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Molecular Uisualizations, Text Reference

Fig. 1-5. The s-Orbital
Fig. 1-7, The p, orbital
Fig. 1-7, The p, orbital
Fig. 1-7, The p, orbital
Fig. 1-16, sp hybrids
Fig. 1-17, sp? hybrids
Fig. 1-18, sp3 hybrids

Chlorination of methane
Fig. 6-2, Nucleophilic substitution
Nucleophilic substitution (Sy1) of
(CH3);CBr with HOH
Elimination (E2) reaction of
2-bromo-2-methylpropane
Formation of Grignard reagent from
| -bromobutane
Reaction of Grignard reagent with
acetaldehyde to give 2-hexanol
Alcohol dehydration
Carbocation rearrangement
Electrophilic addition of HCI
to propence
Hydroboration—oxidation

The Web site found at www.whfreeman.com/vollhardtschorede is a multi-
media learning tool that focuses on molecular visualizations. “Animations”
and “Animated Mechanisms” are two features of this interactive Web site that
are integrated seamlessly with the textbook using media icons and descriptive
text. “Animations’ allow students to view motion, three dimensions, atomic
and molecular interactions, and chemical reactions at the atomic level. Topics
focus on orbitals and hybridization. “Animated Mechanisms” allow students
to view molecular interactions visually as structural formulas and a ball-and-
stick format. Topics include chemical reactivity and structures and bonding.
The following is a list of selected “Animations’”” and “‘Animated Mechanisms”
found in this textbook.
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.25 (Ch1)
.26 (Ch1)

.33 (Ch1l)
.34 (Ch1)
.35 (Ch1)
. 102 (Ch 3)
. 218 (Ch 6)
. 246 (Ch 7)
.258 (Ch 7)
.293 (Ch 8)
. 298 (Ch 8)
.325(Ch 9)
. 326 (Ch 9)

. 480 (Ch 12)
. 495 (Ch 12)
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Ozonolysis p. 504 (Ch 12)
Addition of HBr to 1,3-butadiene p.- 582 (Ch 14)
Diels-Alder cycloaddition (endo rule) p. 595 (Ch 14)
Electrophilic aromatic sulfonation

of benzene p. 659 (Ch 15)
Electrophilic aromatic substitution of

benzenamine (ortho vs meta vs para) p. 689 (Ch 16)
Electrophilic aromatic substitution of

benzoic acid (ortho vs meta vs para) p. 692 (Ch 16)
Acetal formation p- 737 (Ch 17)
The Wittig reaction p. 749 (Ch17)
Aldol condensation—-dehydration pp- 781, 782

(Ch 18)

Robinson annulation p. 796 (Ch 18)
Esterification p- 833 (Ch19)
Reductive amination p. 940 (Ch21)
The Mannich reaction p. 945 (Ch2l)
Sn! reaction of 4-methoxybenzyl

4-methylbenzenesulfonate (L) p- 971 (Ch22)
S~2 reaction of benzyl bromide p. 972 (Ch 22)
The Claisen condensation p. 1026 (Ch 23)
The Strecker synthesis p. 1156 (Ch 26)
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diologically Relevant Examples

(hapter1 Structure and Bonding in Organic Molecules

¢ Acid-base chemistry and colors in nature
(Introduction)

¢ Organic compounds—building blocks of life
(Introduction)

e Wohler’s synthesis of urea (Section 1-1)

e Saccharin: One of the Oldest Synthetic Organic
Compounds in Commercial Use
(Chemical Highlight 1-1)

¢ Prostacyclin and thromboxane are constitutional
isomers (Section 1-9)

¢ Structural characteristics of carcinogens (Problem 42)

¢ Polar bonds and atoms in lynestrenol, an oral
contraceptive (Problem 43)

Chapter 2 Structure and Reactivity: ficids and Bases, Polar and
Nonpolar Molecules

» Alkanes in water-repellent wax coatings of leaves
(Section 2-6)

¢ Alkane pheromones: “Sexual Swindle” by Means of
Chemical Mimicry (Chemical Highlight 2-1)

¢ Compound classes and functional groups of organic
compounds in nature (Problem 38)

e Naming alkyl groups of organic compounds in
nature (Problem 39)

Chapter 3 Reactions of Alkanes: Bond-Dissociation Energies, Radical
Halogenation, and Relative Reactivity

» Radical reactions, disease, aging, and the environment
(Introduction)

o Catalysts and enzymes: The Function of a Catalyst
(Chemical Highlight 3-1)

e Chlorination, Chloral, and DDT
(Chemical Highlight 3-3)

¢ The stratospheric ozone layer and life on Earth
(Section 3-9)

Riv

* Radical reactions of organic compounds in nature
(Problem 25)

Chapter4 Cyclic Alkanes

* Mexican yams, diosgenin, and synthetic steroids
(Introduction)

¢ Terpenes, e.g. chrysanthemic acid, menthol,
camphor, and Taxol (Section 4-7)

o Steroids, e.g. cholesterol, cortisone, and the steroid
hormones (Section 4-7)

¢ Controlling Fertility: From “the Pill” to RU-486
(Chemical Highlight 4-2)

¢ Chair conformations of glucose (Problem 32)

¢ Characterizing terpenes from nature
(Problems 33 and 35)

o Functional groups in natural terpenes and steroids
(Problems 34 and 36)

¢ Strained rings in organic compounds from nature
(Problem 37)

¢ Fusidic acid, an anomalous natural steroid
(Problem 40)

* Enzymatic oxidation in corticosteroid biosynthesis
(Problem 41)

o Synthetic radical transformations of steroids
(Problems 42 and 43)

Chapter 5 Sterecisomers

e Mirror images: spruce trees and oranges
(Introduction)

e Chiral Substances in Nature: alanine, lactic acid,
and carvone (Chemical Highlight 5-1 and
Section 5-2; also Problem 36)

¢ Absolute Configuration: A Historical Note—
glyceraldehyde (Chemical Highlight 5-2)

¢ Amino acid diastereomers—isoleucine and
alloisoleucine (Exercise 5-15)




o Stereoisomers of Tartaric Acid—Louis Pasteur
(Chemical Highlight 5-3)

e Chiral Drugs: Racemic or Enantiomerically Pure?
(Chemical Highlight 5-4)

o Oxidation of dopamine to norepinephrine
(Section 5-7 and Problem 57)

o Why Is Nature “Handed”?—enantiomer recognition
by enzymes (Chemical Highlight 5-5)

¢ Hydrogenation of limonene (Exercise 5-25)

¢ Identifying chirality in organic compounds of nature
(Problem 29)

e Optical purity and drug safety: epinephrine
(Problem 41)

e Optical purity: monosodium glutamate (MSG)
(Problem 42)

o Stereocenters in chlorpheniramine (Coricidin)
and limonene (Problem 43)

¢ Stereoisomers of arabinose (Problem 47)

¢ Morphine alkaloids: narcotics vs cough syrup
(Problem 55)

o Stereoisomers of an antineurodegenerative agent
(Problem 58)

o Chirality of aldaric acids (Problem 59)

Chapter b Properties and Reactions of Haloalkanes: Bimolecular
Nucleophilic Substitution

e The Dilemma of Bromomethane: Highly Useful but
also Highly Toxic (Introduction and
Chemical Highlight 6-2)

o Halogenated Organic Compounds and the
Environment: bioremediation; alternatives (e.g.
carbon dioxide to remove caffeine from coffee
beans) (Chemical Highlight 6-2)

o Halothane, an inhalation anesthetic (Section 6-1)

e Inversion in Sn2 Reactions: chiral 3-octanol
derivatives in natural fragrances (Exercise 6-12)

Chapter 7 Further Reactions of Haloalkanes: Unimolecular
Substitution and Pathways of Elimination

o Synthesis of cortisone (Problem 52)
e Mechanisms in steroid chemistry (Problem 53)

Chapter 8 Hydroxy Functional Group: Alcohols: Properties,
Preparation, and Strategy of Synthesis

e Fermentation of sugar to ethanol (Introduction
and Section 8-4)
» Solvent role of ethanol in cooking (Section 8-2)
» Biological Oxidation and Reduction: NAD* and
NADH, cytochromes and hemes; biosynthesis
of corticosteroids (Chemical Highlight 8-1)
e The Breath Analyzer Test (Chemical Highlight 8-2)
o Synthetic strategy: syntheses of strychnine
(Section 8-9)

Biologically Relevant Examples | ]

Synthesis of whale oil wax (Problem 50)

e Products and stereospecificities of NADH reductions
(Problems 51 and 52)

Chemical modification of steroids: alcohol synthesis
(Problem 53)

Chapter § Further Reactions of Alcohols and the Chemistry of Ethers
e Crown ethers, cryptands, ionophores and polyether
antibiotics (Section 9-5)

e Chemiluminescence of 1,2-Dioxacyclobutanes
(Chemical Highlight 9-1)

o Protecting Groups in Synthesis of Steroids
(Chemical Highlight 9-2)

¢ Bis(2-chloroethyl) sulfide: mustard gas (Exercise 9-22)

¢ Thiol-disulfide interconversion: peptide crosslinking
(Section 9-10)

o Physiological Properties and Uses of Alcohols and
Ethers; thiols and other sulfur-based
medicinal agents (Section 9-11)

¢ Garlic and Sulfur (Chemical Highlight 9-4)

e Mechanism of glycolysis (Problem 60)

» Folic acid and biological methyl group transfer:
epinephrine (Problems 61 through 63)

¢ Steroidal epoxides (Problem 64)

o Allicin synthesis (Problem 65)

Chapter 10 Using Nuclear Magnetic Resonance Spectroscopy
to Deduce Structure

¢ MRI and modern methods of non-invasive medical
diagnosis (Intoduction and Chemical
Highlight 10-2)

o Structural Characterization of Natural Products:
Medicinal Agents from Marine Sources:
manoalide (Chemical Highlight 10-5)

e NMR of cholesteryl benzoate (Problem 47)

e NMR of a-terpineol (Problem 48)

e NMR of menthol derivatives: mechanisms of
solvolysis (Problem 49)

Chapter 11 Alkenes and Infrared Spectroscopy

o Tetradecenyl acetate: pheromone of the European
corn-borer beetle (Introduction)

e Double bonds, fats, oils, and margarines
(Introduction)

o Prostaglandins (Chemical Highlight 11-1)

o The Garlic Story: Infrared Spectroscopy in Food
Chemistry (Chemical Highlight 11-2)

e Hydrogenation of vegetable oil (Section 11-7)

o Acid-Catalyzed Dehydration of a-Terpineol
(Chemical Highlight 11-3)

e Regio- and stereoselectivity of enzyme-catalyzed
dehydrations (including citric acid cycle)
(Problems 47 and 55)
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IR spectroscopy and structure determination of
terpenes (Problems 52 and 53)

o Syntheses of enamide amino acid precursors and
an antitumor agent (Problem 56)

Chapter 12 Reactions of fiikenes

e Optically Active Amino Acids by Asymmetric
Hydrogenation (Chemical Highlight 12-1)

e Stereoselective hydrogenation of car-3-ene
(Section 12-2)

e Synthesis of a Juvenile Hormone Analog
(Chemical Highlight 12-2)

¢ Synthesis of FR-900848, an antifungal agent, using
Simmons-Smith chemistry (Section 12-9)

« Enantioselective Dihydroxylation in the Synthesis of
Antitumor Drugs: ovalicin
(Chemical Highlight 12-3)

o Carcinogenicity of vinyl chloride (Section 12-15)

o Alkenes in Nature: Insect Pheromones—effect of
stereochemistry (bombykol) (Section 12-17)

o Structure determination of thujene (Exercise 12-26)

e Stereochemistry of terpene hydrogenation
(Problem 28)

e Structure determination of the oxymercuration
product of a-terpineol (Problem 58)

o Selectivity in hydroboration and epoxidation of
limonene (Problem 59)

e Roadmap: structure determination of oil of marjoram
(Problem 60)

* Mechanism of acid-catalyzed humulene cyclization
(Problem 61)

e Roadmap: structure determination of caryophyllene
(Problem 62)

e Juvenile hormone synthesis (Problem 63)

¢ Pinene-derived enantioselective hydroboration
(Problem 64)

Chapter 13 Alkynes: The Carbon-Carbon Tripte Bond

e Medical applications of alkynes (Introduction)

o Synthesis of the pharmaceutical precursor
3-butyn-2-ol (Exercise 13-8)

o Perfume industry’s synthesis of cis-3-hexen-1-o0l
(Exercise 13-10)

* Synthesis of the spruce budworm sex pheromone
(Chemical Highlight 13-1)

» Naturally Occurring and Physiologically Active
Alkynes: toxin of the “poison arrow” frog,
anti-cancer enediynes, central nervous system
stimulants (Section 13-11)

o Syntheses of linalool, “orange flower oil”
(Problem 42)

e Synthesis of other terpenes containing or using
alkynes (Problems 43, 44, and 47)

e Synthetic approaches to enediyne anticancer agents
(Problem 48)

Chapter 14 Delocalized Pi Systems: Investigation by Ultraviolet and
Visible Spectroscopy

Use of Sorbic Acid in Making Wine: fungicidal
properties (Chemical Highlight 14-1)

e B-Carotene, a highly conjugated natural polyene
(Sections 14-7 and 14-11)

e An Extraordinary Electrocyclic Reaction of
Anticancer Agents: enediynes
(Chemical Highlight 14-2)

e Conversion of ergosterol to provitamin D,
(Exercise 14-24)

e Latex and natural rubber (Section 14-10)

e George Washington’s dentures (Section 14-10)

» Biosynthesis of terpenols, squalene, and cyclic
systems (Section 14-10)

e UV spectra of steroidal polyenes (Section 14-11)

e Chemistry of sorbyl alcohol (or, when wines go bad)
(Exercise 14-26)

e Conversion of isoprene into limonene (Problem 58)

e Mechanisms of biosyntheses of several terpenes
from geranyl pyrophosphate (Problem 59)

e Acid-catalyzed conversions of farnesol into several

terpenes (Problem 64)

Chapter 15 Benzene and Aromaticity: Electrophilic Aromatic Substitution

e The mysterious oil from rendered whale fat
(Introduction)

o Naturally occurring benzene derivatives (Section 15-1)

o PABA and UV-visible absorption of benzene
derivatives (Section 15-4)

o Commercial uses of naphthalene (Section 15-5)

e Benzenesulfonic acid surfactants and
biodegradability (Section 15-10)

e Sulfonamides: the sulfa drugs (Section 15-10)

e Mechanism of formation of DDT (Exercise 15-31)

e Names of naturally occurring benzene derivatives
(Problem 33)

e Phenylmercury compounds in medicine
(Problem 58)

Chapter 16 Electrophilic Attack on Derivatives of Benzene:
Substituents Controt Regioselectivity

¢ Benzenoid nonsteroidal antiinflammatory agents
(Introduction)

o Ibuprofen synthesis (Exercise 16-10)

o Synthesis of the food preservative BHT
(Exercise 16-13)

o Polycyclic Aromatic Hydrocarbons and Cancer
(Section 16-7)

e Mechanism of acid-catalyzed biomimetic steroid
formation (Exercise 16-26)




o Synthesis of anisyl alcohol (licorice, lavender)
(Problem 39)

Chapter 17 Aldehydes and Ketones: The Carbonyl Group
* Widespread presence of carbonyl compounds in
nature (Introduction)
Formaldehyde, e.g. in smoke preservation of food
(Section 17-4)
¢ Imines in Biological Transformations
(Chemical Highlight 17-1)
o Betaine, from sugar beets (Section 17-12)
o The Wittig Reaction in BASF Synthesis of
Vitamin A (Chemical Highlight 17-2)
¢ Synthesis of norethynodrel, an oral contraceptive
(Exercise 17-18)
¢ Mechanism of condensation leading to a veterinary
antibiotic (Problem 34)
¢ Roadmaps: reactions of cholesterol
(Problems 51 and 52)

Chapter 18 Enols, Enolates, and the Aldol Condensation:
a,B-Unsaturated Rldehydes and Ketones

e Cis-trans isomerization of retinal in the visual
process: rhodopsin (Introduction and
Chemical Highlight 18-4)

¢ Aldol Condensations in Nature: crosslinking in
collagen (Chemical Highlight 18-2)

e Enzymes in Crossed Aldol Condensations: sugar
biosynthesis (Chemical Highlight 18-3)

» Prostaglandins: properties, a,$3-dialkylation in
synthesis (Chemical Highlight 18-5)

o Terpene synthesis by intramolecular aldol
condensation (Exercise 18-26)

» Steroid synthesis by Robinson annulation
(Exercise 18-27)

» Aldol syntheses of vegetable flavors and aromas
(Problem 46)

¢ Corticosteroid synthesis via Robinson variant
(Problem 55)

e Vinylogous aldol reaction in steroid synthesis
(Problem 56)

» Roadmap: triterpene synthesis (Problem 58)

e Metabolism of amphetamine: mechanism
(Problem 59)

Chapter 19 Carboxylic Acids

e Carboxylic acids: products of oxidative metabolism
(Introduction)

e Natural occurrence of simple carboxylic acids
(Table 19-1)

e Willow bark and salicylic acid in folk medicine
(Section 19-1)

o Dicarboxylic acids in nature (Section 19-1)
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o Toxicity of Oxalic Acid: eat your spinach
(Chemical Highlight 19-1)

e QOdors of carboxylic acids: human sweat
(Section 19-2)

e The Jarvik artificial heart (Section 19-5)

o Lactams in the penicillin antibiotics (Section 19-10)

¢ Hell-Volhard-Zelinsky route to amino acids
(Section 19-12)

» Biological Activity of Carboxylic Acids: formic,
acetic, and mevalonic acids (Section 19-13)

¢ Soaps from Long-Chain Carboxylates:
biodegradability; bile acids—role of
biological surfactants in digestion
(Chemical Highlight 19-2)

o Trans Fatty Acids and Your Health:
occurrence; effect on LDL levels
(Chemical Highlight 19-3)

» Thiolesters: biosynthetic equivalents of acyl halides;

acetyl CoA; fatty acids (Section 19-13)

¢ Arachidonic acid: prostaglandins, thromboxanes,
prostacyclins, and leukotrienes; inflammation
and its control (Section 19-13; refer back to
Section 1-9)

» Biodegradable Polyester Plastics
(Chemical Highlight 19-4)

o Gibberellic acid, a plant growth hormone; lysergic
acid, a hallucinogen (Section 19-13)

o Synthesis of musk essence, ethylene brassylate;
other macrolactones, e.g. erythromycin
(antibiotic) and tacrolimus
(immunosuppressant) (Exercise 19-20)

e Names for orsellinic acid, GABA, pyruvic acid
(Problem 21)

e Roadmap: neonepetalactone synthesis (catnip)
(Problem 43)

e Polyketides: mechanism of formation (Problem 46)

Chapter 20 Carboxylic Acid Derivatives and Mass Spectrometry

o Esters and amides in nature (Introduction)

¢ Relationship between phosgene, carbonates, ureas
(Exercise 20-1)

¢ Spectroscopic Characterization of the Lactone Ring in
Manoalide (Chemical Highlight 20-1)

e Occurrence of simple esters in nature; biological
properties (Section 20-4)

e Z-7-Dodecenyl acetate: mating pheromone of moths
and elephants (Section 20-4)

» Esters in Nature: Waxes, Fats, Oils, and Lipids:
including references to beeswax, lanolin,
carnauba, atherosclerosis, olive oil, lecithins,
other membrane constituents, phospholipids,
and phosphoglycerides (Section 20-5)
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e Sleep-inducing properties of Z-9-octadecenamide

and effects of lipid-restricted diets on sleep
(Section 20-5)

Anandamide, in chocolate, binds to the THC
receptor in the brain (Section 20-6)

Battling the Bugs: Antibiotic Wars—penicillin
through vancomycin (Chemical Highlight 20-2)

Methyl Isocyanate and the Bhopal Tragedy
(Chemical Highlight 20-3)

The Contribution of Mass Spectrometry to the
Characterization of Manoalide; implications
for PLA, research and arthritis
(Chemical Highlight 20-4)

Roadmap: synthesis of clovene (Exercise 20-33)

Chlorpheniramine synthesis (Problem 56)

Transesterification in steroid synthesis (Problem 59)

Side chain oxidation in steroid synthesis

(Problem 60)
Other terpene and steroid synthesis applications
(Problems 61 through 64)

Chapter 21 Amines and Their Derivatives: Functional Groups

Containing Nitrogen

¢ Prozac, one of the most widely prescribed drugs

in the world (Introduction)

Survey of biological roles of amine derivatives
(Introduction)

Physiologically Active Amines and Weight Control
(Chemical Highlight 21-1)

Dialkylaminoalcohols as local anesthetics: tutocaine
(Exercise 21-17)

