Figure 18.13 from Transparency Pack 
29 “Water in the Atmosphere” from Further Readings 
30 “Using the Relationship between Vehicle Fuel Consumption and CO2 Emissions to Illustrate Chemical 
Principles” from Further Readings 
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 • Water is warmed by the sun. 
 • Liquid water in the oceans evaporates into the atmosphere as water vapor. 
 • The water vapor condenses into water droplets. 
 • Water falls to the ground as water, snow, or rain.   

Saltwater: Earth’s Oceans and Seas31 

• The volume of oceans in the world is 1.35 × 109 km3. 
• The oceans contain 97.2% of Earth’s water. 
• The remainder is primarily in ice caps/glaciers (2.1%) and freshwater sources (0.6%).   
• The salinity of seawater is defined as the mass (in grams) of dry salts present in 1 kg  seawater.   
 • Seawater has an average salinity of about 35. 
• Most elements in seawater are only present in low concentration. 
 • Only NaCl, bromine, and magnesium are currently obtained from seawater in commercially 

important amounts. 

Freshwater and Groundwater 

• Freshwater : natural waters that have low concentrations of dissolved salts and solids.   
 • Includes waters of lakes, rivers, ponds, and streams. 
• An adult needs about 2 L of water a day for drinking. 
• In the United States, the average person uses about 300 L of freshwater per day. 
• Industry uses even more freshwater than this (e.g., about 105 L of water is used to make 1000 kg of 

steel). 
• Freshwater is only a small fraction of the total water on Earth. 
 • Its source is evaporation of ocean water. 
 • The water accumulates as water vapor in the atmosphere.   
 • It returns to Earth as rain or snow.  
 • After rain and snow falls, the water flows into rivers and dams. 
 • As the water flows over the Earth, it dissolves many substances. 
 • Freshwater usually contains some ions (Na+, K+, Mg2+, Ca2+, Fe2+, Cl–, SO4

2–, and HCO3
–) and 

dissolved gases (O2, N2, and CO2). 
• Groundwater: accounts for about 20% of the world’s freshwater. 
 • Groundwater resides in aquifers (layers of porous rock that holds water).   
  • The chemical composition of groundwater is influenced by the nature of the rock.   

18.4 Human Activities and Earth’s Water 
Dissolved Oxygen and Water Quality32,33 

• Water fully saturated with air at 1 atm and 20°C has 9 ppm of O2 dissolved in it. 
• Cold-water fish require about 5 ppm of dissolved oxygen for life. 
• Aerobic bacteria consume oxygen to oxidize biodegradable organic material. 
 • Biodegradable materials are oxygen-demanding wastes.   
 • Examples are sewage, industrial waste from food-processing plants and paper mills, and effluent 

from meat packing plants. 
 • Aerobic bacteria oxidize organic material into CO2, HCO3

–, H2O, NO3
–, SO4

2–, and phosphates. 
• These oxidation reactions may deplete the dissolved oxygen so that aerobic bacteria can no longer 

survive. 

                                                      
31 Table 18.5 from Transparency Pack 
32 “Acid-Neutralizing Capacity of Lake Beds” from Live Demonstrations 
33 “The Expiration of Respiration: Oxygen—The Missing Ingredient in Many Bodies of Water” from 
Further Readings 
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• Anaerobic bacteria then complete the decomposition process forming CH4, NH3, H2S, PH3, and other 
foul-smelling products. 

• Nitrogen- and phosphorous-containing compounds may simulate excessive growth of aquatic plants. 
• Eutrophication is the increase in dead and decaying plant matter resulting from excessive plant 

growth. 

Water Purification: Desalination 
• Seawater has a salt concentration too high for drinking.   
 • Water used for drinking should contain less than 500 ppm dissolved salts (United States 

municipal water). 
• Desalination is the removal of salts from seawater or brackish water. 
• Common methods for isolation of drinking water include distillation (small scale) and reverse 

osmosis (used commercially; small and large scale). 
 • Recall that osmosis involves the transport of solvent molecules across a semipermeable 

membrane. 
 • In reverse osmosis, pressure is applied to cause the solvent to move from the more concentrated 

solution to the more dilute solution. 
  • Seawater is introduced under pressure and water passes through the hollow fibers of 

semipermeable membranes.   
  • The water is thus separated from the ions. 