Carcinogenicity of N-Nitrosodialkanamines and
Cured Meats (Chemical Highlight 21-3)

Prozac: a retrosynthetic analysis (Exercise 21-20)

Basicity of guanidine (Problem 31)

Pseudoephedrine vs phenylpropanolamine as
decongestants (Problem 35)

Synthetic approaches to apetinil, an appetite
suppressant (Problem 36)

Relationship of ephedrine to pseudoephedrine
(Problem 41)

Mechanism of pyridoxamine-mediated
interconversion of ketoacids and amino acids
(Problem 48)

Structure determination of coniine (poison hemlock)
(Problem 49)

Roadmap: structure determination of pethidine
(Demerol) (Problem 50)

Roadmap: synthesis of alkaloid skytanthine
(Problem 51)

Biosynthesis of norlaudanosoline, natural alkaloid
precursor (Problem 52)

Chapter 22 Chemistry of Benzene Substituents: Rlkylbenzenes, Phenols,

and Benzenamines

Aspirin (Introduction)

Relative toxicity of benzene and toluene:
metabolism based upon benzylic reactivity
(Introduction)

Benzyl protection in syntheses of eudesmane class

of essential oils (Section 22-2)

Properties of phenol (Section 22-4)

Bisphenol A as an estrogen mimic (Section 22-4)

Natural phenols in foods: resveratrol (grapes),
capsaicin (peppers), epigallocatechin-3 gallate
(anti-cancer agent in green tea) (Section 22-3)

Toxicity of Chlorophenols: herbicides and dioxin
(Chemical Highlight 22-1)

Synthesis of ofloxacin, a quinolone antibiotic
(Exercise 22-10)

Mechanism, synthesis of acetaminophen (Tylenol)
(Exercise 22-16)

Aspirin: A Phenyl Alkanoate Drug; COX inhibition,
Reye’s syndrome, acetaminophen
(Chemical Highlight 22-3)

Mechanism of hexachlorophene preparation
(Exercise 22-19)

BASF synthesis of citral via oxa-Claisen
rearrangement (Exercise 22-21)

Chemical Warfare in Nature: The Bombardier Beetle
(Chemical Highlight 22-4)

Oxidation—-Reduction Processes in Nature:
ubiquinone, cytochromes, lipid oxidation
(mechanisms—disease, aging), toxicity of
propanedial, antioxidants, vitamins C and E,
glutathione, BHA and BHT (Section 22-9)

Suspected carcinogenicity of azo dyes, e.g. Butter
Yellow (Section 22-10)

5-Amino-2 4-dihydroxybenzoic acid
(pharmaceutical precursor) synthesis
(Exercise 22-28)

Dienone-phenol rearrangement in steroid
contraceptive synthesis (Exercise 22-29)

Roadmap: synthesis of aklomide (veterinary
antifungal/antiprotozoal agent) (Problem 41)

Syntheses of 2,4-D, phenacetin, dibromoaspirin
(re: sickle-cell anemia) (Problem 48)

Why is “liquid Tylenol” practical, while “liquid
aspirin” is not? (Problem 51)

Mechanism of biosynthesis of tyrosine from
phenylalanine (Problem 53)

Synthesis of Prontosil, which led to the discovery
of the sulfa drugs (Problem 59)

Mechanism of pentane generation from oxidation
of body fat (Problem 60)




o Structures and syntheses of urushiols (poison ivy,
oak, sumac) (Problem 61)

e Mechanism of dopamine to norepinephrine
conversion (Problem 62)

e Roadmap: synthesis of taxodone C (anticancer
agent) (Problem 63)

Chapter 23 Enolates and the Claisen Condensation: Synthesis of
g-Dicarbonyl Compounds: Acyl Anion Equivalents

o Thiamin pyrophosphate and sugar biosynthesis
(Introduction)
o Claisen Condensations in Biochemistry
(Chemical Highlight 23-1)
o Thiamin: A Natural, Metabolically Active
Thiazolium Salt—citric acid cycle, ATP
generation, glucose metabolism, pyruvate
formation, oxygen debt, lactic acid buildup
and muscle fatigue (Chemical Highlight 23-2)
» Synthesis route to perfume essence linalool
(Exercise 23-23)

o Decarboxylation of carbonic and related acids
(Problems 31 and 32)

» Origin of color and odor of butter upon churning
cream (Problem 37)

* Roadmap: synthesis of nootkatone (grapefruit)
(Problem 39)

e Mechanisms: synthesis of estrone (Problem 42)

» Synthesis of an antitumor agent precursor
(Problem 44)

Chapter 24 Carbohydrates: Polyfunctional Compounds in Nature

[Selective list]

e Starch depolymerization and the “delayed”
sweetness of bread (Introduction)

» Energy storage function of carbohydrates
(Introduction)

o Occurrence of glucose (blood, grapes), fructose
(honey) (Section 24-1)

o '®F-Labeled Glucose as a Radiotracer: Imaging the
Human Brain: PET scans in diagnosis of
Alzheimer’s disease (Chemical Highlight 24-1)

e Protecting Groups in Vitamin C Synthesis: cyclic
acetals (Chemical Highlight 24-2)

e Sugar Biochemistry: photosynthesis; chlorophyll;
thiazolium ion (thiamine) in catalysis of
two-carbon transfers in sugar biosynthesis
(Chemical Highlight 24-3)

o Olestra (Section 24-11)

e Carbohydrate-Derived Sugar Substitutes: alditols;
the chocolate challenge; stevioside
(Chemical Highlight 24-4)

e Structures and functions of disaccharides: sucrose,
maltose, cellobiose, and lactose (Section 24-11)
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e Polysaccharides and Other Sugars in Nature:
cellulose, amylose, amylopectin, glycogen and
energy storage; aminosugars (adriamycin),
streptomycin, cell-surface carbohydrates and
cell recognition (fertilization, immune
response, infection mechanisms, “escort”
mechanism of bacterial toxin transport, blood
group compatibility) (Section 24-12)

¢ Rutinose and bioflavonoids: structure determination
(Exercise 24-29)

e Sedoheptulose and the pentose oxidation cycle:
structure determination (Problem 44)

o Trehalose, sophorose, turanose: structures and
functions (Problem 49)

o Components of stevioside (Problem 50)

o Fischer’s goof with gulose (Problem 54)

¢ Roadmap: commercial synthesis of vitamin C
(Problem 55)

Chapter 25 Heterocycles: Heteroatoms in Cyclic Organic Compounds

e Quinine and malaria (Introduction)

» Seven of the top ten prescription drugs in the US
(by sales in 2000) are heterocycles
(Introduction and Table 25-1)

o Other examples: B vitamins thiamine, riboflavin,
pyridoxine, and cobalamin, also diazepam
(Valium), zidovudine (AZT), and sildenafil
(Viagra) (Introduction)

¢ Equilibration of cylindricine alkaloids: mechanism
(Exercise 25-4)

e Azacyclopropane Antibiotics
(Chemical Highlight 25-1)

* Nicotine and Cancer: mechanism of carcinogen
formation (Chemical Highlight 25-2)

» Synthesis of pyrrole-derived ant trail pheromone
(Exercise 25-10)

e Pyridinium Salts in Nature: Nicotinamide Adenine
Dinucleotide (Chemical Highlight 25-3)

e Peruvian fire stick insect’s natural deterrent to
unwelcome visitors (Section 25-7)

» Alkaloids: Physiologically Potent Nitrogen
Heterocycles in Nature—including morphine,
penicillin, caffeine, cocaine, quinine, and
strychnine (Section 25-8)

e Arzanaphthalenes in Nature: pteridines in insect
pigments, folic acid (and birth defects),
methotrexate and cancer chemotherapy, and
riboflavin (Chemical Highlight 25-4)

¢ Nature Is Not Always Green: Natural Pesticides—
systemin in tomato plants to fend off attack;
solanine, green potato toxin; Abe Lincoln’s
mother’s unfortunate cup of milk; other
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heterocyclic natural plant pesticides
(Chemical Highlight 25-5)

o Viagra synthesis: mechanisms (Exercise 25-23)

e Penicillin: mechanism of action and bacterial
resistance (Problem 26)

e Chelidonic acid: occurrence and mechanism
of preparation (Problem 35)

¢ Porphyrins: biological functions and mechanism
of preparation (Problem 36)

o Synthesis of the antibiotic sulfapyridine
(Problem 39)

e Benzimidazoles as indole and purine analogs:
synthesis (Problem 40)

e Furans from dehydration of aldopentoses
(corncobs, straw); preparation of glaucoma
medication furethonium (Problem 46)

Chapter 26 Amino Rcids, Peptides, Proteins, and Nucleic Acids:
Nitrogen-Containing Polymers in Nature

[Selective list]

¢ Aspartame (Introduction)

o Structure and Properties of Amino Acids
(Section 26-1)

¢ Arginine and Nitric Oxide in Biochemistry and
Medicine: macrophage function, smooth
muscle fiber relaxation, nitroglycerine and
angina, neurotoxic properties
(Chemical Highlight 26-1)

e Guanidine: occurrence in nature and acid—base
properties (Exercise 26-4)

¢ Imidazole (histidine): biological function and
acid—base properties (Section 26-1)

» Synthesis of Optically Pure Amino Acids:
catalytic methods and modern applications
in pharmaceutical synthesis (Chemical
Highlight 26-2)

e Glutathione and the Toxicity of Methyl Isocyanate:

Bhopal revisited (Chemical Highlight 26-3)
o Peptides and Proteins: aspartame, glutathione,
gramicidin S (cyclic), and insulin;

chymotrypsin mechanism of function
(Section 26-4)

Determination of Primary Structure: Amino Acid
Sequencing—application to insulin
(Section 26-5 and Exercise 26-14)

Merrifield Solid-Phase Peptide Synthesis
(Section 26-7)

Polypeptides in Nature: Oxygen Transport by the
Proteins Myoglobin and Hemoglobin
(Section 26-8)

Biosynthesis of Proteins: Nucleic Acids
(Section 26-9)

Synthetic Nucleic Acid Bases and Nucleosides in
Medicine: 5-FU, AZT, and acyclovir
(Chemical Highlight 26-4)

Protein Synthesis Through RNA (Section 26-10)

DNA Sequencing and Synthesis: Cornerstones
of Gene Technology (Section 26-11)

Aspartame synthesis (Exercise 26-23)

Ninhydrin reaction: Rheumann’s purple
(Exercise 26-24)

Allicin (garlic) synthesis (Problem 31)

Silk: composition and properties (Problem 36)

Myoglobin: 3-D arrangement of polar and non-polar
residues (Problems 37 and 38)

Denaturation and water solubility (Problem 39)

Structural determinations: bradykinin (Problem 43),
enkephalin (Problem 44), corticotropin
(Problem 45), and glucagon (Problem 46)

Syntheses: enkephalin (Problem 47) and
thyrotropin-releasing hormone (Problem 48)

Factor VIII and normal blood clotting (Problem 50)

Hydroxyproline, collagen, vitamin C deficiency and

scurvy (Problem 51)

Uridine diphosphate and mechanism of disaccharide
biosynthesis (Problem 52)

Sickle-cell anemia (Problem 53)

Fmoc protection in peptide synthesis
(Problem 54)




Preface

Al User's Guide to Jrganic Chemistry:
Structure and Function

—————— =

ﬂ]ver the previous editions of Organic Chemistry: Structure and Function, we have
tried to provide a logical framework for students to learn and understand the mate-
rial. This framework is the idea that understanding the structure of an organic mol-
ecule can lead to understanding how that molecule functions in a chemical reaction.
Our goal has been to help students make sense of the potentially overwhelming mul-
titude of facts presented in the course and fit them into a cohesive picture of con-
temporary organic chemistry. We have continued this theme in the present edition by
reinforcing its practical application to problem solving and by cutting back on ex-
traneous details, emphasizing instead the major ideas of reactivity, mechanisms, and
applications.

Accessible for Students
Review and Extension of General Chemistry Concepts

The first five chapters of the book focus on the general principles of bonding, reac-
tivity, and stereochemistry that enable students to understand the connections be-
tween structure and function. Thus, Chapter 1 reviews the fun-
damentals of how structure affects bonding, laying the

v

2-2 Acids and Bases; Electrophiles and Nucleophiles

groundwork fOI‘ later examinations Of functional groups. Chap- | Letus tum to a fundamental application of thermodynamics: the chemistry of acids
. B . . | and bases. This section reviews the way in which acids and bases interact and how
ter 2 dlSCUSSCS the baSlCS Of polar reaCthﬂS, Compar]ng the prOp- we quantify this process. We shall see that acid-base reactions provide a model for

erties of acids and bases with those of nucleophiles and elec- L

the reactivity of organic molecules possessing polar covalent bonds.

trophiles, while also presenting initial ideas of reaction kinetics
and thermodynamics.

Developing the Basic Tools for Understanding Function

We provide an overview of the major functional groups of organic chemistry in
Chapter 2. Chapter 2 also describes the nonreactive backbone of common organic
molecules, as illustrated by the properties and behavior of the alkanes. Chapter 3
introduces the idea of bond-dissociation energies, illustrated by the radical halo-
genation of alkanes. Chapter 4 presents the first cyclic molecules, the cycloalka-
nes. Finally, to prepare students for learning the mechanisms of substitution and
elimination reactions of haloalkanes (Chapters 6 and 7) and the addition reactions
of alkenes (Chapter 12), in Chapter 5 we cover stereochemistry.

P—
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Innovative Pedagogy for Solving Problems

New to this edition are worked-out solutions to in-chapter exer-
cises, called Working with the Concepts. These solutions, two
per chapter, emphasize the reasoning students need to apply in at-
tacking problems, arranging the steps logically and carefully so
students can see the pitfalls and avoid them. The exercises cho-
sen are typical homework or test problems, so students get a feel
for solving complex problems rather than artificially simplified
situations.

WORKING WITK TE CORCEPTS Before we go into the details of this problem, lei s dissect it
along the lines of taking an inventory:

1. Whai topological/connectivity changes arc laking place? Answer: The six-membered
ring stays imact. but the functionality has migrated from a secondary o a tertiary
carbon.

2. Wha is the change in moleculas formula? Answer: We stant with C7H |40 and wind
up with C7H ) 3Br. The nel change is that OH is being replaced by Br; no carbons are
added or subtracted from the starting material.

What thoughts come 10 mind when considering the functional group and the reagent
to which it is exposed? Answer: We have an alcohol that is treated with HBr, a strong
acid. The hydroxy funciion will be prolonated, turning it into a good leaving group,
and hence we have to consider substitution and climination as possible reaction
pathways.

4. The answer 10 point | (rearrangement) and consideration of point 3 (alcohol and acid)
strongly implicaic an acid-catalyzed rearrangement via a carbocation.

-

Special categories of end-of-chapter problems, introduced in the
preceding edition, have been retained in this one:

8-19, Tertiary alcohols are important additives in some industrial processes utilizing Lewis
acdic metal compounds (Sections 2-2 and 6-4) as catalysts. The alcohol provides the metal
with a sterically p and hydrophobi i (see Figure 8-3; see also Chemical
Highlight 8-1), which casurcs solubility in organic solvents, longer lifctimes, and selectivity
in substrate activation. Preparation of these tertiary alcohols typically follows the synthetic
principles outlined in Section 8-9.

Starting from cyclohexane and using any other building blocks containing four or fewer
carbons, in addition to any necessary reagents, formulate a synthesis of tertiary alcohol A.

e We have doubled the number of Chapter Integration
Problems, which feature worked-out step-by-step solutions
involving several concepts from within chapters and from
among several chapters. As before, we place particular
emphasis on problem analysis, deductive reasoning, and
logical conclusions.

OH

e Team Problems encourage discussion and collaborative
learning among students. They can be assigned as regular
homework but can also be worked on by groups of students

in a library, study hall, or dormitory room, where free exchange of ideas and

information can take place.

e For students planning careers in medicine or related fields, Preprofessional
Problems have a multiple-choice format typical of problems on the MCAT®,
GRE, and DAT. In addition, a selection of actual test passages and questions
from past MCAT® exams appears in an appendix.

Help in Seeing the Big Picture

IN SUNXARY In Bronsted-Lowry terms, acids are proton donors and bases are
proton acceptors. Acid-base interactions are governed by cquilibria, which are quan-
titatively described by an acidity constant K,. Removal of a proton from an acid gen-

Because Students are presented With SO crates its conjugate base; attachment of a proton to a base forms its conjugate acid.

Lewis bases donate an electron pair to form a covalent bond with Lewis acids, a

many faCtS to lea.l'n abOllt the structure process depicted by a curved arrow pointing from the lone pair of the base toward
. - oo the acid. Electrophiles and nucleophiles are species in organic chemistry that inter-
and fllnCthIl Of the various famlllCS Of act very much like acids and bases. The carbon-halogen bond in the haloalkane is
o o i its functional group. It contains an electrophilic carbon atom, which reacts with nu-
Organlc Compounds, 1t 1S easy fOr them cleophiles in a process called nuclcophilic substitution.
to lose sight of the important concepts
S in the course. In this
THEBIG PICTURE ———— — - edition, we have highlighted a short summary at the end of most
Alkanes !ack funf:liunal groups, so they ﬁo not u:ldcrgo the kinds of electrophile— SeCthIlS ln the bOOk, emphasizing the main ideaS fOl‘ Students tO

typical of i les. In fact, alkanes arc pretty R
remember.

unreactive. However, under appropriate conditions, they undergo homolytic bond
cleavage to form radicals, which are reactive species containing odd numbers of elec-
trons. This is another situation in which the strucrure of a class of compounds
determines their function. Unlike heterolytic processes, which normally proceed via
movement of pairs of electrons to form or break bonds, homolytic chemistry utilizes
‘ the splitting of covalent bonds to give unpaired single electrons, as well as their com-
bination to give new bonds
| Although in organie chemistry radical reac! are not as
as those of polar functional groups, they play promineat roles in hiological, environ-
L mental, and industrial chemistry. The halogenation of alkanes. a radical process in
which hydrogen is replaced by halogen, forms the haloalkane functional group. Ex-
I r amination of halogenation allows us to lcamn about a number of features common to
1

In addition, the end of each chapter has a short section, called The
Big Picture, that reinforces the connections between topics and fits
the material inio the overall presentation of the course. These sec-
tions are not summaries, but serve as road maps to indicate where
we’ve been and where we’re going. They often reinforce the themes
stated in the chapter opening introductions, which help set the con-
text for the material in the chapter.

most transformations, including the way information about a reaction mechanism may
be obtained from experimental observations, the relationship between th dy

ies and kinetics, and notions of reactivity and selectivity. The products of halogena-
ton, the haloalkancs, arc the starting compounds for a wide variety of reactions, as
we will see in Chapters 6-9.

Before we examine other classes of compounds and their properties, we need to
leamn more about the structures and, in panticular, the geometric shapes of organic
molecules. In Chapier 4 we discuss compounds that contain atoms in rings, and in
Chapter § we study additional forms of isomerism. The ideas we introduce are a nec-
essary hackground as we begin a systematic study of polar reactions of haloalkanes
and alcohols 1n the chaplers that follow

We have retained the Reaction Summary Road Maps, also at the
ends of some chapters, that summarize the reactions for preparation
and applications of each major functional group. However, we have




simplified these maps to make them more useful for students. As
before, the Preparation maps indicate the possible origins of a
functionality—that is, the precursor functional groups. The Reac-
tion maps show what each functional group does. Reaction arrows
in both maps are labeled with particular reagents and start from or
end at specific reactants or products. The reaction arrows are also
labeled with section numbers indicating where the transformation
is discussed in the text.

Real Chemistry by Practicing Chemists

An Emphasis on Practical Applications
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Every chapter of this text features discussions of biological, medical, and industrial
applications of organic chemistry, many of them new to this edition. Some of these
applications are found in the text discussion, others in the exercises, and still others

CHEMICAL KIGHLIGHT 20-2 g

 Battling the Bugs: Rntibiotic Wars

Hn late summer 1928, the Scottish bacteriologist
Sir Alcxander Fleming went on vacation. When he
retumed, the course of human history changed. Flem-

Peniciltin in Action
Transpepudase  +  penrcillin

bacterium onginally found in the soils of the jungles of
Bomeo. (For molecular model renditions of penicillin,
arylhmmycm. and vancomycin, see your book cover.)

gen bonds with the amino acids at the end of the grow-
ing cell-wall polymer. preventing them from linking
with additional amino acid units. But within s decade

istant strains of §. aureus appearcd, in which

nqhdkﬁawhuednhmngmehcmmn l

us aureus on a y beach. While

ies delayed the i ion of
Mimexnphanmewul mnld)e 19805,

a small structural modification at the end of the poly-

he was gone, 4 cold spell stopped the growth of the
bacterium. At the same time, mold spores of Penicil-
lium notatum happened to drift up from the floor
below. settling into his culture dish. By the time
Fleming returned, the weather had warmed. and both
microorganisms resumed growing. Intending to ¢lean
and sterilize the dish, he fortunately first noticed that
Penicillium wss destroying the bacteria colonies. The
substance responsible for this antibiotic effect was
isolated in 1939 and named penicillin (see structure,
page §83).

Fleming’s oniginal mold produced benzylpeni-
eillin, or penicillin G (R = C4HsCH3). Many analogs
have been subsequently synthesized. comprising 2
targe class of so-called B-lactam antibotics, after the
strained four-membered lactam ring that characterizes
them structurally as well as functionally. Because ring
strain is relieved on ning opeming, B-lactams are un-
usually reactive compared with ordinary amides. The
enzyme franspeptidase catalyzes a crucial reaction in
the biosynthesis of a polymer that maintains the
structure of bactenial cell walls. A nucleophilic oxy-
gen of the enzyme links with the carboxylic acid
function of one amino acid, catalyzing its amide for-

mation with the amine group of another amino acid
| molecule. Repetition of this process gencrates the
C}Iymu. Penicillin's B-lactam carbonyl group reacts

with the crucial enzyme oxygen readily and irve-

=0

—z—n—:u

H
M—C* \CH,
o= HN*-CHCOO

o

enryme | bt
- enmyme

versibly, inactvating the enzyme, stopping cell-wall
synthesis, and killing the bactenum.

Some bacteria are resistant to penicillin, because
they produce an enzyme. penicillinase, that destroys
the B-lactam ring in the antibiotic. Synthesis of
analogs afforded a partial solution to this problem.
Ultimately, however, it became necessary to tum to
antibiotics with completely different modes of action,
Erythromycin, produced by a strain of Streptomyces
bactena first found in soil samples in the Philippines
in 1952, functions in a distinct manner. It is a large
ring lactone which interferes with the bactenal nbo-
some. is cell-wall protein symhesis factory. Although

is by llinase, bacteria
resistant to it have developed over the decades since
its introduction into the antibiotic arsenal.

An even more complex antibiotic, vancomycin,
was discovered in 1956, from fermentation of a

when dangerous strains of Staphvlococcus aureus pos-
sessing resistance to virtually every known antibiotic
became serious threats to public health. Without ques-
tion, improper use of antibiotics contributed 10 the
rapid development of such organisms. “Vanco™ (for
“vanquish") quickly became the “antibiotic of last re-
sort” in cases of such infections, Its effectiveness arises
from an entirely novel chemical interaction: Its shape
and structure allow it 10 form a tight network of hydro-

mer disrupts the ability of the antibiotic to bind. This
battle betweeo scientists and the bactenal world con-
tinues: New antibacterials are continually heing pre-
pared and tested for potency. Meanwhile, microbes
continue 10 adapt and develop modifications to their
hiochemical machinery to foil antibiotic attack.
Whether the “era of antibiotics™ that began in the mid-
die of the twenticth century will continue very far into
the twenty-first is very much an open guestion.

OH
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O
o OH OH

HO'
Vancomycin

in the Chemical Highlight boxes. Topics range from new families of antibiotics to
fight drug-resistant bacteria (Chapter 20) to organic polymers that conduct electric-

ity (Chapter 14) to some recent advances in the chemistry of fused
hydrocarbon rings (Chapter 15). Updated applications include syn-
thetic chlorine compounds and the stratospheric ozone layer (Chap-
ter 3), chiral substances in nature (Chapter 5), and carbohydrate-
derived sugar substitutes (Chapter 24).

A major application of organic chemistry, stressed throughout
the text, is the synthesis of new products and materials. We em-
phasize the development of a good synthetic strategy and the

25-23. Viagra (sildenafil citrate. see Chapter Opening) was introduced in 1998 as an effective
way 1o treat male erectile dysfunction (MED). It was discovered accidentally dunng clinical
trials of the compound as a treatment for coronary heart disease and works by enhancing the
production of nitric oxide (NO) in erectile tissue, ultimately leading to vasodilation (sec Chem-
ical Highlight 26-1). The route by which Viagra was made originally in the rescarch labora-
tory is shown below.

Ao

o
3 CHa0%OCH.

o
3 N2OH. HO
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avoidance of pitfalls, illustrating these ideas with many Working with
the Concepts and Integration Problems. Specific syntheses of biolog-
ical and medicinal importance are discussed in many chapters.

ombustion of alkanes releases most of the energy that powers modem industnial-

ized society. We saw in Chapter 2 that alkanes lack functional groups: that being

the case. how does combustion oceur? We will see in this chapter that alkanes are
not very reactive. but that they do undergo several types of transformations. These
processes. of which combustion is one example. do not involve acid-base chemistry.
Instead, they are called radical reactions. Although we will not explore radical re-
actions in great depth in this course. they play significant roles in biochemistry (such
as aging and disease processes). the environment (destruction of the Earth’s ozone
layer). and industry (manufacture of synthetic fabrics and plastics).

Radical reactions begin with the breaking of a bond. or bond dissociation. We
examine the energetics of this process and discuss the conditions under which it
occurs. The majority of the chapter will deal with halogenation, a radical reaction
in which a hydrogen atom in an alkanc 1s replaced by halogen. The importance of
halogenation lies in the fact that it introduces a reactive functional group. turning the
alkane into a haloalkane. which 1s suitable for further chemical change. For each of
these processes, we shall use cussion of the mechanism involved to explain in
detail how it occurs. We will that different alkanes, and indeed different bonds
in the same alka lecule, may react at different rates, and we will see why this
is so. All reactic anic chemistry take place by a limited number of mecha-
anisms enable us to understand how and why reactions occur, and what
y to form in them. In this chapter we will apply mechanistic con-
he effects of hal hemicals on the P ozone
¢ with a brief discussion of alkane combustion and show how that
a useful source of energy data for organic molecules.

Early Introduction of Reactions

The payoff for learning how structure affects function comes in un-
derstanding organic reactions. In this edition, we have revised Chap-
ter 2 to place more emphasis on polar reactions, stressing their im-
portance throughout the course. However, as in previous editions, the
first reaction we discuss in detail is the radical halogenation of
methane, presented in Chapter 3. This sequence enables us to intro-
duce the concepts of bond-dissociation energy and the stability of rad-
icals in the context of the simplest organic bonds,
C—H and C—C. Because the halogenation of
methane does not include ionic species, we can

CH; 'é:l: Lzo, CH; (:.":I: + H—(:::l: AH°® = energy input — energy output
1 = SDH® (bonds broken) — SDH° (bonds formed) 1 1-
| Uo7 :, lg 105+ 59 55+ 103 al.lalyze the overall process, as well as the indi
o e mt™ Chioromethase = =0T i vidual steps, from the point of view of thermody-

namics and potential energy diagrams, giving stu-
dents new tools for judging the feasibility of all
7 future transformations. Finally, our choice of the lead reaction permits us to gener-
alize to issues of reactivity and selectivity, providing students with a model for how
to deal with molecules containing several equally reactive sites. Icons in the page
margins highlight the location of most major reactions discussed in the text.

Reaction

) A Uniform Chapter Organization Based on
Structure and Function

The structures of haloalkanes and how they determine haloalkane behavior in nu-
cleophilic substitution and elimination reactions are the main topics of Chapters 6
and 7. Subsequent chapters present material on functional groups according to the
same scheme introduced for haloalkanes: nomenclature, structure, spectroscopy,
preparations, reactions, and biological and other applications. The emphasis on struc-
ture and function allows us to discuss the mechanisms of all new important reactions
concurrently, rather than scattered throughout the text. We believe this unified pres-
entation of mechanisms benefits students enormously.

We treat alcohols early (Chapters 8 and 9), because understanding their chemistry
leads to appreciating their central role in synthesis. Similarly, we present carboca-
tions (and their rearrangements; see Section 9-3) before the Markovnikov rule (Chap-
ter 12); alkenes (Chapter 12) before conjugated polyenes (Chapter 14); and conju-
' gated polyenes before aromatic systems (Chapter 15). The coverage of
spectroscopy in the first half of the text (Chapters 10 and 11), after stu-
dents have learned some of the basic functional groups, continues the
theme of how structure affects function. This organization allows students
to apply spectroscopic techniques in the context of later functional groups.

CHCHCHBr

e
)

——
19 14 ppm

Updated Presentation of Spectroscopy

[ra—y (CH;3)4$1
35 34 ppm

We integrate spectroscopy into relevant chapters, but nevertheless in a
modular manner that allows the instructor to introduce it at any stage of
the course. We have thoroughly revised the treatment of NMR spec-
troscopy (Chapter 10) with 300-MHz spectra, instead of the older

9 ] 7 6 s 4 3 2 1 0
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90-MHz spectra, and we present new 300-MHz spectra in all subsequent chap-
ters. As before, we place NMR and IR spectroscopy at the end of the first half of
the book, so students have attained some familiarity with the functional groups
used to explain the spectroscopic methods and can then learn the spectroscopic
characteristics of all other types of compounds as they are introduced. We cover
UV-visible spectroscopy in the context of delocalized pi systems (Chapter 14) and
mass spectroscopy after the treatment of carbonyl compounds (in order to explain
a-cleavage and the McLafferty rearrangement, Chapter 20). Several text discus-
sions and problems unify the application of spectroscopic techniques in structure

determination.
Uisualizinq "Iqanic [hemistru / Curved-Arrow Representations of Several Common Types of Mechanisms
H—S: +~—‘(Ii‘-('3'l‘ Nucleophilic substiution —C|—6H . Co:u;amwxlh Bronsicd
a . e . . . . A b v acid-base reaction
This edition continues our emphasis on mechanisms as a ! '
way of understanding why and how reactions occur. In re- —(::—gu Ll —c:'+:(:::|:" o
sponse to comments from users, we have increased our . e
use of electron-pushing arrows, introduced it earlier in HQr + Em(  lopheoiun —c:—§: Salyiome cTWERE o
Section 2-2, and reinforced it again in Section 6-3 and all "
subsequent chapters. Y=t oty Doweicsinn )é—c:“ iy g

We have also retained the use of computer-generated ball-and-
stick and space-filling models. As in the previous edition, icons

in the page margins indi-

/ - e 2 a1 W T cate where model-build-
0 & %”" @ ing by students would
| ] ! . Nodel
= S =il o be especially helpful for e
® Ly ® A ® i B g i i A Building

visualizing three-dimen-

Methyt Ethyl 1-Propyl

M LiPronyy o
(anti CHy and C1) (gauche CHy and C1) sional structures and dy_

(Mmumum stenc hindrance ) {One hydsogen hies in the (Severe stenc hindrance between. (Similar 10 ethyl case)

path of the nucteophile) methyl and incoming nucleophile) q a o8
I = § namics. In this edition, we

have added electrostatic
potential maps of many
species, helping students
see how their electron dis-
tribution affects their be-
havior with other species.
Once again, structure de-
termines function.

We continue to use icons Nechanis
in the page margins to
highlight the location of

important mechanisms. In /

this edition, we have also in-

cluded marginal Media Link
Icons to indicate those

NEDIA LIKX Interlude

mechanisms that have been
animated on the W. H. Free- s 0 :

. - ummary of Organic Reaction Hechanisms
man Web Slte- TO emphaSIZe Although wcl!;rc onlyqjus( past the halfway point in our survey of organic chemistry,

with the completion of Chapter 14 we have in fact now seen examples of each of the
three major classes of organic transformations: radical, polar. and pericyclic processes.

to students the relatively few types of mechanisms
tha[ drive [he ma_]onty Of Organic reactions we sum- This section summarizes all of the individual mechanism types that we have so far
’

encountered in cach of these reaction classes.

marize the mechanisms in an Interlude following
Chapter 14.
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Supplements

The Web site found at www.whfreeman.com/vollhardtschorede is a multimedia
learning tool developed by W. H. Freeman and Company in conjunction with
Sumanas, Inc. (some of the animations and Animated Mechanisms were storyboarded
from the VisChem project created by Roy Tasker and the University of Western Syd-
ney). All the features of the Web site function within the context of the book’s cov-
erage. Two features of this interactive Web site are integrated with the textbook using
media icons and descriptive text.

¢ Animations: These Web accessible
animations allow students to view motion,
three dimensions, atomic and molecular
interactions, and chemical reactions at a
microscopic level. Topics focus on orbitals
and hybridization.

» Animated Mechanisms: More than 25
animations that allow students to view
molecular interactions as structural
formulas and as ball-and-stick models.
Topics include chemical reactivity and
structures and bonding.

0o

Other features of the Web site include:

* Molecule Database: 120 CHIME Molecular Models sorted by molecule
type—structures mentioned in the book and depicted as three-dimensional
animations with multiple-display options.

* Online Quizzing: 15-20 randomized multiple-choice questions per chapter,
with assessment and feedback. Stores scores, so instructor can access them at a
later date.

¢ Nomenclature Exercises: 19 drop and drag exercises designed for rote
memorization.

e Reaction Exercises: 16 drop and drag exercises designed for memorization.
e Tools: Interactive periodic table and calculators in a Flash format.

The Study Guide, written by Neil Schore, provides a direct link from the text to the
supplement. Sample problems are worked out, and the solutions to the End-of-
Chapter Problems are given. Keys to the Chapter sections point out pitfalls of faulty
logic and help students visualize the solution steps for various exercises. Tables sum-
marize the spectral features associated with each functional group. A glossary of key
terms is also provided. ISBN 0-7167-9759-3

The Computerized Test Bank, by Charles M. Garner and Kevin G. Pinney of Baylor
University, is available on a dual platform CD-ROM. Instructors can easily change
and add questions as well as import their own electronic drawings. A print option is
available for instructors who prefer a hard copy Test Bank.




The Maruzen Molecular Structure Model Set is available for student purchase. This
essential tool can be used to present orbitals, single, double, and triple bonds, and
locations of atoms. ISBN 0-7167-4822-3

Laboratory Manuals

Jerry R. Mohrig, Carleton College

Christina Noring Hammond, Vassar College

Paul FE. Schatz, University of Wisconsin-Madison
Terence C. Morrill, Rochester Institute of Technology

Modern Projects and Experiments in Organic Chemistry helps instructors turn their
organic chemistry laboratories into places of discovery and critical thinking. In ad-
dition to traditional experiments, the manual offers a variety of inquiry-based exper-
iments and multi-week projects, giving students a better understanding of how lab
work is actually accomplished. Instead of simply following directions, students learn
how to investigate the experimental process itself. The only difference between the
two versions of the manual is that each is tailored to specific laboratory equipment.
They are identical in content.

MODERN PROJECTS AND EXPERIMENTS IN ORGANIC CHEMISTRY
Miniscale and Standard-Taper Microscale ISBN 0-7167-9779-8

MODERN PROJECTS AND EXPERIMENTS IN ORGANIC CHEMISTRY
Miniscale and Williamson Microscale ISBN 0-7167-3921-6

TECHNIQUES IN ORGANIC CHEMISTRY
Miniscale, Standard-Taper Microscale, Williamson Microscale
ISBN: 0-7167-6638-8

Modern Projects and Experiments in Organic Chemistry is designed to provide the
utmost in quality content, student accessibility, and instructor flexibility. The project
consists of:

1. A laboratory manual in two versions:
» Miniscale and standard-taper microscale equipment
» Miniscale and Williamson microscale equipment

2. Custom publishing option. All experiments are available through Freeman’s
custom publishing service at http://custompub.whfreeman.com. Instructors
can use this service to create their own customized lab manual, even
including their own material.

3. Techniques in Organic Chemistry. This concise yet comprehensive companion
volume provides students with detailed descriptions of important techniques.

4. CD-ROM. Available to accompany the manuals, custom published manuals,
or the techniques manual.

Key to the Functional Use of Color

We use color consistently and functionally to help students master basic principles,
including nomenclature, orbitals, sequence rules in stereochemistry, the relation of
spectral lines to functional groups, topological changes in molecular transformations,
and the reactivity of functional groups. Color is suspended in exercises, chapter re-
views, and problems. In this edition, we have carefully reevaluated the application
of color in reaction schemes and simplified its use.

Preface
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For example, wherever possible, s orbitals are shown in red, 2p
orbitals in blue, sp” hybrids in purple, and 3p orbitals in green.

e OH

Color shows the relation | h
of the names of organic CH;CH
molecules to their struc- B
tures. In the illustration Cl\s 4 /CHCHZCH3
shown at the right, which is from Chapter 11, /C:C\
the functional groups that give the molecule its H;C H
unique chemical behavior and other substitu- (Z)-5-Chloro-3-ethyl-4-hexen-2-ol
ents are clearly differentiated from the stem. (The two stereocenters are unspecified)

Color is used to associate spectral fea- /
tures with certain molecular units. For

example, in the spectrum at the right H ~o,
the three colors show how the three _IL . H
nonequivalent hydrogens give rise to e N0,
three distinct “peaks”—an observation - _JL e

that will help the students to identify a Wi T (s

molecule when they know its spectrum.

f i
CIH-C’7 Br

Color offers clues to
a molecule’s stereochemistry, or the arrangement of its atoms in
space. The student will see in Chapter 5 that substituents in three

a Highest—red 1 3 . . i ] .
b Second highest—blue §H3C3H2 dimensions can be assigned a priority according to certain ‘“‘se-
¢ Third highest—green o . o o 3 . B o

: uence rules,” and this assignment has been indicated, in dimin-
d Lowest—black Optically active q > signment has s

2R ishing order of priority, by red, blue, green, and black.

/ Most important, color frequently shows how the functional groups
transform in the reaction mechanism. Electron-rich, or “nucleo-
philic,” parts are shown in red; electron-deficient, or “electro-
t Br: H philic,” fragments are blue; and radicals. and ‘lea.ving groups are

; \, | green. Red arrows in these transformations indicate the move-
CH3(|T—(|3CH3 + iBr: =— CH3(|Z—CIICH3 ments of electrons.

STEP 4. Trapping by bromide

H3C H H3C H
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Structure and Bonding in
Organic Molecules

How much difference does a single proton make? If
you add a proton to a water molecule, you get a
hydronium ion, which is responsible for the acidity of
aqueous solutions below pH 7. Similarly, a single
protonation of the complex dye aggregate responsible
for the blue color of cornflowers leads to crucial
molecular changes. The protonated aggregate causes
the red color of poppies.

ow does your body function? Why did your muscles ache this morning after last

night’s long jog? What is in the pill you took to get rid of that headache you got

after studying all night? What happens to the gasoline you pour into the gas tank
of your car? What is the molecular composition of the things you wear? What is the
difference between a cotton shirt and one made of silk? What is the origin of the odor
of garlic? You will find the answers to these questions, and many others that you may
have asked yourself, in this book on organic chemistry.

Chemistry is the study of the structure of molecules and the rules that govern their
interactions. As such, it interfaces closely with the fields of biology, physics, and
mathematics. What, then, is organic chemistry? What distinguishes it from other chem-
ical disciplines, such as physical, inorganic, or nuclear chemistry? A common defi-
nition provides a partial answer: Organic chemistry is the chemistry of carbon and
its compounds. These compounds are called organic molecules.
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Thanksgiving dinner: Almost
everything you see in this
picture is composed of organic
molecules.

H;C—CH;
Ethane

Cyclohexane

Organic molecules constitute the chemical building blocks of life. Fats, sugars,
proteins, and the nucleic acids are compounds in which the principal component is
carbon. So are countless substances that we take for granted in everyday use. Virtu-
ally all the clothes that we wear are made of organic molecules—some of natural
fibers, such as cotton and silk; others artificial, such as polyester. Toothbrushes,
toothpaste, soaps, shampoos, deodorants, perfumes—all contain organic compounds,
as do furniture, carpets, the plastic in light fixtures and cooking utensils, paintings,
food, and countless other items.

Organic substances such as gasoline, medicines, pesticides, and polymers have
improved the quality of our lives. Yet the uncontrolled disposal of organic chemicals
has polluted the environment, causing deterioration of animal and plant life as well
as injury and disease to humans. If we are to create useful molecules—and learn to
control their effects—we need a knowledge of their properties and an understanding
of their behavior. We must be able to apply the principles of organic chemistry.

This chapter explains how the basic ideas of chemical structure and bonding ap-
ply to organic molecules. You will recognize that most of it is a review of topics that
you covered in your general chemistry courses, including molecular bonds, Lewis
structures and resonance, atomic and molecular orbitals, and the geometry around
bonded atoms.

1-1 The Scope of Organic Chemistry: An Overview

A goal of organic chemistry is to relate the structure of a molecule to the reactions
that it can undergo. We can then study the steps by which each type of reaction takes
place, and we can learn to create new molecules by applying those processes.

Thus, it makes sense to classify organic molecules according to the subunits and
bonds that determine their chemical reactivity: These determinants are groups of atoms
called functional groups. The study of the various functional groups and their re-
spective reactions provides the structure of this book.