Water Purification: Municipal Treatment34,35 

• There are five steps: 
 • Coarse filtration   
  • This occurs as water is taken from a lake, river, or reservoir and passed through a screen.   
 • Sedimentation  
  • Water is allowed to stand so that solid particles (e.g., sand) can settle out.   
  • To remove small components (like bacteria), CaO and Al2(SO4)3 are added.   
   • They cause a gelatinous precipitate of Al(OH)3 to form and settle slowly.   
   • As the Al(OH)3 settles, it carries small particles with it. 
 • Sand filtration   
  • Water is filtered through a sand bed to remove Al(OH)3 and anything it trapped in it.  
 • Aeration   
  • Air hastens the oxidation of any organic material that may be present. 
 • Sterilization using chlorine or ozone to kill bacteria, viruses, and other microorganisms. 
  • Both chlorine and ozone are known to generate toxic byproducts.   
   • Chlorination of water produces toxic byproducts called trihalomethanes (THMs). 
    • Some THMs are suspected carcinogens while others interfere with the endocrine 

system. 
   • Ozone may oxidize aqueous bromide, producing bromate ion, another species with 

cancer-causing potential    
   • There are currently no completely satisfactory alternatives to chlorination or ozonation. 

                                                      
34 “A Discovery-Based Experiment Illustrating How Iron Metal Is Used to Remediate Contaminated 
Groundwater” from Further Readings 
35 Figure 18.20 from Transparency Pack 
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Water Softening36 
• Water containing a high concentration of Ca2+ and Mg2+ and other divalent cations is called hard 

water.   
• The presence of these ions may cause the water to be unsuitable for some uses. 
 • For example, soaps form an insoluble soap "scum" and water in water heaters forms a deposit 

(scale) via reactions involving the divalent cations.   
 • These ions can be removed by a process called water softening.  
  • Municipal water supplies utilize the lime-soda process for large-scale water softening.   
   • Water is treated with CaO (lime) and soda ash (Na2CO3).   
   • They cause the Ca2+ and Mg2+ to precipitate as CaCO3 and Mg(OH)2.   
  • Ion exchange is often used for household water softening.   
   • The divalent cations are removed and replaced with sodium ions.  
   • The sodium ions do not form precipitates.   
FORWARD REFERENCES 
  • The role of water in redox reactions will be discussed throughout Chapter 20. 
  • Teflon will be mentioned in Chapter 22 (section 22.4). 
  • Lead chemistry, lead poisoning, and chelating agents will be mentioned in Chapter 23. 
  • Organic compounds such as ethylene, benzene, and toluene will be discussed in Chapter 24. 
  • Sodium hypochlorite and chlorine use in water treatment will be further discussed in Chapter 

22 (section 22.4). 
  • The environmental impact of the use of phosphates in fertilizers and detergents will be  
   discussed in Chapter 22 (section 22.8). 
  • Water hardness will be further discussed in Chapters 22 and 23. 

18.5 Green Chemistry37,38,39,40,41,42 

• 12 basic principles of green chemistry: an initiative that promotes the design and application of 
chemical products and processes that are compatible with human health and that preserve the 
environment: 

 • 1.  Prevention 
 • 2.  Atom Economy 
 • 3.  Less Hazardous Chemical Syntheses 
 • 4.  Designing Safer Chemicals 
 • 5.  Safer Solvents and Auxiliaries 
 • 6.  Design for Energy Efficiency 
 • 7.  Use of Renewable Feedstocks 
 • 8.  Reduce Derivatives 
 • 9.  Catalysis 
 • 10.  Design for Degradation 
 • 11.  Real-Time Analysis for Pollution Prevention 
 • 12.  Inherently Safer Chemistry for Accident Prevention 
                                                      
36 “The Water Softener–A Relevant, Unifying Example of Many Common Chemical Principles and 
Calculations” from Further Readings 
37 “Carbon Footprint Calculations: An Application of Chemical Principles” from Further Readings 
38 “Green Chemistry Gets Greener” from Further Readings 
39 “Topics in Green Chemistry” from Further Readings 
40 “Some Exercises Reflecting Green Chemistry Concepts” from Further Readings 
41 “JCE Resources for Chemistry and Recycling” from Further Readings 
42 “Going Green: Lecture Assignments and Lab Experiences for the College Curriculum” from Live 
Demonstrations 
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Supercritical Solvents 
• The release of toxic volatile solvents to the atmosphere must be avoided.   
 • Alternative environmentally friendly methods need to be developed. 
 • Examples are:  
  • the use of nontoxic supercritical fluids (e.g., CO2) to replace toxic conventional solvents (e.g., 

chlorofluorocarbons) in the production of TeflonTM.   
  • the use of supercritical water in the synthesis of plastics.   
• Substitution of an environmentally friendly reagent in place of a particularly toxic reagent should be 

encouraged.   

Greener Reagents and Processes 
• Earth-friendly alternatives are being developed for many processes important to modern society. 
 • Where possible, synthetic routes are adjusted to result in a high level of ‘atom economy”: 
  • A high percentage of the atoms from the starting materials end up in the product. 
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