Functional groups determine the reactivity of organic molecules
We begin with the alkanes, composed of only carbon and hydrogen atoms (“hydro-
carbons”) connected by single bonds. They lack any functional groups and as such
constitute the basic scaffold of organic molecules. As with each class of compounds,
we present the systematic rules for naming alkanes, describe their structures, and ex-
amine their physical properties (Chapter 2). An example of an alkane is ethane. Its
structural mobility is the starting point for a review of thermodynamics and kinetics.
This review is then followed by a discussion of the strength of alkane bonds, which
can be broken by heat, light, or chemical reagents. We illustrate these processes with
the chlorination of alkanes (Chapter 3).

A Chlorination Reaction

CH, + €, 2% _CHs—Cl =+ +HCl

Next we look at cyclic alkanes (Chapter 4), which contain carbon atoms in a ring.
This arrangement can lead to new properties and changes in reactivity. The recogni-
tion of a new type of isomerism in cycloalkanes bearing two or more substituents—
either on the same side or on opposite sides of the ring plane—sets the stage for a
general discussion of stereoisomerism. Stereoisomerism is exhibited by compounds
with the same connectivity but differing in the relative positioning of their compo-
nent atoms in space (Chapter 5).
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We shall then study the haloalkanes, our first example of compounds containing
a functional group—the carbon-halogen bond. The haloalkanes participate in two
types of organic reactions: substitution and elimination (Chapters 6 and 7). In a sub-
stitution reaction, one halogen atom may be replaced by another; in an elimination
process, adjacent atoms may be removed from a molecule to generate a double bond.

A Substitution Reaction

CH:—Cl + K'I'' — CH;—I + K*Cl

An Elimination Reaction

(|JH2——(|3H2 + K*"OH — H,C=CH, + HOH + K%I

H I
Like the haloalkanes, each of the major classes of organic compounds is charac- HC=CH
terized by a particular functional group. For example, the carbon—carbon triple bond An alkyne

is the functional group of alkynes; ethyne, a well-known alkyne (Chapter 13), is the
chemical burned in a welder’s torch. A carbon—oxygen double bond fulfills this role
for aldehydes and ketones (Chapters 16 and 17), the starting materials in many in-

H2C =0
An aldehyde

dustrial processes. The amines (Chapter 21), which include drugs such as nasal de- 0

congestants and amphetamines, contain nitrogen in their functional group. We shall

study a number of tools for identifying these molecular subunits, including various H;C—C—CH;

forms of spectroscopy (Chapters 10, 11, 14, and 20). A ketone
Subsequently, we shall encounter several important classes of organic molecules H,C—NH,

that are especially crucial in biology and industry. Many of these classes, such as the
carbohydrates (Chapter 24) and amino acids (Chapter 26), contain multiple functional
groups. However, in every class of organic compounds, the principle remains the same:
The structure of the molecule is related to the reactions that it can undergo.

An amine

Synthesis is the making of new molecules

Carbon compounds are called “organic” because it was originally thought that they
could be produced only from living organisms. In 1828, Friedrich Wdhler* proved
this idea to be false when he converted the inorganic salt lead cyanate into urea, an
organic product of protein metabolism in mammals. (The average human excretes 30 g
of urea each day.)

Wohler’s Synthesis of Urea

O

|
Pb(OCN), + 2H,O + 2NH; —— 2H,NCNH, + Pb(OH),
Lead cyanate Water Ammonia Urea Lead hydroxide

Synthesis, or the making of molecules, is a very important part of organic chem-
istry (Chapter 8). Since Wahler’s time, many millions of organic substances have been
synthesized from simpler materials, both organic and inorganic.” These substances
include many that also occur in nature, such as the penicillin antibiotics, as well as
entirely new compounds. Some, like cubane, have given chemists the opportunity to
study special kinds of bonding and reactivity. Others, like the artificial sweetener sac-
charin, have become a part of everyday life (Chemical Highlight 1-1).

*Professor Friedrich Wohler (1800—1882), University of Géttingen, Germany. In this and
subsequent biographical notes, only the scientist’s last known location of activity will be
mentioned, even though much of his or her career may have been spent elsewhere.

"As of April 2002, the Chemical Abstracts Service had registered over 37 million chemical substances.
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Saccharin: One of the Oldest Synthetic Organic Compounds in Commercial Use

gaccharin was synthesized in the course of a study tasted every new compound they made. This was an
of the oxidation of organic chemicals containing extremely dangerous practice, one that you should not
sulfur and nitrogen. Its sweetness was discovered by observe under any circumstances, even with suppos-
Ira Remsen* in 1879, a time when chemists routinely edly “safe” compounds that you may encounter in

your laboratory.

Saccharin is 300 times as sweet as sugar and vir-
tually nontoxic. It has proved to be a lifesaver for
countless diabetics and of great value to people who
need to control their caloric intake. The possibility
that saccharin may be carcinogenic—that is, capable
of causing cancer—was raised in the 1960s and
1970s. For years, warning labels were required on all
products containing the sweetener. However, further
intensive studies revealed that pure saccharin is safe,
blaming the occasional observation of genetic defects
in cell cultures treated with the compound on impuri-
ties. Congress repealed a (never implemented) ban on
saccharin in 2001.

Saccharin accounts for about 45% of a growing
market of nonnutritive sweeteners worth more than
$500 million per year. Among them is aspartame
Familiar saccharin-containing packets. (NutraSweet), described in Chapter 26.

. /

*Professor Ira Remsen (1846-1927), Johns Hopkins University,
Baltimore.

Typically, the goal of synthesis is to construct complex organic chemicals from
simpler, more readily available ones. To be able to convert one molecule into another,
chemists must know organic reactions. They must also know the physical conditions
that govern such processes, such as temperature, pressure, solvent, and molecular
structure. This knowledge is equally valuable in analyzing reactions in living systems.

As we study the chemistry of each functional group, we shall develop the tools
both for planning effective syntheses and for predicting the processes that take place
in nature. But how? The answer lies in looking at reactions step by step.

H O H
l | I | H m H\ H Ho /H | “/O
H\C/ \C/(I:_C_N\i i S c_ H C—CH Ho /C\C/ N
[ [ H 7 " T [
C _Co —N_/\ - =z
¥ \(Ij/ ST o/C N\/C\ $<H H/C7C C/c\H " \(lj/ ”
4 H —
H—O0—C H X
(0]

Benzylpenicillin Cubane Saccharin
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Reactions are the vocabulary, and mechanisms are the grammar

of organic chemistry

When we introduce a chemical reaction, we will first show just the starting com-
pounds, or reactants (also called substrates), and the products. In the chlorina-
tion process mentioned earlier, the substrates—methane, CH,4, and chlorine, Cl,—
may undergo a reaction to give chloromethane, CH;Cl, and hydrogen chloride, HCI.
The overall transformation was described as CH, + Cl, — CHsCI + HCI. How-
ever, even a simple reaction like this one may proceed through a complex sequence
of steps. The reactants could have first formed one or more unobserved substances—
call these X—that rapidly changed into the observed products. These underlying
details of the reaction constitute the reaction mechanism. In our example, the mech-
anism consists of a two-step sequence: CH,; + Cl, — X followed by X — CH;Cl1 +
HCI. Each step may have a part in determining whether the overall reaction will
proceed.

Substance X in our chlorination reaction is an example of a reaction intermedi-
ate, a species formed on the pathway between reactants and products. We shall learn
the mechanism of this chlorination process and the true nature of the reaction inter-
mediates in Chapter 3.

How can we determine reaction mechanisms? The strict answer to this ques-
tion is, We cannot. All we can do is amass circumstantial evidence that is consis-
tent with (or points to) a certain sequence of molecular events that connect start-
ing materials and products (“the postulated mechanism”). To do so, we exploit the
fact that organic molecules are no more than collections of bonded atoms. We can,
therefore, study how, when, and how fast bonds break and form, in which way
they do so in three dimensions, and how changes in substrate structure affect the
outcome of reactions. Thus, although we cannot strictly prove a mechanism, we
can certainly rule out many (or even all) reasonable alternatives and propose a
most likely pathway.

In a way, the “learning” and *“using” of organic chemistry is much like learning
and using a language. You need the vocabulary (i.e., the reactions) to be able to use
the right words, but you also need the grammar (i.e., the mechanisms) to be able to
converse intelligently. Neither one on its own gives complete knowledge and under-
standing, but together they form a powerful means of communication, rationalization,
and predictive analysis. To highlight the interplay between reaction and mechanism,
icons are displayed in the margin at appropriate places throughout the text.

Before we begin our study of the principles of organic chemistry, let us review
some of the elementary principles of bonding. We shall find these concepts useful in
understanding and predicting the chemical reactivity and the physical properties of
organic molecules.

1-2 Coulomb Forces: A Simplified Uiew of Bonding

The bonds between atoms hold a molecule together. But what causes bonding? Two
atoms form a bond only if their interaction is energetically favorable, that is, if
energy—heat, for example—is released when the bond is formed. Conversely, break-
ing that bond requires the input of the same amount of energy.

The two main causes of the energy release associated with bonding are based on
fundamental laws of physics:

1. Opposite charges attract each other.
2. Electrons spread out in space.

Nechanism

Reaction
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Figure 1-1

The changes in energy. E, that
result when two atoms are
brought into close proximity.
At the separation defined as
bond length, maximum
bonding is achieved.

Bonds are made by simultaneous coulombic attraction and
electron exchange

Each atom consists of a nucleus, containing electrically neutral particles, or neutrons,
and positively charged protons. Surrounding the nucleus are negatively charged elec-
trons, equal in number to the protons so that the net charge is zero. As two atoms ap-
proach each other, the positively charged nucleus of the first atom attracts the elec-
trons of the second atom; similarly, the nucleus of the second atom attracts the
electrons of the first atom. This sort of bonding is described by Coulomb’s* law:
Opposite charges attract each other with a force inversely proportional to the square
of the distance between the centers of the charges.

Coulomb’s Law

(+) charge X (—) charge

Attracting force = constant X ; 5
distance

This attractive force causes energy to be released as the neutral atoms are brought to-
gether. This energy is called the bond strength.

When the atoms reach a certain closeness, no more energy is released. The dis-
tance between the two nuclei at this point is called the bond length (Figure 1-1).
Bringing the atoms closer together than this distance results in a sharp increase in
energy. Why? As stated above, just as opposite charges attract, like charges repel. If
the atoms are too close. the electron—electron and nuclear—nuclear repulsions become
stronger than the attractive forces. When the nuclei are the appropriate bond length
apart, the electrons are spread out around both nuclei and attractive and repulsive
forces balance for maximum bonding. The energy content of the two-atom system is
then at a minimum, the most stable situation (Figure 1-2).

An alternative to this type of bonding results from the complete transfer of an
electron from one atom to the other. The result is two charged ions: one positively
charged, a cation, and one negatively charged, an anion (Figure 1-3). Again, the bond-
ing is based on coulombic attraction, this time between two ions.

*Lieutenant-Colonel Charles Augustin de Coulomb (1736-1806). Inspecteur Général of the
University of Paris, France.

Absorbed

Released

l
Bond length

Interatomic distance ——>
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Atom 1 Atom 2 Covalently Bonded Molecule

__>.

Anion
Ionically Bonded Molecule

Cation

Atom 1 Atom 2

The coulombic bonding models of attracting and repelling charges shown in Fig-
ures 1-2 and 1-3 are highly simplified views of the interactions that take place in the
bonding of atoms. Nevertheless, even these simple models explain many of the prop-
erties of organic molecules. In the sections to come, we will examine increasingly
more sophisticated views of bonding.

1-3 Ionic and Covalent Bonds: The Octet Rule

We have seen that attraction between negatively and positively charged particles is a
basis for bonding. How does this concept work in real molecules? Two extreme types
of bonding explain the interactions between atoms in organic molecules:

1. A covalent bond is formed by the sharing of electrons (as shown in Figure 1-2).
2. An ionic bond is based on the electrostatic attraction of two ions with opposite
charges (as shown in Figure 1-3).

We shall see that many atoms bind to carbon in a way that is intermediate between
these extremes: Some ionic bonds have covalent character, and some covalent bonds
are partly ionic (polarized).

What are the factors that account for the two types of bonds? To answer this ques-
tion, let us return to the atoms and their compositions. We shall start by looking at
the periodic table and at how the electronic makeup of the elements changes as the
atomic number increases.

The periodic table underlies the octet rule

The partial periodic table depicted in Table 1-1 includes those elements most widely
found in organic molecules: carbon (C), hydrogen (H), oxygen (O), nitrogen (N), sul-
fur (S), chlorine (Cl), bromine (Br), and iodine (I). Certain reagents, indispensable
for synthesis and commonly used, contain elements such as lithium (Li), magnesium
(Mg), boron (B), and phosphorus (P). (If you are not familiar with these elements,
refer to Table 1-1 or the periodic table on the inside cover.)

Figure 1-2

Covalent bonding. Attractive
(solid line) and repulsive
(dashed line) forces in the
bonding between two atoms.
The large circles represent
areas in space in which the
electrons are found around the
nucleus. The small circled plus
sign denotes the nucleus.

Figure 1-3

Ionic bonding. An alternative
mode of bonding results from
the complete transfer of an
electron from atom 1 to atom
2, thereby generating two ions
whose opposite charges attract
each other.
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HBI.E IRl Partial Periodic Table )
Period Halogens Noble gases
First H' He?

Second Li2.l BeZ.Z B2‘3 C2.4 NZ.S 02.6 F2‘7 Ne2,8

Third NaZ,S, 1 Mg2.8.2 A12.8.3 Si2'8'4 P2.8.5 52.8.6 C12’8'7 Ar2.8,8

Fouth K288.1 Br2&187 Kr2-8188

Fifth [2:8:18.18.7 Xe28:18.18.8

Note: The superscripts indicate the number of electrons in each principal shell of the atom. j

(a) Redraw Figure 1-1 for a weaker bond than the one depicted. (b) Write Table 1-1 from
| memory.

The elements in the periodic table are listed according to atomic number, or nu-
clear charge (number of protons), which also equals the number of electrons. The
atomic number increases by one with each element listed. The electrons occupy en-
ergy levels, or “shells,” each with a fixed capacity. For example, the first shell has
room for two electrons; the second, eight; and the third, eighteen. Helium, with two
electrons in its shell, and the other noble gases, with eight electrons (called octets)
in their outermost shells, are especially stable. These elements show very little chem-
ical reactivity. All other elements lack octets in their outermost electron shells. Aroms
will tend to form molecules in such a way as to reach an octet in the outer electron
shell and attain a noble-gas configuration. In the next two sections, we describe two
extreme ways in which this goal may be accomplished: by the formation of pure ionic
or pure covalent bonds.

In pure ionic bonds, electron octets are formed by transfer of
electrons

Sodium (Na), a reactive metal, interacts with chlorine, a reactive gas, in a violent
manner to produce a stable substance: sodium chloride. Similarly, sodium reacts with
fluorine (F), bromine, or iodine to give the respective salts. Other alkali metals, such
as lithium and potassium (K), undergo the same reactions. These transformations suc-
ceed because both reaction partners attain noble-gas character by the transfer of outer-
shell electrons, called valence electrons, from the alkali metals on the left side of the
periodic table to the halogens on the right.

Let us see how this works for the ionic bond in sodium chloride. Why is the in-
teraction energetically favorable? First, it takes energy to remove an electron from an
atom. This energy is the ionization potential (IP) of the atom. For sodium gas, the
ionization energy amounts to 119 kcal mol ™~ '.* Conversely, energy may be released
when an electron attaches itself to an atom. For chlorine, this energy, called its elec-
tron affinity (EA), is —83 kcal mol~!. These two processes result in the transfer of

*This book will cite energy values in the traditional units of kcal mol ', in which mol is the
abbreviation for mole and a kilocalorie (kcal) is the energy required to raise the temperature of
1 kg (kilogram) of water by 1°C. In SI units, energy is expressed in joules (kg m’s 2, or
kilogram-meter® per second’). A joule (J) is the energy required to accelerate a mass of 1 kg
every second by 1 m s~ '. The conversion factor is 1 kcal = 4184 J = 4.184 kJ (kilojoule).
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an electron from sodium to chlorine. Together, they require a net energy input of
119 — 83 = 36 kcal mol ™.

Na2®! 1% [Na®]" IP = 119 kcal mol ™'

Sodium cation Energy input required
(Neon configuration)

CI287 il [CI238)~ EA = —83 kcal mol '

Chloride anion Energy released

(Argon configuration)

Na+Cl — Na'Cl™ Total = 119 — 83 = 36 kcal mol ™’

Why, then, do the atoms readily form NaCl? The reason is their electrostatic at-
traction, which pulls them together in an ionic bond. At the most favorable interatomic
distance [about 2.8 A (angstroms) in the gas phase], this attraction releases (see Fig-
ure 1-1) about 120 kcal mol ' This energy release is enough to make the reaction of
sodium with chlorine energetically highly favorable (+36 — 120 = —84 kcal mol ™).

More than one electron may be donated (or accepted) to achieve favorable elec-
tronic configurations. Magnesium, for example, has two valence electrons. Donation
to an appropriate acceptor produces the corresponding doubly charged cation with
the electronic structure of neon. In this way, the ionic bonds of typical salts are formed.

Formation of Ionic Bonds by Electron Transfer

Na®®! + CI**7 — [Na®]" [CI**®]", or NaCl

A representation of how charge (re)distributes itself in molecules is given by elec-
trostatic potential maps. These computer-generated maps not only show a form of the
molecule’s “electron cloud” but also use color to depict deviations from charge neu-
trality. Excess electron density—for example, a negative charge—is shown in colors
shaded toward red; conversely, diminishing electron density—ultimately, a positive
charge—is shown in colors shaded toward blue. Charge neutral regions are indicated
by green. The reaction of a sodium atom with a chlorine atom to produce Na™Cl~ is
pictured this way in the margin. In the product, Na™ is blue, Cl™ is red.

A more convenient way of depicting valence electrons is by means of dots around
the symbol for the element. In this case, the letters represent the nucleus and all the
electrons in the inner shells, together called the core configuration.

Valence Electrons as Electron Dots
Li-  Be B -G N 0 GF

Electron-Dot Picture of Salts
Na- + -Cl: Na“:Cl:™

1 e transfer

2 e transfer

‘Mg + 2-Cl: Mg® " [:Cl: ],

The hydrogen atom may either lose an electron to become a bare nucleus, the
proton, or accept an electron to form the hydride ion, [H:]™, which possesses the
helium configuration. Indeed, the hydrides of lithium, sodium, and potassium (Li "H™,
Na*H~, and K"H™) are commonly used reagents.
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H- —= [H] Bare nucleus IP = 314 kcal mol ™!
Proton
H. < [H:]~ Helium configuration ~ EA = —18 kcal mol ™'
Hydride ion

Draw electron-dot pictures for ionic LiBr, Na,O. BeF,, AlClz, and MgS.

In covalent bonds, electrons are shared to achieve octet
configurations

Formation of ionic bonds between two identical elements is difficult because the elec-
tron transfer is usually very unfavorable. For example. in Hs, formation of H"H™
would require an energy input of nearly 300 kcal mol . For the same reason. none
of the halogens, F,, Cl,, Br,, and I, has an ionic bond. The high IP of hydrogen also
prevents the bonds in the hydrogen halides from being ionic. For elements nearer the
center of the periodic table, the formation of ionic bonds is unfeasible, because it be-
comes more and more difficult to donate or accept enough electrons to attain the
noble-gas configuration. Such is the case for carbon. This element would have to shed
four electrons to reach the helium electronic structure or add four electrons for a
neonlike arrangement. The large amount of charge that would develop makes these
processes very energetically unfavorable.

T X o +4 ¢ D0 &
C e==——nEeF——=E N
Helium Neon
configuration configuration

Instead. covalent bonding takes place: The elements share electrons so that each
atom attains a noble-gas configuration. Typical products of such sharing are H, and
HCI. In HCI, the chlorine atom assumes an octet structure by sharing one of its va-
lence electrons with that of hydrogen. Similarly, the chlorine molecule, Cl.. is di-
atomic because both component atoms gain octets by sharing two electrons. Such
bonds are called covalent single bonds.

Electron-Dot Picture of Covalent Single Bonds
H-+ -H — H:H
H- + Cl — H:(:I:L:
Cl I Cl = :(:3:1:(:3:1:

Because carbon has four valence electrons, it must acquire a share of four electrons
to gain the neon configuration, as in methane. Nitrogen has five valence electrons and
needs three to share, as in ammonia; and oxygen. with six valence electrons, requires
only two to share. as in water.

H
H:é:H H:i.\:I:H H:é)::H
H H

Methane Ammonia Water
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It is possible for one atom to supply both of the electrons required for covalent
bonding. This occurs upon addition of a proton to ammonia, thereby forming NH, ",
or to water, thereby forming H;0 ™.

H H :
H:N:+ H' —> H:N:H H:Q:+H‘——>[H:Q:]l}
H H H H
Ammonium Hydronium
ion ion

Besides two-electron (single) bonds, atoms may form four-electron (double) and
six-electron (triple) bonds to gain noble-gas configurations. Atoms that share more
than one electron pair are found in ethene and ethyne.

H.L _H
‘Cc::C! H:C:::C:H
H’ "H
Ethene Ethyne
(Ethylene)* (Acetylene)*

Draw electron-dot structures for F,, CF,, CH,Cl,, PH;, Brl, OH™, NH,", and CH;".
(Where applicable, the first element is at the center of the molecule.) Make sure that all
atoms have noble-gas electron configurations.

In most organic bonds, the electrons are not shared equally:
polar covalent bonds

The preceding two sections presented two extreme ways in which atoms attain noble-
gas configurations by entering into bonding: pure ionic and pure covalent. In reality,
most bonds are of a nature that lies between these two extremes: polar covalent. Thus,
the ionic bonds in most salts have some covalent character; conversely, the covalent
bonds to carbon have some ionic or polar character. Recall (Section 1-2) that both shar-
ing of electrons and coulombic attraction contribute to the stability of a bond. How
polar are polar covalent bonds and what is the direction of the polarity?

We can answer these questions by considering the periodic table and keeping in
mind that the positive nuclear charge of the elements increases from left to right.
Thus, the elements on the left of the periodic table are often called electropositive,
electron donating, or “electron pushing,” because their electrons are held by the nu-
cleus less tightly than are those of elements to the right. These elements at the right
of the periodic table are described as electronegative, electron accepting, or “elec-
tron pulling.” Table 1-2 lists the relative electronegativities of some elements. On this
scale, fluorine, the most electronegative of them all, is assigned the value 4.

Consideration of Table 1-2 readily explains why the most ionic (least covalent)
bonds occur between elements at the two extremes (e.g., the alkali metal salts, such
as sodium chloride). On the other hand, the purest covalent bonds are formed between
atoms of equal electronegativity (i.e., identical elements, as in H,, N,, O,, F,, and so
on) or in carbon—carbon bonds. However, most covalent bonds are between atoms of
differing electronegativity, resulting in their polarization. The polarization of a bond
is the consequence of a shift of the center of electron density in the bond toward the

*In labels of molecules, systematic names (introduced in Section 2-5) will be given first, followed
in parentheses by so-called common names that are still in frequent usage.
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q JUVINREYA  Electronegativities of Selected Elements =

H

2.2

Li Be B C N o F

1.0 1.6 2.0 2.6 3.0 34 4.0

Na Mg Al Si P S Cl

0.9 1.3 1.6 1.9 2.2 2.6 3.2

K Br

0.8 3.0
I
2.7

Note: Values established by L. Pauling and updated by A. L. Allred (see Journal of Inorganic and Nuclear Chem-

\istry, 1961, 17, 215)

more electronegative atom. It is indicated in a very qualitative manner (using the Greek
letter delta §) by designating a partial positive charge, 8, and partial negative charge,
0, to the respective less or more electronegative atom. The larger the difference in
electronegativity, the bigger is the charge separation. As a rule of thumb, electroneg-
ativity differences of 0.3 to 2.0 units indicate polar covalent bonds; lesser values are
typical of essentially “pure” covalent bonds, larger values of “pure” ionic ones.

The separation of opposite charges is called an electric dipole, symbolized by an
arrow crossed at its tail and pointing from positive to negative. A polarized bond can
impart polarity to a molecule as a whole, as in HF, ICI, and CH;FE.

Polar Bonds
1l A L N
5 o
— t > f > H j H
. _ " .o _ 4 NEENL o _ L) ey eo)foed .
A% :B? O H:F:?® 8 a1eCld H:C:F: 9 H:C:0:H°
{7 \ i ii
Less A dipole More Hydrogen Iodine Fluoromethane Methanol
electro- electro- fluoride monochloride
negative negative

Molecules
Can Have
Polar Bonds
but No Net
Polarization

26

6 é::c::é‘S

Carbon dioxide

In symmetrical structures, the polarizations of the individual bonds may cancel,
thus leading to molecules with no net polarization, such as CO, and CCl, (margin).
To know whether a molecule is polar, we have to know its shape, because the net po-
larity is the vector sum of the bond dipoles. The electrostatic potential maps in the
margin clearly illustrate the polarization in CO, and CCl,, showing the respective car-
bon atoms shaded relatively blue, the attached, more electronegative atoms relatively
red. Moreover, you can recognize how the shape of each molecule renders it nonpo-
lar as a whole. There are two cautions in viewing electrostatic potential maps: (1) The
scale on which the color differentials are rendered may vary. For example, a much
more sensitive scale is used for the molecules in the margin in which the charges are
only partial, than for NaCl on p. 9, in which the atoms assume full charges. Thus, it
may be misleading to compare the electrostatic potential maps of one set of mole-
cules with those of another, electronically very different group. Most organic struc-
tures shown in this book will be on a comparative scale, unless mentioned otherwise.
(2) Because of the way in which the potential at each point is calculated, it will con-
tain contributions from all nuclei and electrons in the vicinity. As a consequence, the
color of the spatial regions around individual nuclei is not uniform.
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Electron repulsion controls the shapes of molecules

Molecules adopt shapes in which electron repulsion (including both bonding and non-
bonding electrons) is minimized. In diatomic species such as H, or LiH, there is only
one bonding electron pair and one possible arrangement of the two atoms. However,
beryllium fluoride, BeF,, is a triatomic species. Will it be bent or linear? Electron re-
pulsion is at a minimum in a linear structure, because the bonding and nonbonding
electrons are placed as far from each other as possible, at 180°.* Linearity is also ex-
pected for other derivatives of beryllium, as well as of other elements in the same col-
umn of the periodic table.

BeF, Is Linear BCl; Is Trigonal

= . oLalla L
:F:Be:F: not , Be:'F: B ) not :Cl:B:Cl:

K80 7 F. T je

e o

Electrons are Electrons are
farthest apart closer

In boron trichloride, the three valence electrons of boron allow it to form covalent
bonds with three chlorine atoms. Electron repulsion enforces a regular trigonal arrange-
ment—that is, the three halogens are at the corners of an equilateral triangle, the cen-
ter of which is occupied by boron, and the bonding (and nonbonding) electron pairs of
the respective chlorine atoms are at maximum distance from each other, that is, 120°.
Other derivatives of boron, and the analogous compounds with other elements in the
same column of the periodic table, are again expected to adopt trigonal structures.

Applying this principle to carbon, we can see that methane, CH,4, has to be tetra-
hedral. Placing the four hydrogens at the vertices of a tetrahedron minimizes the elec-
tron repulsion of the corresponding bonding electron pairs.

H

109'SE

or but not

This method for determining molecular shape by minimizing electron repulsion is
called the valence shell electron pair repulsion (VSEPR) method. Note that we often
draw molecules such as BCl; and CH, as if they were flat and had 90° angles. This de-
piction is for ease of drawing only. Do not confuse such two-dimensional drawings with
the true three-dimensional molecular shapes (trigonal for BCl; and tetrahedral for CHy).

Show the bond polarization in H,O, SCO, SO, 1Br, CH,, CHCl;, CH,Cl,, and CH;Cl by
using dipole arrows to indicate separation of charge. (In the last four examples, place the
carbon in the center of the molecule.)

*This is true only in the gas phase. At room temperature, BeF; is a solid (it is used in nuclear
reactors) that exists as a complex network of linked Be and F atoms, not as a distinct linear
triatomic structure.

P 4(’)
MRIOHISHO
:gl:

Tetrachloromethane
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CH,4

H,0*

4H
1C

3H
10
Charge

Ammonia, :NHj, is not trigonal but pyramidal, with bond angles of 107.3°. Water, H26,
is not linear but bent (104.5°). Why? (Hint: Consider the effect of the nonbondiﬁg
electron pairs.)

IN SUNHRHY There are two extreme types of bonding, ionic and covalent. Both de-
rive favorable energetics from Coulomb forces and the attainment of noble-gas elec-
tronic structures. Most bonds are better described as something between the two types:
the polar covalent (or covalent ionic) bonds. Polarity in bonds may give rise to polar
molecules. The outcome depends on the shape of the molecule, which is determined
in a simple manner by arrangement of its bonds and nonbonding electrons to mini-
mize electron repulsion.

1-4 Electron-Dot Model of Bonding: Lewis Structures

The drawings in the preceding section, with pairs of electron dots representing bonds,
are also called Lewis* structures. Lewis structures are important for predicting the
reactivity of organic compounds, and we will use them for that purpose throughout
this book. In this section, rules are given for writing such structures correctly and for
keeping track of valence electrons.

Lewis structures are drawn by following simple rules
The procedure for drawing correct electron-dot structures is straightforward, as long
as the following rules are observed.

RULE 1. Draw the (given or desired) molecular skeleton. As an example, consider
methane. The molecule has four hydrogen atoms bonded to one central carbon atom.

H

HCH HHCHH
H

Correct Incorrect

RULE 2. Count the number of available valence electrons. Add up all the valence
electrons of the component atoms. Special care has to be taken with charged struc-
tures (anions or cations), in which case the appropriate number of electrons has to be
added or subtracted to account for extra charges.

4 X 1 electron = 4 electrons HBr 1H i X1 electron = 1 electron
1 X 4 electrons = 4 electrons I Br 1 X 7 electrons = 7 electrons
Total 8 electrons Total 8 electrons
3X 1 electron = 3 electrons NH,~ 2H 2 X 1 electron = 2 electrons
1 X 6 electrons = 6 electrons I N 1 X 5 electrons = 5 electrons
+1 = —1 electron Charge -1 = +1 electron

Total 8 electrons Total 8 electrons

*Professor Gilbert N. Lewis (1875-1946), University of California at Berkeley.




I-4 Electron-Dot Model of Bonding Lewis Structures | 15

RULE 3. (The octet rule) Depict all covalent bonds by two shared electrons, giving
as many atoms as possible a surrounding electron octet, except for H, which requires
a duet. Make sure that the number of electrons used is exactly the number counted
according to rule 2. Elements at the right in the periodic table may contain pairs of
valence electrons not used for bonding, called lone electron pairs or just lone pairs.

Consider, for example, hydrogen bromide. The shared electron pair supplies the
hydrogen atom with a duet, the bromine with an octet, because the bromine carries
three lone electron pairs. Conversely, in methane, the four C—H bonds satisfy the re-
quirement of the hydrogens and, at the same time, furnish the octet for carbon. Ex-
amples of correct and incorrect Lewis structures for HBr are shown below.

Incorrect Lewis Structures

H:Br:  H:Br:

H:by: /HB\
3 electrons No octet t,\

around H 4 electrons Wrong number
around H of electrons

Correct Lewis Structure

.o

Frequently, the number of valence electrons is not sufficient to satisfy the octet rule
only with single bonds. In this event, double bonds (two shared electron pairs) and even
triple bonds (three shared pairs) are necessary to obtain octets. An example is the ni-
trogen molecule, N,, which has ten valence electrons. An N—N single bond would leave
both atoms with electron sextets, and a double bond provides only one nitrogen atom
with an octet. It is the molecule with a triple bond that satisfies both atoms.

Sextets Octets
Sextet
Octet\‘\
‘N:N: ‘N@N: :N:IN
Single bond Double bond Triple bond

Further examples of molecules with double and triple bonds are shown below.

Correct Lewis Structures

H, H 2
c::C. H: C o iCal 4G
q “H H H
Ethene Ethyne Formaldehyde
(Ethylene) (Acetylene)

In practice, you may find a simple sequence useful: First, connect all mutually
bonded atoms in your structure by single bonds (i.e., shared electron pairs); second,
if there are any electrons left, distribute them as lone electron pairs to maximize the
number of octets; and finally, if some of the atoms lack octet structures, change as
many lone electron pairs into shared electron pairs as required to complete the octet
shells (see also the Chapter Integration Problems 1-18 and 1-19).

Draw Lewis structures for the following molecules: HI, CH;CH,CH;, CH;OH, HSSH,
SiO; (0Si0), 0,, CS, (SCS).

Nonbonding or
lone electron pairs

Br f
\..:/V/}

Duet Octet

Octet

()
T

Duets
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RULE 4. Assign charges to atoms in the molecule. Each lone pair contributes two elec-
trons to the valence electron count of an atom in a molecule, and each bonding (shared)
pair contributes one. An atom is charged if this total is different from the outer-shell
electron count in the free, nonbonded atom. Thus we have the formula

number of outer-shell number of unshared number of bonding
Charge = |electrons on the — |electrons on the atom | — — | electrons surrounding the

free, neutral atom in the molecule atom 1in the molecule

As an example, which atom bears the positive charge in the hydronium ion? Each

H:O:H hydrogen has a valence electron count of 1 from the shared pair in its bond to oxy-
H gen. Because this value is the same as the electron count in the free atom, the charge
Hydronium jon on each hydrogen is zero. The electron count on the oxygen in the hydronium ion is

2 (the lone pair) + 3 (half of 6 bonding electrons) = 5. This value is one short of the
number of outer-shell electrons in the free atom, thus giving the oxygen a charge of
+1. Hence the positive charge is assigned to oxygen.

Another example is the nitrosyl cation, NO". The molecule bears a lone pair on
nitrogen, in addition to the triple bond connecting the nitrogen to the oxygen atom.
This gives nitrogen five valence electrons, a value that matches the count in the free
| atom; therefore the nitrogen atom has no charge. The same number of valence elec-
trons (5) is found on oxygen. Because the free oxygen atom requires six valence elec-
trons to be neutral, the oxygen in NO™ possesses the +1 charge. Other examples are
shown below.

ZN:::éZ

Nitrosyl cation

.. H

_ H -0
‘ oo oo oo ::
i H:C:H H:C:S: C.

H H H 'H

Methyl anion Methanethiolate Protonated
ion formaldehyde

|
i :C=0: Sometimes the octet rule leads to charges on atoms even in neutral molecules.

The Lewis structure is then said to be charge separated. An example is carbon monox-
ide, CO. Some compounds containing nitrogen—oxygen bonds, such as nitric acid,
HNO;, also exhibit this behavior.

Carbon monoxide

.0
H:O:N| |
e The octet rule does not always hold
oo The octet rule strictly holds only for the elements of the second row and then only if
Nitric acid there is a sufficient number of valence electrons to satisfy it. Thus, there are three ex-

ceptions to be considered.

EXCEPTION I. You will have noticed that all our examples of “correct” Lewis struc-
tures contain an even number of electrons; that is, all are distributed as bonding or
lone pairs. This distribution is not possible in species having an odd number of elec-
trons, such as nitrogen oxide (NO) and neutral methyl (methyl radical, - CH3; see
Section 3-1).

. .o . H.' '.H
:N::Q H:Q:H H:Be:H }3_
H H

Nitrogen oxide Methyl radical Beryllium hydride Borane
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EXCEPTION 2. Some compounds of the early second-row elements, such as BeH,
and BH3;, have a deficiency of valence electrons.

Because compounds falling under exceptions | and 2 do not have octet configurations,
they are unusually reactive and transform readily in reactions that lead to octet struc-
tures. For example, two molecules of + CH; react with each other spontaneously to give
ethane, CH;—CHj;, and BH; reacts with hydride, H™, to give borohydride, BH, .

H:C- + -Q:H — H:Q:Q:H
H H H H
Ethane
H..H Sl
}3_ 2F olple =7 H:E:H
H H
Borohydride

EXCEPTION 3. Beyond the second row, the simple Lewis model is not strictly applied,
and elements may be surrounded by more than eight valence electrons, a feature referred
to as valence shell expansion. For example, phosphorus and sulfur (as relatives of ni-
trogen and oxygen) are trivalent and divalent, respectively, and we can readily formulate
Lewis octet structures for their derivatives. But they also form stable compounds of higher
valency, among them the familiar phosphoric and sulfuric acids. Some examples of octet
and expanded-octet molecules containing these elements are shown below.

¥ p: Cil: H:0:P:0:H H:S:H H:0:S:0:H
: (.:.l \(\ Octet : ([-)I \(\ 10 electrons \t\ Octet : O'-\(\ 12 electrons
Phosphorous Phosphoric Hydrogen Sulfuric
trichloride acid sulfide acid

An explanation for this apparent violation of the octet rule is found in a more so-
phisticated description of atomic structure by quantum mechanics (Section 1-6). How-
ever, you will notice that, even in these cases, you can construct dipolar forms in
which the Lewis octet rule is preserved (see Section 1-5).

:Q: :Q:'
H

Covalent bonds can be depicted as straight lines

Electron-dot structures can be cumbersome, particularly for larger molecules. It is
simpler to represent covalent single bonds by single straight lines; double bonds are
represented by two lines and triple bonds by three. Lone electron pairs can either be
shown as dots or simply omitted. The use of such notation was first suggested by the
German chemist August Kekulé,* long before electrons were discovered; structures
of this type are often called Kekulé structures.

*Professor F. August Kekulé von Stradonitz (1829-1896), University of Bonn, Germany.
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Straight-Line Notation for the Covalent Bond

H
H N4
H é H :N=N: H\C C/H H 6/H |O{
} - /7 TN N\ C
H H H H / N\
H H
Methane Diatomic Ethene Hydronium Protonated
nitrogen ion formaldehyde

ERERCISE 1-7

Draw Lewis structures of the following molecules, including the assignment of any charges
to atoms (the order in which the atoms are attached is given in parentheses when it
may not be obvious from the formula as it is commonly written): SO, F,O (FOF), HCIO,
(HOCIO), BF;NH; (F;BNH3), CH;0H, " (H;COH, ™), Cl,C=0, CN", C,>".

WORKING WITH THE CONCEPTS To solve these problems, it is best to follow one by one the
rules for drawing Lewis structures in this section. Let us pick an example: HOCIO. The
molecular skeleton (Rule 1) is given as unbranched, as shown. Rule 2 asks us to count
the number of valence electrons: H (1), 2 O (12), CI (7), for a total of 20. Rule 3 is made
simpler by the paragraph preceding Exercise 1-6. First we connect all atoms by two-
electron bonds, H: O : Cl ¢ O, thus using up 6 electrons. Second, we distribute the remaining
14 electrons to provide octets for all nonhydrogen atoms, (arbitrarily) starting at the left
oxygen. This process requires sequentially 4, 4, and 6 electrons, in this case resulting in
an octet structure without the necessity for electron sharing:

Finally, we can apply rule 4 by using the given formula, which furnishes the dis-
crepancy between the “effective” valence electron count around each atom in the mol-
ecule and its outer-shell count when isolated. Thus, for the H in HOCIO. the valence elec-
tron count is 1, identical to that in the H atom; hence, it is neutral in the molecule. For
the neighboring oxygen, the two values are again the same, 6. For chlorine, the effective
electron count is 6, but the neutral atom requires 7. Therefore, Cl bears a positive charge.
On the other hand, for the terminal oxygen, the two numbers are 7 and 6, giving it a neg-
ative charge. The end result is

+ —

| H:é:(:::lzé)::

IN SUHMHHY Lewis structures describe bonding by the use of electron dots or
straight lines. Whenever possible, they are drawn so as to give hydrogen an electron
duet and other atoms an electron octet. Charges are assigned to each atom by evalu-
ating its electron count. [

1-5 Resonance Forms

In organic chemistry, we also encounter molecules for which there are several cor-
rect Lewis structures.

The carbonate ion has several correct Lewis structures
Let us consider the carbonate ion, CO5> . Following our rules, we can easily draw a
Lewis structure (A) in which every atom is surrounded by an octet. The two negative
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charges are located on the bottom two oxygen atoms; the third oxygen is neutral, con-
nected to the central carbon by a double bond and bearing two lone pairs. But why
choose the bottom two oxygen atoms as the charge carriers? There is no reason at
all—it is a completely arbitrary choice. We could equally well have drawn structures
B or C to describe the carbonate ion. The three correct Lewis pictures are called res-
onance forms.

Resonance Forms of the Carbonate Ion

(6”5: :ilﬂ: ':&Iiz
. Cu\ T IyWJ/)—. C_ .._
Fiol e “lo7 o, 07 0.
A B C

The individual resonance forms are connected by double-headed arrows and all placed
within one set of square brackets. They have the characteristic property of being in-
terconvertible by electron-pair movement only, indicated by red arrows, the nuclear
positions in the molecule remaining unchanged. Note that, to turn A into B and then
into C, we have to shift two electron pairs in each case. Such movement of electrons
can be depicted by curved arrows, a procedure informally called “electron pushing.”
The use of curved arrows to depict electron-pair movement is a useful technique
that will prevent us from making the common mistake of changing the total number...-
of electrons when we draw resonance forms. It is also advantageous in keeping track
of electrons when formulating mechanisms (Section 6-3).

But what is its true structure?

Does the carbonate ion have one uncharged oxygen atom bound to carbon through a
double bond and two other oxygen atoms bound through a single bond each, both
bearing a negative charge, as suggested by the Lewis structures? The answer is no.
If that were true, the carbon—-oxygen bonds would be of different lengths, because
double bonds are normally shorter than single bonds. But the carbonate ion is perfectly
symmetrical and contains a trigonal central carbon, all C-O bonds being of equal
length—Dbetween the length of a double and that of a single bond. The negative charge
is evenly distributed over all three oxygens: It is said to be delocalized, in accord
with the tendency of electrons to “spread out in space” (Section 1-2). In other words,
none of the individual Lewis representations of this molecule is correct on its own.
Rather, the true structure is a composite of A, B, and C. The resulting picture is called
a resonance hybrid. Because A, B, and C are equivalent (i.e., each is composed of Dotted-Line Notation of

Carbonate ion

the same number of atoms, bonds, and electron pairs), they contribute equally to the Carbonate as a

true structure of the molecule, but none of them by itself accurately represents it. Resonance Hybrid
The word resonance may imply to you that the molecule vibrates or equilibrates ”

from one form to another. This inference is incorrect. The molecule never looks like 0o~

any of the individual resonance forms; it has only one structure, the resonance hy- E

brid. Unlike substances in ordinary chemical equilibria, resonance forms are not real, /C N,

although each makes a partial contribution to reality. The trigonal symmetry of car- “0° 0"

bonate is clearly evident in its electrostatic potential map shown in the margin.

An alternative convention used to describe resonance hybrids such as carbonate
is to represent the bonds as a combination of solid and dotted lines. The — sign here
indicates that a partial charge (3 of a negative charge) resides on each oxygen atom

(see margin). The equivalence of all three carbon—oxygen bonds and all three
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oxygens is clearly indicated by this convention. Other examples of resonance hybrids
are the acetate anion and the 2-propenyl (allyl) cation.

H da LI H -
O: 2
HCCC?/ <—>H(|?C/O.. Héc/"o
—_— pE—g | [e) g -2_
\?' N, ' R
H s H O H O
Acetate anion
H H H H H
AN / N /I-I A
Cc=C — e or el
AN, / S\ / A\EE
H (]:_H H ?—H H (|:_H
H H

2-Propenyl (allyl) cation

When drawing resonance forms, keep in mind that (1) pushing one electron
pair toward one atom and away from another results in a movement of charge; (2)
the relative positions of all the atoms stay unchanged—only electrons are moved; (3)
equivalent resonance forms contribute equally to the resonance hybrid; and (4) the
arrows connecting resonance forms are double headed (<).

The recognition and formulation of resonance forms is important in predicting re-
activity. Thus, reaction of carbonate with acid, for example, can occur at any two of
the three oxygens to give carbonic acid, H,COj; (and ultimately H,O and CO,). Sim-
ilarly, acetate ion is protonated at either oxygen to acetic acid, and the 2-propenyl
cation reacts with hydroxide at either terminus to give the corresponding alcohol
(Section 14-1).

Draw two resonance forms for nitrite ion, NO, . What can you say about the geometry
of this molecule (linear or bent)? (Hint: Consider the effect of electron repulsion exerted
by the lone pair on nitrogen.)

Not all resonance forms are equivalent

The carbonate and acetate anions and the 2-propenyl cation all have equivalent octet
resonance forms. However, many molecules are described by resonance forms that
are not equivalent. An example is the enolate anion. The two resonance forms differ
in the locations of both the double bond and the charge.

~

The Two Nonequivalent Resonance Forms of the Enolate lon

H H H H
el e s o
/TN i

H 0. H .0

Although both forms are contributors to the true structure of the anion, we shall
see that one contributes more than the other. The question is, which one? If we ex-
tend our consideration of nonequivalent resonance forms to include those containing
atoms without electron octets, the question becomes more general.




[Octet «<—— Nonoctet] Resonance Forms

Formaldehyde Sulfuric acid

Such an extension requires that we relax our definitions of “correct” and “incorrect”
Lewis structures and broadly regard all resonance forms as potential contributors to
the true picture of a molecule. The task is then to recognize which resonance form is
the most important one. In other words, which one is the major resonance contrib-
utor? Here are some guidelines.

GUIDELINE 1. Structures with a maximum of octets are most important. In the eno-
late ion, all component atoms in either structure are surrounded by octets. Consider,
however, the nitrosyl cation, NO™: One resonance form has a positive charge on
oxygen with electron octets around both atoms; the other form places the positive
charge on nitrogen, thereby resulting in an electron sextet on this atom. Because of
the octet rule, the second structure contributes less to the hybrid. Thus, the N-O
linkage is closer to being a triple than a double bond, and more of the positive charge
is on oxygen than on nitrogen. Similarly, the dipolar resonance form for formalde-
hyde (shown earlier) generates an electron sextet around carbon, rendering it a mi-
nor resonance contributor. The possibility of valence shell expansion for third-row
elements (Section 1-4) makes the non-charge-separated picture of sulfuric acid with
12 electrons around sulfur a feasible resonance form, but the dipolar octet structure
is better.

GUIDELINE 2. Charges should be preferentially located on atoms with compatible
electronegativity. Consider again the enolate ion. Which is the major contributing res-
onance form? Guideline 2 requires it to be the first, in which the negative charge re-
sides on the more electronegative oxygen atom. Indeed, the electrostatic potential map
shown in the margin on p. 20 confirms this expectation.

Looking again at NO™, you might find guideline 2 confusing. The major reso-
nance contributor to NO™ has the positive charge on the more electronegative oxy-
gen. In cases such as this, the octet rule overrides the electronegativity criterion; that
is, guideline 1 takes precedence over guideline 2.

GUIDELINE 3. Structures with less separation of opposite charges are more
important resonance contributors than those with more charge separation. This rule
is a simple consequence of Coulomb’s law: Separating opposite charges requires en-
ergy; hence neutral structures are better than dipolar ones. An example is formic acid,
shown below. However, the influence of the minor dipolar resonance form is evident
in the electrostatic potential map in the margin: The electron density at the carbonyl
oxygen is larger than that at its hydroxy counterpart.

C :6:"
“ﬁ' —H «— H— é o H

Major Minor

Formic acid

I-5 Resonance Forms | )

[N—O —> N—E)]

Major Minor
resonance resonance
contributor contributor

Nitrosyl cation
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:C=0. < :C=0 :]
Minor Major

Carbon monoxide

In some cases, to draw octet Lewis structures, charge separation is necessary; that
is, guideline 1 takes precedence over guideline 3. An example is carbon monoxide.
Other examples are phosphoric and sulfuric acids, although valence shell expan-
sion allows the formulation of expanded octet structures (see also Section 1-4 and
guideline 1).

When there are several charge-separated resonance forms that comply with the
octet rule, the most favorable is the one in which the charge distribution best
accommodates the relative electronegativities of the component atoms (guideline 2).
In diazomethane, for example, nitrogen is more electronegative than carbon, thus
allowing a clear choice between the two resonance contributors (see also the elec-
trostatic potential map in the margin).

Diazomethane

EXERCISE 1-0 o

Draw resonance forms for the following two molecules. Indicate the more favorable res-
onance contributor in each case. (a) CNO™; (b) NO .

To what extent can the assignment of a major resonance form help us predict re-
activity? The answer is not simple, as it depends on the reagent, product stability, and
other factors. For example, we shall see that the enolate ion can react at either oxy-
gen or carbon with positively charged (or polarized) species (Section 18-1), even
though, as shown earlier, more of the negative charge is at the oxygen. Another
important example is the case of carbonyl compounds: Although the non-charge-
separated form is dominant, the minor dipolar contributor, as shown earlier for
formaldehyde, is the origin of the reactivity of the carbon-oxygen double bond,
electron-rich species attacking the carbon, electron-poor ones the oxygen (Chapter 17).

IN SUHHHHY There are molecules that cannot be described accurately by one Lewis
structure but exist as hybrids of several resonance forms. To find the most important
resonance contributor, consider the octet rule, make sure that there is a minimum of
charge separation, and place on the relatively more electronegative atoms as much
negative and as little positive charge as possible.

1-6 Atomic Orbitals: A Quantum Mechanical Description
of Electrons Around the Nucleus

So far, we have considered bonds in terms of electron pairs arranged around the com-
ponent atoms in such a way as to maximize noble-gas configurations (e.g., Lewis
octets) and minimize electron repulsion. This approach is useful as a descriptive and
predictive tool with regard to the number and location of electrons in molecules.
However, it does not answer some simple questions that you may have asked your-
self while dealing with this material. For example, why are some Lewis structures
“incorrect” or, ultimately, why are noble gases relatively stable? Why are some bonds
stronger than others, and how can we tell? What is so good about the two-electron
bond, and what do multiple bonds look like? To get some answers, we start by
learning more about how electrons are distributed around the nucleus, both spatially
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and energetically. The simplified treatment presented here has as its basis the the-
ory of quantum mechanics developed independently in the 1920s by Heisenberg,
Schrédinger, and Dirac.* In this theory, the movement of an electron around a nu-
cleus is expressed in the form of equations that are very similar to those character-
istic of waves. The solutions to these equations, called atomic orbitals, allow us to
describe the probability of finding the electron in a certain region in space. The
shapes of these regions depend on the energy of the electron.

The electron is described by wave equations

The classical description of the atom (Bohr' theory) assumed that electrons move on
trajectories around the nucleus. The energy of each electron was thought to relate to
the electron’s distance from the nucleus. This view is intuitively appealing because it
coincides with our physical understanding of classical mechanics. Yet it is incorrect
for several reasons.

First, the classical picture of an electron moving in an orbit requires the emission
of electromagnetic radiation, which is characteristic of any moving charge. The
resulting energy loss from the system would cause the electron to spiral toward the
nucleus, a prediction that is completely at odds with reality.

Second, in the classical picture, an electron can have any energy, so it can have
any of an infinite number of orbits of differing radii. This, again, is not what is ob-
served. Rather, only certain defined energies, called energy states, are possible for
an electron around a nucleus. Thus, classical mechanics does not satisfactorily explain
atomic structure and, ultimately, bonding.

A better model is afforded by considering the wave nature of moving particles.
According to de Broglie’s relation, a particle of mass m that moves with velocity v
has a wavelength A.

de Broglie* Wavelength

in which & is Planck’s® constant. As a result, an orbiting electron can be described
by equations that are the same as those used in classical mechanics to describe waves
(Figure 1-4; see page 24). These “matter waves” have amplitudes with alternating
positive and negative signs. Points at which the sign changes are called nodes. Waves
that interact in phase reinforce each other, as shown in Figure 1-4B. Those out of
phase interfere with each other to make smaller waves (and possibly even cancel each
other), as shown in Figure 1-4C.

*Professor Werner Heisenberg (1901-1976), University of Munich, Germany, Nobel Prize 1932
(physics); Professor Erwin Schrédinger (1887—-1961), University of Dublin, Ireland, Nobel Prize
1933 (physics); Professor Paul Dirac (1902-1984), Florida State University, Tallahassee, Nobel
Prize 1933 (physics).

"Professor Niels Bohr (1885-1962), University of Copenhagen, Denmark, Nobel Prize 1922
(physics).

*Prince Louis-Victor de Broglie (1892—1987), Nobel Prize 1929 (physics).

$Professor Max K. E. L. Planck (1858—1947), University of Berlin, Germany, Nobel Prize 1918
(physics).
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Figure 1-4

(A) A wave. The signs of the
amplitude are assigned
arbitrarily. At points of zero
amplitude, called nodes, the
wave changes sign.

(B) Waves with amplitudes of
like sign (in phase) reinforce
each other to make a larger
wave. (C) Waves out of phase
subtract from each other to
make a smaller wave.

signs i 'igm'el!refer

to signs of the
mathematical functions
describing the wave
amplitudes and have
nothing to do with
electrical charges.

Positive amplitude

Amplitude 0

Amplitude 0

Amplitude 0

This theory of electron motion is called quantum mechanics. The equations de-
veloped in this theory, the wave equations, have a series of solutions called wave
functions, usually described by the Greek letter psi, . Their values around the nu-
cleus are not directly identifiable with any observable property of the atom. However,
the squares (Y°) of their values at each point in space describe the probability of
finding an electron at that point. The physical realities of the atom make solutions
attainable only for certain specific energies. The system is said to be quantized.

| Draw a picture similar to Figure 1-4 of two waves overlapping such that their amplitudes
I cancel each other.

Atomic orbitals have characteristic shapes

Plots of wave functions in three dimensions typically have the appearance of spheres
or dumbbells with flattened or teardrop-shaped lobes: For simplicity, we may regard
artistic renditions of atomic orbitals as indicating the regions in space in which the
electron is likely to be found. Nodes separate portions of the wave function with
opposite mathematical signs. The value of the wave function at a node is zero;
therefore, the probability of finding electron density there is zero. Higher energy wave
functions have more nodes than do those of low energy.

Let us consider the shapes of the atomic orbitals for the simplest case, that of the
hydrogen atom, consisting of a proton surrounded by an electron. The single lowest
energy solution of the wave equation is called the 1s orbital, the number one referring
to the first (lowest) energy level. An orbital label also denotes the shape and number
of nodes of the orbital. The 1s orbital is spherically symmetric (Figure 1-5) and has
no nodes. This orbital can be represented pictorially as a sphere (Figure 1-5A) or sim-
ply as a circle (Figure 1-5B).
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The next higher energy wave function, the 2s orbital, also is unique and, again,
spherical. The 2s orbital is larger than the s orbital; the higher energy 2s electron is
on the average farther from the positive nucleus. In addition, the 2s orbital has one
node, a spherical surface of zero electron density separating regions of the wave func-
tion of opposite sign (Figure 1-6). As in the case of classical waves, the sign of the
wave function on either side of the node is arbitrary, as long as it changes at the node.
Remember that the sign of the wave function is not related to “where the electron is.”
As mentioned earlier, the probability of electron occupancy at any point of the or-
bital is given by the square of the value of the wave function. Moreover, the node
does not constitute a barrier of any sort to the electron, which, in this description, is
regarded not as a particle but as a wave.

After the 2s orbital, the wave equations for the electron around a hydrogen atom
have three energetically equivalent solutions, the 2p,, 2p,, and 2p. orbitals. Solutions
of equal energy of this type are called degenerate (degenus, Latin, without genus or
kind). As shown in Figure 1-7, p orbitals consist of two lobes that resemble a solid
figure eight. A p orbital is characterized by its directionality in space. The orbital axis
can be aligned with any one of the x, y, and z axes, hence the labels p,, p,, and p..
The two lobes of opposite sign of each orbital are separated by a nodal plane through
the atom’s nucleus and perpendicular to the orbital axis.

The third set of solutions furnishes the 3s and 3p atomic orbitals. They are sim-
ilar in shape to, but more diffuse than, their lower energy counterparts and have two
nodes. Still higher energy orbitals (34, 4s, 4p, etc.) are characterized by an increas-
ing number of nodes and a variety of shapes. They are of much less importance in
organic chemistry than are the lower orbitals. To a first approximation, the shapes and

Figure 1-6

Representations of a 2s orbital. Notice that it is larger than the 1s orbital and that a node is
present. The + and — denote the sign of the wave function. (A) The orbital in three dimensions,
with a section removed to allow the visualization of the node. (B) The more conventional two-
dimensional representation of the orbital.

Figure 1-5

Representations of a 1s orbital.
(A) The orbital is spherically
symmetric in three dimensions.
(B) A simplified two-
dimensional view. The plus
sign denotes the mathematical
sign of the wave function and
is not a charge.

] ANIMATION: Fig. 1-5,
@ The s-Orbital

NEDIA LIKX
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Figure 1-7

Representations of 2p orbitals (A) in three dimensions and (B) in two dimensions. Remember that
the + and — signs refer to the wave functions and nor to electrical charges. Lobes of opposite
sign are separated by a nodal plane that is perpendicular to the axis of the orbital. For example,
the p, orbital is divided by a node in the yz plane.

nodal properties of the atomic orbitals of other elements are very similar to those of
hydrogen. Therefore, we may use s and p orbitals in a description of the electronic
configurations of helium, lithium, and so forth.

The Aufbau principle assigns electrons to orbitals

Approximate relative energies of the atomic orbitals up to the 5s level are shown in
Figure 1-8. With its help, we can give an electronic configuration to every atom in
the periodic table. To do so, we follow three rules for assigning electrons to atomic
orbitals:

1. Lower energy orbitals are filled before those with higher energy.

2. No orbital may be occupied by more than two electrons, according to the Pauli*
exclusion principle. Furthermore, these two electrons must differ in the orienta-
tion of their intrinsic angular momentum, their spin. There are two possible
directions of the electron spin, usually depicted by vertical arrows pointing in
opposite directions. An orbital is filled when it is occupied by two electrons of
opposing spin, frequently referred to as paired electrons.

3. Degenerate orbitals, such as the p orbitals, are first occupied by one electron each,
all of these electrons having the same spin. Subsequently, three more, each of op-
posite spin, are added to the first set. This assignment is based on Hund’s" rule.

*Professor Wolfgang Pauli (1900-1958), Swiss Federal Institute of Technology (ETH) Zurich,
Switzerland, Nobel Prize 1945 (physics).
‘tProfessor Friedrich Hund (1896-1997), University of Géttingen, Germany.
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With these rules in hand, the determination of electronic configuration becomes
simple. Helium has two electrons in the 1s orbital and its electronic structure is ab-
breviated (1s). Lithium [(1s5)%(2s)'] has one and beryllium [(15)%(25)?] has two ad-
ditional electrons in the 2s orbital. In boron [(15)*(25)%(2p)'], we begin the filling of

Figure 1-8

Approximate relative energies
of atomic orbitals,
corresponding roughly to the
order in which they are filled
in atoms. Orbitals of lowest
energy are filled first;
degenerate orbitals are filled
according to Hund’s rule.

That the description of
electrons as waves is not
simply a mathematical
construct but is “visibly real”
was demonstrated by
researchers at IBM in 1993.
Using a device called a
scanning tunneling
microscope, which allows
pictures to be taken at the
atomic level, they generated
this computer-enhanced view
of a circle of iron atoms
deposited on a copper surface.
The image, which they called
a “quantum corral,” reveals the
electrons moving in waves
over the surface, the maxima
defining the “corral” hovering
over the individual iron atoms.
[Photograph courtesy of Dr.
Donald Eigler, IBM, San Jose,
California.]
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Figure 1-0

The most stable electronic
configurations of carbon.
(15)%(25)%(2p)*: nitrogen,
(15)%(25)*(2p)*: oxygen.
(15)*(25)*(2p)*: and fluorine
(15)°(25)*(2p)°. Notice that the
unpaired electron spins in the
p orbitals are in accord with
Hund’s rule, and the paired
electron spins in the filled ls
and 2s orbitals are in accord
with the Pauli principle and
Hund's rule. The order of
filling the p orbitals has been
arbitrarily chosen as p.. p,.
and then p.. Any other order

would have been equally good.

Figure 1-10

Closed-shell configurations of
the noble gases helium. neon,
and argon.

y A A

- - —

2p 2p, 2p. 2p, 2p, 2p.

the three degenerate 2p orbitals. This pattern continues with carbon and nitrogen, and
then the addition of electrons of opposite spin for oxygen, fluorine, and neon fills all
p levels. The electronic configurations of four of the elements are depicted in Figure
1-9. Atoms with completely filled sets of atomic orbitals are said to have a closed-
shell configuration. For example, helium, neon, and argon have this attribute (Fig-
ure 1-10). Carbon, in contrast, has an open-shell configuration.

The process of adding electrons one by one to the orbital sequence shown in Fig-
ure 1-8 is called the Aufbau principle (Aufbau, German, build up). It is easy to see
that the Aufbau principle affords a rationale for the stability of the electron octet and
duet. These numbers are required for closed-shell configurations. For helium, the
closed-shell configuration is a ls orbital filled with two electrons of opposite spin. In
neon, the 2s and 2p orbitals are occupied by an additional eight electrons: in argon.
the 3s and 3p levels accommodate eight more (Figure 1-10). The availability of 3d
orbitals for the third-row elements provides an explanation for the phenomenon of
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valence shell expansion (Section 1-4) and the loosening up of the strict application
of the octet rule beyond neon.

EHERCISE 1] L .

| Using Figure 1-8, draw the electronic configurations of sulfur and phosphorus.

[" S“HHHHY The motion of electrons around the nucleus is described by wave
equations. Their solutions, atomic orbitals, can be symbolically represented as regions
in space, with each point given a positive, negative, or zero (at the node) numerical
value, the square of which represents the probability of finding the electron there. The
Aufbau principle allows us to assign electronic configurations to all atoms.

1-7 Molecular Orbitals and Covalent Bonding
We shall now see how covalent bonds are constructed from the overlap of atomic
orbitals.

The bond in the hydrogen molecule is formed by the overlap of
1s atomic orbitals

Let us begin by looking at the simplest case: the bond between the two hydrogen
atoms in H,. In a Lewis structure of the hydrogen molecule, we would write the bond
as an electron pair shared by both atoms, giving each a helium configuration. How
do we construct H, by using atomic orbitals? An answer to this question was devel-
oped by Pauling*: Bonds are made by the in-phase overlap of atomic orbitals. What
does this mean? Recall that atomic orbitals are solutions of wave equations. Like
waves, they may interact in a reinforcing way (Figure 1-4B) if the overlap is between
areas of the wave function of the same sign, or in phase. They may also interact in
a destructive way if the overlap is between areas of opposite sign, or out of phase
(Figure 1-4C).

The in-phase overlap of the two s orbitals results in a new orbital of lower en-
ergy called a bonding molecular orbital (Figure 1-11). In the bonding combination,
the wave function in the space between the nuclei is strongly reinforced. Thus, the
probability of finding the electrons occupying this molecular orbital in that region is
very high: a condition for bonding between the two atoms. This picture is strongly
reminiscent of that shown in Figure 1-2. The use of two wave functions with posi-
tive signs for representing the in-phase combination of the two s orbitals in Figure
1-11 is arbitrary. Overlap between two negative orbitals would give identical results.
In other words, it is overlap between like lobes that makes a bond, regardless of the
sign of the wave function.

On the other hand, out-of-phase overlap between the same two atomic orbitals
results in a destabilizing interaction and formation of an antibonding molecular
orbital. In the antibonding molecular orbital, the amplitude of the wave function is
canceled in the space between the two atoms, thereby giving rise to a node.

Thus, the net result of the interaction of the two ls atomic orbitals of hydrogen
is the generation of two molecular orbitals. One is bonding and lower in energy; the
other is antibonding and higher in energy. Because the total number of electrons avail-
able to the system is only two, they are placed in the lower energy molecular orbital:
the two-electron bond. The result is a decrease in total energy, thereby making H,

*Professor Linus Pauling (1901-1994), Stanford University, Nobel Prizes 1954 (chemistry) and
1963 (peace).
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Bonding molecular orbital
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Antibonding molecular orbital

Figure 1-11

In-phase (bonding) and out-of-phase (antibonding) combinations of s atomic orbitals. The + and
— signs denote the sign of the wave function, not charges. Electrons in bonding molecular orbitals
have a high probability of occupying the space between the atomic nuclei, as required for good
bonding (compare Figure 1-2). The antibonding molecular orbital has a nodal plane where the
probability of finding electrons is zero. Electrons in antibonding molecular orbitals are most likely
to be found outside the space between the nuclei and therefore do not contribute to bonding.

more stable than two free hydrogen atoms. This difference in energy levels corre-
sponds to the strength of the H-H bond. The interaction can be depicted schemati-
cally in an energy diagram (Figure 1-12A).

It is now readily understandable why hydrogen exists as H,, whereas helium is
monatomic. The overlap of two filled atomic orbitals, as in helium, leads to bonding
and antibonding orbitals, both of which are filled (Figure 1-12B). Therefore, making
a He—He bond does not decrease the total energy.

Antibonding molecular orbital ] |

+AE
5 IV VA T [
—AE
Bonding molecular orbital H
B
Figure 1-12 .

Schematic representation of the interaction of (A) two singly occupied atomic orbitals (as in H,)
and (B) two doubly occupied atomic orbitals (as in He,) to give two molecular orbitals (MO).
(Not drawn to scale.) Formation of an H-H bond is favorable because it stabilizes two electrons.
Formation of an He—He bond stabilizes two electrons (in the bonding MO) but destabilizes two
others (in the antibonding MO). Bonding between He and He thus results in no net stabilization.
Therefore, helium is monatomic.

The overlap of atomic orbitals gives rise to sigma and pi bonds

The formation of molecular orbitals by the overlap of atomic orbitals applies not only
to the s orbitals of hydrogen but also to other atomic orbitals. In general, overlap of
any n atomic orbitals gives rise to n molecular orbitals. For a simple two-electron
bond, n = 2, and the two molecular orbitals are bonding and antibonding, respec-
tively. The amount of energy by which the bonding level drops and the antibonding
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level is raised is called the energy splitting. It indicates the strength of the bond be-
ing made and depends on a variety of factors. For example, overlap is best between
orbitals of similar size and energy. Therefore, two 1s orbitals will interact with each
other more effectively than a 1s and a 3s.

Geometric factors also affect the degree of overlap. This consideration is impor-
tant for orbitals with directionality in space, such as p orbitals. Such orbitals give rise
to two types of bonds: one in which the atomic orbitals are aligned along the inter-
nuclear axis (parts A, B, C, and D in Figure 1-13) and the other in which they are
perpendicular to it (part E). The first type is called a sigma (o) bond, the second a
pi (=) bond. All carbon—carbon single bonds are of the o type; however, we shall
find that double and triple bonds also have 77 components (Section 1-8).

Construct a molecular-orbital and energy-splitting diagram of the bonding in He, ™. Is it
favorable?

WORKING WITH THE CONCEPTS To derive the molecular orbitals of the helium—helium bond,
we need to pick the appropriate atomic orbitals for overlap. The periodic table (Table 1-1)
and the Aufbau principle (Section 1-6, Figure 1-10) tell that the orbital of choice is 1s.
Therefore, a bond between two He atoms is made in the same manner as the bond be-
tween two hydrogens (Figure 1-11): by the overlap of two 1s atomic orbitals. The in-phase
interaction results in the lower energy (relative to the starting 1s orbital) bonding molecu-
lar orbital; the out-of-phase interaction produces the higher energy antibonding molecu-
lar orbital. The energy diagram is essentially identical to those shown in Figure 1-12A
and B, except that He,™ contains only three electrons. The Aufbau principle instructs us
to “fill from the bottom up.” Therefore, two (bonding) electrons go into the lower level
and one (antibonding) electron goes into the higher level:

1

e e

Figure 1-13

Bonding between atomic
orbitals. (A) ls and 1s (e.g.,
H,), (B) Is and 2p (e.g., HF),
(C) 2p and 2p (e.g., F,), (D)
2p and 3p (e.g., FCI) aligned
along internuclear axes,

o bonds; (E) 2p and 2p
perpendicular to internuclear
axis (e.g. H,C=CH,), a =
bond. Note the arbitrary use of
+ and — signs to indicate in-
phase interactions of the wave
functions.
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Fiqure 1-14

Promotion of an electron in
beryllium to allow the use of
both valence electrons in
bonding.

| The net effect is one of a favorable interaction (in contrast to neutral He,, Figure 1-12B).
. Indeed, He,™ can be made in an electrical discharge by the reaction of He™ with He,
showing bond formation to be favorable.

IN SUHMHHY We have come a long way in our description of bonding. First, we
thought of bonds in terms of Coulomb forces, then in terms of covalency and shared
electron pairs, and now we have a quantum mechanical picture. Bonds are a result of
the overlap of atomic orbitals. The two bonding electrons are placed in the bonding
molecular orbital. Because it is stabilized relative to the two initial atomic orbitals,
energy is given off during bond formation. This decrease in energy represents the
bond strength.

1-8 Hybrid Orbitals: Bonding in Complex Molecules

Let us now use quantum mechanics to construct bonding schemes for more complex
molecules. How can we use atomic orbitals to build linear (as in BeH,), trigonal (as
in BH3), and tetrahedral molecules (as in CHy)?

Consider the molecule beryllium hydride, BeH,. Beryllium has two electrons in
the 1s orbital and two electrons in the 2s orbital. Without unpaired electrons, this
arrangement does not appear to allow for bonding. However, it takes a relatively small
amount of energy to promote one electron from the 2s orbital to one of the 2p levels
(Figure 1-14), energy that is readily compensated by bond formation. Thus, in the
15s?2s'2p" configuration, there are now two singly filled atomic orbitals available for
bonding overlap.

2 =
e S
E Energy
—] L— s —] t— s
Be[(1s)* (25)°] Be[(15)’ (25)' (2p)']
No unpaired electrons Two unpaired electrons

One could propose bond formation in BeH, by overlap of the Be 2s orbital with
the 1s orbital of one H and the Be 2p orbital with the second H (Figure 1-15). This
scheme predicts two different bonds of unequal length, probably at an angle. How-
ever, the theory of electron repulsion predicts that compounds such as BeH, should
have linear structures (Section 1-3). Experiments on related compounds confirm this
prediction and also show that the bonds to beryllium are of equal length.*

sp Hybrids produce linear structures
How can we explain this geometry in orbital terms? To answer this question, we use
a quantum mechanical approach called orbital hybridization. Like the mixing of

*These predictions cannot be tested for BeH, itself, which exists as a complex network of Be and
H atoms. However. both BeF, and Be(CH), exist as individual molecules in the gas phase and
possess the predicted structures.
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Incorrect structure

Figure 1-15

Possible but incorrect bonding in BeH, by separate use of a 2s and a 2p orbital on beryllium. The
node in the former is not shown. Moreover, the other two empty p orbitals and the lower energy
filled 1s orbital are omitted for clarity. The dots indicate the valence electrons.

atomic orbitals on different atoms to form molecular orbitals, the mixing of atomic
orbitals on the same atom forms new hybrid orbitals.

When we mix the 2s and one of the 2p wave functions on beryllium, we obtain
two new hybrids, called sp orbitals, made up of 50% s and 50% p character. This
treatment rearranges the orbital lobes in space, as shown in Figure 1-16. The major
parts of the orbitals, also called front lobes, point away from each other at an angle
of 180°. There are two additional minor back lobes (one for each sp hybrid) with op-
posite sign. The remaining two p orbitals are left unchanged.

Overlap of the sp front lobes with two hydrogen 1s orbitals yields the bonds in
BeH,. The 180° angle that results from this hybridization scheme minimizes electron
repulsion. The oversized front lobes of the hybrid orbitals also overlap better than do
lobes of unhybridized orbitals; the result is improved bonding.

Front lobe

Back lobe

Hybndlzauon
Bondm g
180° Beryllium hydride
sp Sp

Hybridization _1_ _/‘_S[) hybrid
_

Figure 1-16

Hybridization in beryllium to create two sp hybrids. (A) The resulting bonding gives BeH, a

linear structure. Again, both remaining p orbitals and the 1s orbital have been omitted for clarity. — Tia. 1-16
The sign of the wave function for the large sp lobes is opposite that for the small lobes. (B) The HN[MHTID T,

s5p hybrids

energy changes occurring on hybridization. The 2s orbital and one 2p orbital combine into two sp
hybrids of intermediate energy. The 1s and remaining 2p energies remain the same. NEDIR LIKK
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Note that hybridization does not change the overall number of orbitals available
for bonding. Hybridization of the four orbitals in beryllium gives a new set of four:
two sp hybrids and two essentially unchanged 2p orbitals. We shall see shortly that
carbon uses sp hybrids when it forms triple bonds.

sp” Hybrids create trigonal structures

Now let us consider an element in the periodic table with three valence electrons.
What bonding scheme can be derived for borane, BH3? Promotion of a 2s electron
in boron to one of the 2p levels gives the three singly filled atomic orbitals (one 2s,
two 2p) needed for forming three bonds. Mixing these atomic orbitals creates three
new hybrid orbitals, which are designated sp® to indicate the component atomic
orbitals: 67% p and 33% s (Figure 1-17). The third p orbital is left unchanged, so the
total number of orbitals stays the same—namely. four.

The front lobes of the three sp” orbitals of boron overlap the respective 1s orbitals
of the hydrogen atoms to give trigonal planar BH;. Again, hybridization minimizes
electron repulsion and improves overlap, conditions giving stronger bonds. The re-
maining unchanged p orbital is perpendicular to the plane incorporating the sp”
hybrids. It is empty and does not enter significantly into bonding.

The molecule BH; is isoelectronic with the methyl cation. CH; *; that is, they have
the same number of electrons. Bonding in CH; ™ requires three sp> hybrid orbitals, and
we shall see shortly that carbon uses sp? hybrids in double-bond formation.

Front lobe

P -K ; Back lobe

Hybridization
_— 120°

2p,

X Bonding
2

Boron hydride

2
] PMMATION Fig. 147, Figure 1-17
X sp* hybrids Hybridization in boron to create three sp” hybrids. The resulting bonding gives BH; a trigonal
YEDIA LIEK planar structure. There are three front lobes of one sign and three back lobes of opposite sign. The

remaining p orbital (p.) is perpendicular to the molecular plane (the plane of the page: one p.
lobe is above, the other below that plane) and has been omitted. In analogy to Figure 1-16B, the
energy diagram for the hybridized boron features three singly occupied, equal-energy sp” levels
and one remaining empty 2p level, in addition to the filled 1s orbital.

sp> Hybridization explains the shape of tetrahedral carbon
compounds

Consider the element whose bonding is of most interest to us: carbon. Its electronic
configuration is (15)%(25)*(2p)°. with two unpaired electrons residing in two 2p or-
bitals. Promotion of one electron from 2s to 2p results in four singly filled orbitals
for bonding. We have learned that the arrangement of the four C—H bonds of methane
in space that would minimize electron repulsion is tetrahedral (Section 1-3). To be
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able to achieve this geometry, the 2s orbital on carbon is hybridized with all three 2p
orbitals to make four equivalent sp* orbitals with tetrahedral symmetry, each of 75%
p and 25% s character and occupied by one electron. Overlap with four hydrogen ls
orbitals furnishes methane with four equal C—H bonds. The HCH bond angles are
typical of a tetrahedron: 109.5° (Figure 1-18).

2p,
Bgo 109.5°,
g 3 4 0
Hybridization ;a C ™)
1 ", A Bonding
2 /\/‘ ‘ | ),
2p. X
3 1 xp3 /\/ N 1 3
2s sp
w3
sp

Figure 1-18

Hybridization in carbon to create four sp* hybrids. The resulting bonding gives CH, and other
carbon compounds tetrahedral structures. The sp® hybrids contain small back lobes of sign
opposite that of the front lobes. In analogy to Figure 1-16B, the energy diagram of sp*-hybridized
carbon contains four singly occupied, equal-energy sp> levels, in addition to the filled 1s orbital.

Any combination of atomic and hybrid orbitals may overlap to form bonds. For
example, the four sp® orbitals of carbon can combine with four chlorine 3p orbitals,
resulting in tetrachloromethane, CCl,. Carbon—carbon bonds are generated by overlap
of hybrid orbitals. In ethane, CH;—CHj; (Figure 1-19), this bond consists of two
sp” hybrids, one from each of two CHs units. Any hydrogen atom in methane and
ethane may be replaced by CHj3 or other groups to give new combinations.

In all of these molecules, and countless more, carbon is approximately tetrahe-
dral. It is this ability of carbon to form chains of atoms bearing a variety of addi-
tional substituents that gives rise to the extraordinary diversity of organic chemistry.

Hybrid orbitals may contain lone electron pairs: ammonia and
water

What sort of orbitals describe the bonding in ammonia and water (see Exercise 1-5)?
Let us begin with ammonia. The electronic configuration of nitrogen, (15)*(2s)*(2p)>,
explains why nitrogen is trivalent, three covalent bonds being needed for octet

Ethane

Methane

1 ANIMATION: Fig. 1-18,
sp® hybrids
NEDIA LIKK

Figure 1-10

Overlap of two sp* orbitals to
form the carbon—carbon bond
in ethane.
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Figure 1-20

Bonding and electron
repulsion in ammonia and
water. The arcs indicate
increased electron repulsion by
the lone pairs located close to
the central nucleus.

Figure 1-21

The double bond in ethene
(ethylene) and the triple bond
in ethyne (acetylene).

2p orbital

Ethene

spz orbital

formation. We could use p orbitals for overlap, leaving the nonbonding electron pair
in the 2s level. However, this arrangement does not minimize electron repulsion. The
best solution is again sp® hybridization. Three of the sp> orbitals are used to bond to
the hydrogen atoms, and the fourth contains the lone electron pair. The HNH bond
angles (107.3°) in ammonia are almost tetrahedral (Figure 1-20).

Similarly, the bonding in water is best described by sp” hybridization on oxygen.
The HOH bond angle is 104.5°, again close to tetrahedral.

The effect of the lone electron pairs explains why the bond angles in NH; and
H,O are reduced below the tetrahedral value of 109.5°. Because they are not shared,
the lone pairs are relatively close to the nitrogen or oxygen. As a result, they exert
increased repulsion on the electrons in the bonds to hydrogen, thereby leading to the
observed bond-angle compression.

Lone electron

pair in
o e sp3 orbital

Lone
electron
pairs

L

Ammonia Water

Pi bonds are present in ethene (ethylene) and ethyne (acetylene)
The double bond in alkenes, such as ethene (ethylene), and the triple bond in alkynes,
such as ethyne (acetylene), are the result of the ability of the atomic orbitals of carbon
to adopt sp” and sp hybridization, respectively. Thus, the o bonds in ethene are de-
rived entirely from carbon-based sp® hybrid orbitals: Csp*~Csp? for the C—C bond,
and Csp>~Hls for holding the four hydrogens (Figure 1-21). In contrast with BH3,
with an empty p orbital on boron, the leftover unhybridized p orbitals on the ethene
carbons are occupied by one electron each, overlapping to form a 7 bond (recall Fig-
ure 1-13E). In ethyne, the o frame is made up of bonds consisting of Csp hybrid or-
bitals. The arrangement leaves nwo singly occupied p orbitals on each carbon and
allows the formation of two 7 bonds (Figure 1-21).

o bond
Ethyne
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Draw a scheme for the hybridization and bonding in methyl cation, CH; ", and methyl
anion, CH; ™.

IN S“HHHRY To minimize electron repulsion and maximize bonding in triatomic
and larger molecules, we apply the concept of atomic-orbital hybridization to con-
struct orbitals of appropriate shape. Combinations of s and p atomic orbitals create
hybrids. Thus, a 25 and a 2p orbital mix to furnish two linear sp hybrids, the remaining
two p orbitals being unchanged. Combination of the 2s with two p orbitals gives three
sp” hybrids used in trigonal molecules. Finally, mixing the 2s with all three p orbitals
results in the four sp® hybrids that produce the geometry around tetrahedral carbon.

1-0 Structures and Formulas of Organic Molecules

A good understanding of the nature of bonding allows us to learn how chemists de-
termine the identity of organic molecules and depict their structures. Do not under-
estimate the importance of drawing structures. Sloppiness in drawing molecules has
been the source of many errors in the literature and, perhaps of more immediate con-
cern, in organic chemistry examinations.

To establish the identity of a molecule, we determine its structure
Organic chemists have many diverse techniques at their disposal with which to de-
termine molecular structure. Elemental analysis reveals the empirical formula,
which summarizes the kinds and ratios of the elements present. However, other pro-
cedures are usually needed to determine the molecular formula and to distinguish be-
tween structural alternatives. For example, the molecular formula C,HgO corresponds
to two known substances: ethanol and methoxymethane (dimethyl ether). But we can
tell them apart on the basis of their physical properties—for example, their melting
points, boiling points (b.p’s), refractive indices, specific gravities, and so forth. Thus
ethanol is a liquid (b.p. 78.5°C) commonly used as a laboratory and industrial solvent
and present in alcoholic beverages. In contrast, methoxymethane is a gas (b.p. —23°C)
used as a refrigerant in place of Freon. Their other physical and chemical properties
differ as well. Molecules such as these, which have the same molecular formula but
differ in the sequence (connectivity) in which the atoms are held together, are called
constitutional or structural isomers.

i Construct as many constitutional isomers with the molecular formula C4H;4 as you can.

Two naturally occurring substances illustrate the biological consequences of such
structural differences. Prostacyclin I, prevents blood inside the circulatory system
from clotting. Thromboxane A,, which is released when bleeding occurs, induces
platelet aggregation, causing clots to form over wounds. Incredibly, these compounds
are constitutional isomers (both have the molecular formula CoH3,05) with only rel-
atively minor connectivity differences. Indeed, they are so closely related that they
are synthesized in the body from a common starting material (see Section 19-13 for
details).

When a compound is isolated in nature or from a reaction, a chemist may attempt
to identify it by matching its properties with those of known materials. Suppose, how-
ever, that the chemical under investigation is new. In this case, structural elucidation

Ethanol and

Methoxymethane: Two

Isomers
"
—(oH
H H

Ethanol
(b.p. 78.5°C)

H H

H

| .
H—(I.‘—O—(l,‘—H
H H

Methoxymethane
(Dimethyl ether)

(b.p. —23°C)
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@ Building

110.8°

B

Figure 1-22

Three-dimensional representations of (A) ethanol and (B) methoxymethane, depicted by ball-and-
stick molecular models. Bond lengths are given in angstrom units, bond angles in degrees. (C)
Space-filling rendition of methoxymethane. taking into account the effective size of the electron
“clouds™ around the component nuclei.

requires the use of other methods. most of which are various forms of spectroscopy.
These methods will be dealt with and applied often in later chapters.

The most complete methods for structure determination are X-ray diffraction of
single crystals and electron diffraction or microwave spectroscopy of gases. These
techniques reveal the exact position of every atom, as if viewed under very powerful
magnification. The structural details that emerge in this way for the two isomers
ethanol and methoxymethane are depicted in the form of ball-and-stick models in
Figure 1-22A and B. Note the tetrahedral bonding around the carbon atoms and the
bent arrangement of the bonds to oxygen, which is hybridized as in water. A more
accurate picture of the actual size of methoxymethane and its component units is
given in Figure 1-22C, a space-filling model.

The visualization of organic molecules in three dimensions is essential for un-
derstanding their structures and. frequently, their reactivities. You may find it dif-
ficult to visualize the spatial arrangements of the atoms in even very simple sys-
tems. A good aid is a molecular model kit. You should acquire one and practice the
assembly of organic structures. To encourage you in this practice and to indicate
particularly good examples where building a molecular model can help you, the
icon displayed in the margin will appear at the appropriate places in the text.

Repeat Exercise 1-14, using your molecular model kit to construct as many isomers with
the molecular formuta C4H |, as you can. Draw each isomer.

Several types of drawings are used to represent
molecular structures ‘
The representation of molecular structures is not new to us. It was first addressed in
Section -4, which outlined rules for drawing Lewis structures. We learned that bond-
ing and nonbonding electrons are depicted as dots. A simplification is the straight-
line notation (Kekulé structure), with lone pairs (if present) added again as dots. To
simplify even further, chemists use condensed formulas in which most single bonds
and lone pairs have been omitted. The main carbon chain is written horizontally, the
attached hydrogens usually to the right of the associated carbon atom. Other groups
(the substituents on the main stem) are added through connecting vertical lines.
The most economical notation of all is the bond-line formula. It portrays the car-
bon frame by zigzag straight lines, omitting all hydrogen atoms. Each terminus rep-
resents a methyl group and each apex a carbon atom.
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Kekulé Condensed Bond-Line Formulas
==
H—|C—$~—(|Z—H CH;CH,CH; ey
H H H
it Bew b I
H—|c—|c—(|t—|C—Br CH,CHCH,CH,Br Br
H HHH
H 0 H 0
|| I 0
H—Cl—C—C\C _H CH,CCH=CH, )K/
H |
i
H—C=C—C—OH HC=CCH,OH o~
| .o / OH
H 7

’ Draw condensed and bond-line formulas for each C4H;q isomer.

Figure 1-22 calls attention to a problem: How can we draw the three-dimensional
structures of organic molecules accurately, efficiently, and in accord with generally
accepted conventions? For tetrahedral carbon, this problem is solved by the dashed-
wedged line notation. It uses a zigzag convention to depict the main carbon chain,
now defined to lie in the plane of the page. Each apex (carbon atom) is then con-
nected to two additional lines, one dashed and one wedged, both pointing away from
the chain. These represent the remaining two bonds to carbon; the dashed line
corresponds to the bond that lies below the plane of the page and the wedged line to
that lying above that plane (Figure 1-23). Substituents are placed at the appropriate
termini. This convention is applied to molecules of all sizes, even methane (see
Figure 1-23B-E).

A4 Y H H H H H H
C C N A \ /,H \ /-H
\’C\/ \’C\/ \’\/ N\ H"C_C\/ H”)C_C/
’ / ; Hl H H H H OH
A B C D

Draw dashed-wedged line formulas for each C4H,, isomer.

IN S“HHRHY Determination of organic structures relies on the use of several
experimental techniques, including elemental analysis and various forms of spectroscopy.

Molecular models are useful aids for the visualization of the spatial arrangements of

-
\
HH HH

Figure 1-23

Dashed (red) and wedged
(blue) line notation for (A) a
carbon chain; (B) methane;
(C) ethane; (D) ethanol; and
(E) methoxymethane. Atoms
attached by ordinary straight
lines lie in the plane of the
page. Groups at the ends of
dashed lines lie below that
plane; groups at the ends of
wedges lie above it.

/ ’
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the atoms in structures. Condensed and bond-line notations are useful shorthand
approaches to drawing two-dimensional representations of molecules, whereas
dashed-wedged line formulas provide a means of depicting the atoms and bonds
in three dimensions.

THE BIG PICTURE

What have we learned and where do we go from here?

Much of the material covered in this introductory chapter is probably familiar to
you from introductory chemistry or even high school, perhaps in a different context.
Here, the purpose was to recapitulate this knowledge as it pertains to the structure
and reactivity of organic molecules. The fundamental take-home lessons for organic
chemistry are these:

1. The importance of Coulomb’s law (Section 1-2), as evidenced, for example, by
atomic attraction (Section 1-3), relative electronegativity (Table 1-2), the elec-
tron repulsion model for the shapes of molecules (Section 1-3), and the choice
of dominant resonance contributors (Section 1-5).

2. The tendency of electrons to spread out (delocalize), as manifested in resonance
forms (Section 1-5) or bonding overlap (Section 1-7).

3. The correlation of the valence electron count (Sections 1-3 and 1-4) with the
Aufbau principle (Section 1-6), and the associated stability of the elements in
noble gas—octet—closed-shell configurations obtained by bond formation (Sec-
tions 1-3, 1-4, and 1-7).

4. The characteristic shapes of atomic and molecular orbitals (Section 1-6), which
provide a feeling for the location of the “reacting” electrons around the nuclei.

5. The overlap model for bonding (Section 1-7), which allows us to make judgments
with respect to the energetics, directions, and overall feasibility of reactions.

With all this information in our grasp, we now have the tools to examine the struc-
tural and dynamic diversity of organic molecules, as well as their sites of reactivity.

Chapter Integration Problems

1-18. Sodium borohydride, Na™ “BH,, is a reagent used in the conversion of aldehydes and
ketones to alcohols (Section 8-6). It can be made by treating BH; with Na*H™:

i
BH; + Na"H™ —— Na* [H B H}
H

~

a. Draw the Lewis structure of ~“BH,.

SOLUTION:
We follow the rules of Section 1-4.

Step 1. The molecular skeleton (Rule 1) is indicated in the bracketed part of the above equa-
tion: a boron atom surrounded by four hydrogen atoms.

Step 2. What is the number of valence electrons? Answer (Rule 2):

4H =4X1 electron = 4 electrons
1B =3 electrons
Charge = — | =1 electron

Total 8 electrons
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Step 3. What is the Lewis structure? Answer (Rule 3): This one is simple; just placing two
electrons each between boron and its four bonded hydrogens consumes all the valence electrons
at our disposal:

=c
Tiwim
=5

Step 4. Where is the charge? Answer (Rule 4): Since each hydrogen has a valence electron
count of one, namely that of the neutral atom, the charge has to reside on boron. This conclu-
sion can be verified by counting the valence electrons around boron: four, one more than the
number associated with the atom. The correct Lewis structure is therefore

-4
H:B:H
H
b. What is the shape of the"’t;orohydride ion?

SOLUTION:

For the answer, we have to remember that electron repulsion controls the shape of simple mol-
ecules (Section 1-3). The best arrangement fm‘s therefore the same as that for CHy:
tetrahedral and, hence, sp® hybridized.

Borohydride ion

¢. Draw an orbital picture of the attack of H:~ on BHj;. Which are the orbitals involved in
overlap for bond formation?

SOLUTION: |
To approach the answer to this question, let us draw the orbital pictures of the species involved AR
(Sections 1-6 and 1-8). For H: 7, it is a doubly occupied 1s orbital, for@i{z)ﬁis an sp”-hybridized,

: — . . e - ~N2
trigonal boron with its characteristic three bonds to hydrogen and maining empty 2p or- ~ Y
bital perpendicular to the molecular plane (Figure 1-17). —~ - \

Hydride ion

\,\ 2p (empty orbital, ready

to accept electrons
from hydride ion)

Boron hydride
(borane)
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Which part of BHj is the hydride ion most likely to attack? Coulomb’s law provides the
answer: the_empty p orbital. You can readily imagine how the boron atom undergoes
rehybridization from sp” to sp* during the course of the reaction. The initial overlap of the hy-
drogen Is orbital with the boron 2p orbital changes to the final overlap of the hydrogen s with
the boron sp® hybrid orbital.

1-19. Propyne can be deprotonated twice with very strong base (i.e.. the base removes the two
protons labeled by arrows) to give a dianion.

H

strong base

| o
H=—C=C=C—ls=————> sl GOGH)
| (—2H")
Propyne Propyne dianion

Two resonance forms of the anion can be constructed in which all three carbons have Lewis
octets.

a. Draw both structures and indicate which is the more important one.

SOLUTION:

Let us analyze the problem one step at a time:

Step 1. What structural information is embedded in the picture given for propyne dianion?
Answer (Section 1-4. Rule 1): The picture shows the connectivity of the atoms: a chain of three
carbons, one of the terminal atoms bearing two hydrogens.

Step 2. How many valence electrons are available? Answer (Section 1-4, Rule 2):

2H = 2 X1 electron = 2 electrons
3C = 3 X4 electrons = 12 electrons
Charge =—2 = 2 electrons

Total 16 electrons

Step 3. How do we get a Lewis octet structure for this ion? Answer (Section 1-4. Rule 3):
Using the connectivity given in the structure for propyne dianion, we can immediately dispose
of eight of the available electrons:

H
C:C:C:H
Now, let us use the remaining eight electrons in the form of lone electron pairs to give as many
carbons as possible octet surroundings. A good place to start is at the right, because that carbon

requires only two electrons for this purpose, the center carbon needs two lone pairs, and, finally.
the carbon at the left has to make do (for the time being) with one additional pair of electrons:

:C:Q:Q: H
This structure leaves the carbon at the left with only four electrons. Thus, we have to change

the two lone pairs at the center into two shared pairs. furnishing the following dot structure:

H
:C:::C:Q:H

Step 4. Now every atom has its duet or octet satisfied, but we still have to concern ourselves with
charges. What are the charges on each atom? Answer (Section 1-4, Rule 4): Starting again at the
right, we can quickly ascertain that the hydrogens are charge neutral. Each is attached to carbon
through a shared electron pair, giving it an effective electron count of one, the same as in a free,
neutral hydrogen atom. On the other hand, the carbon atom bears three shared electron pairs and




one lone pair, thus having an effective electron count of five, one more electron than the number
associated with the neutral nucleus. Hence one of the negative charges is located on the carbon
at the right. The central carbon nucleus is surrounded by four shared electron pairs and is there-
fore neutral. Finally, the carbon at the left is attached to its neighbor by three shared pairs and
has, in addition, two unbound electrons, giving it the other negative charge. The result is

:C:::C:C:H
Step 5. We can now address the question of resonance forms. Is it possible to move pairs of
electrons in such a way as to generate another Lewis octet form? Answer (Section 1-5): Yes,
by shifting the lone pair on the carbon at the right into a sharing position and at the same time
moving one of the three shared pairs to the left into an unshared location:

— - o
:C:iiC:C:H «— :C::C::C:H

R) A >
The consequence of this movement is the transfer of the negative charge from the carbon at
the right to the carbon at the left, the latter therefore becoming doubly negative.

Step 6. Which one of the two resonance pictures is more important? Answer (Section 1-5):
Electron repulsion makes the structure at the left a more important resonance contributor.

A final point: You could have derived the first resonance structure much more quickly by
considering the information given in the reaction scheme leading to the dianion. Thus, the bond-
line formula of propyne represents its Lewis structure, and the process of removing a proton
each from the respective terminal carbons leaves these carbons with two lone electron pairs
and the associated charges:

i i
HQEC—Z?——H —= 5 :C=C—C—H
H

The important lesson to be learned from this final point is that, whenever you are confronted
with a problem, you should take the time to complete an inventory (write it down) of all the
information given explicitly or implicitly in stating the problem.

b. Provide an orbital drawing of propyne dianion, given the following hybridization:
[CspCspCsp”H,)* ™.

SOLUTION:
You can construct an orbital picture simply by attaching one half (the CH, group) of the ren-
dition of ethene in Figure 1-21 to that of ethyne without its hydrogens.

You can clearly see how the doubly filled p orbital of the CH, group enters into overlap with
one of the 7 bonds of the alkyne unit, allowing the charge to delocalize as represented by the
two resonance structures.

Chapter Integration Problems | 43
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Important Concepts

15

10.

11.

Organic chemistry is the chemistry of carbon and its
compounds.

. Coulomb’s law relates the attractive force between par-

ticles of opposite electrical charge to the distance between
them.

. Ionic bonds result from coulombic attraction of oppo-

sitely charged ions. These ions are formed by the com-
plete transfer of electrons from one atom to another, typ-
ically to achieve a noble-gas configuration.

. Covalent bonds result from electron sharing between two

atoms. Electrons are shared to allow the atoms to attain
noble-gas configurations.

. Bond length is the average distance between two cova-

lently bonded atoms. Bond formation releases energy;
bond breaking requires energy.

. Polar bonds are formed between atoms of differing elec-

tronegativity (a measure of an atom’s ability to attract
electrons).

. The shape of molecules is strongly influenced by elec-

tron repulsion.

. Lewis structures describe bonding by the use of valence

electron dots. They are drawn so as to give hydrogen an
electron duet, the other atoms electron octets (octet rule).
Charge separation should be minimized but may be en-
forced by the octet rule.

. When two or more Lewis structures differing only in the

positions of the electrons are needed to describe a mol-
ecule, they are called resonance forms. None correctly
describes the molecule, its true representation being an av-
erage (hybrid) of all its Lewis structures. If the resonance
forms of a molecule are unequal, those which best satisfy
the rules for writing Lewis structures and the electroneg-
ativity requirements of the atoms are more important.

The de Broglie relation describes the wavelength of a
moving electron in terms of its mass and velocity.

The motion of electrons around the nucleus can be de-
scribed by wave equations. The solutions to these equa-
tions are atomic orbitals, which roughly delineate
regions in space in which there is a high probability of
finding electrons.

Problems

12.

13.

14.

15.

16.

17.

18.

19.

An s orbital is spherical; a p orbital looks like two touch-
ing teardrops or a “spherical figure eight.” The mathe-
matical sign of the orbital at any point can be positive,
negative, or zero (node). With increasing energy, the num-
ber of nodes increases. Each orbital can be occupied by
a maximum of two electrons of opposite spin (Pauli ex-
clusion principle, Hund’s rule).

The process of adding electrons one by one to the atomic
orbitals, starting with those of lowest energy, is called the
Aufbau principle.

A molecular orbital is formed when two atomic orbitals
overlap to generate a bond. Atomic orbitals of the same
sign overlap to give a bonding molecular orbital of lower
energy. Atomic orbitals of opposite sign give rise to an an-
tibonding molecular orbital of higher energy and con-
taining a node. The number of molecular orbitals equals
the number of atomic orbitals from which they derive.

Bonds made by overlap along the internuclear axis are
called o bonds; those made by overlap of p orbitals per-
pendicular to the internuclear axis are called 7 bonds.

The mixing of orbitals on the same atom results in new
hybrid orbitals of different shape. One s and one p or-
bital mix to give two linear sp hybrids, used, for exam-
ple, in the bonding of BeH,. One s and two p orbitals re-
sult in three trigonal sp> hybrids, used, for example, in
BHj;. One s and three p orbitals furnish four tetrahedral
sp” hybrids, used, for example, in CH,. The orbitals that
are not hybridized stay unchanged. Hybrid orbitals may
overlap with each other. Overlapping sp® hybrid orbitals
on different carbon atoms form the carbon-carbon bonds
in ethane and other organic molecules. Hybrid orbitals
may also be occupied by lone electron pairs, as in NH;
and H,0.

The composition (i.e., ratios of types of atoms) of organic
molecules is revealed by elemental analysis. The mo-
lecular formula gives the number of atoms of each kind.

Molecules that have the same molecular formula but dif-
ferent connectivity order of their atoms are called con-
stitutional or structural isomers. They have different
properties.

Condensed and bond-line formulas are abbreviated rep-
resentations of molecules. Dashed-wedged line draw-
ings illustrate molecular structures in three dimensions.

~

20. Draw a Lewis structure for each of the following molecules and assign charges where
appropriate. The order in which the atoms are connected is given in parentheses.

(a) CIF
(d) CH;NH,
(g) CH,CO

(b) BrCN
(e) CH‘;OCH:;
(h) HN; (HNNN)

0
(¢) SOCI, (CISCl)
(f) N,H, (HNNH)
(i) N,O (NNO)




21.

22.

23.

25.

26.

27.

28.

Problems | 45

Using electronegativity values from Table 1-2 (in Section 1-3), identify polar covalent
bonds in several of the structures in Problem 20 and label the atoms 8 © and & ~, as
appropriate.

Draw a Lewis structure for each of the following species. Again, assign charges where

appropriate.

(a) H™ (b) CH;™ (c) CH;"

(d) CH; (e) CH3NH;" (f) CH,O0~

(8) CH (h) HG, (HCC) (i) H,0, (HOOH)
Each of the following structures contains at least one error, such as an incorrect number

of electrons or bonds on one or more atoms or a violation of the octet rule. 1dentify the
errors and suggest corrections for them.

CH,4
H:
(a) HzoCHg, (b) HzCOH (C) :CH4 (d) NH3OH (e) CH3——CH2“‘CH3
i -,
(H CH;—CH,=CH (g) O=N=0 (h) HC=CH, (i) H—cl:—H——c—H (j) C=0=0
H H

. (a) The structure of the bicarbonate (hydrogen carbonate) ion, HCO; ", is best described

as a hybrid of several contributing resonance forms, two of which are shown here.

:0: 107
4
HO O: HO 0O:
% - Y -

(i) Draw at least one additional resonance form. (ii) Using curved “electron pushing”
arrows, show how these Lewis structures may be interconverted by movement of electron
pairs. (iii) Determine which form or forms will be the major contributor(s) to the real
structure of bicarbonate, explaining your answer on the basis of the criteria in Section 1-5.
(b) Draw two resonance forms for formaldehyde oxime, H,CNOH. As in parts (ii) and
(iii) of (a), use curved arrows to interconvert the resonance forms and determine which
form is the major contributor.

(c) Repeat the exercises in (b) for formaldehyde oximate anion, [H,CNO] ™.

Several of the compounds in Problem 20 can have resonance forms. Identify these mol-
ecules and write an additional resonance Lewis structure for each. In each case, indicate
the major contributor to the resonance hybrid.

Draw two or three resonance forms for each of the following species. Indicate the major
contributor or contributors to the hybrid in each case.

0]
(a) OCN™ (b) CH,CHNH™ (c) HCONH, (HCNH,)
(d) O5; (000) (e) CH,CHCH, () SO, (0SO)
(g) HOCHNH,* (h) CH;CNO
Compare and contrast the Lewis structures of nitromethane, CH;NO,, and methyl ni-

trite, CH;ONO. Write at least two resonance forms for each molecule. Based on your
examination of the resonance forms, what can you say about the polarity and bond order
of the two NO bonds in each substance?

Write a Lewis structure for each substance. Within each group, compare (i) number of
electrons, (ii) charges on atoms, if any, (iii) nature of all bonds, and (iv) geometry.

(a) chlorine atom, Cl, and chloride ion, C1™

(b) borane, BHj3, and phosphine, PH;

(c¢) carbon and sulfur tetrafluorides, CF4 and SF,; (C and S are in the middle)

(d) nitrogen dioxide, NO,, and nitrite ion, NO, ™ (nitrogen is in the middle)

(e) NO,, SO,, and ClO, (N, S, and Cl are in the middle)
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29. Use a molecular-orbital analysis to predict which species in each of the following pairs
has the stronger bonding between atoms. (Hint: Refer to Figure 1-12).
(a) H2 or H3+ (b) Hez or Hez+ (c) 02 or 02+ (d) NZ or N2+

30. Describe the hybridization of each carbon atom in each of the following structures. Base
your answer on the geometry about the carbon atom.
(a) CH;Cl (b) CH;0H (¢) CH;CH,CH; (d) CH,=CH, (trigonal carbons)

‘u’ . 7
¢) HC=CH (linear structure C : ® C S L
© ) ® H3C/ o ‘e’ He? H
31. Depict the following condensed formulas in Kekulé (straight-line) notation.
H,N O
(a) CH;CN (b) (CH;),CHCHCOH (c) CH3(|ZHCH2CH3
OH
O O
Il
(d) CH,BrCHBr, (e) CH;CCH,COCH; (f) HOCH,CH,OCH,CH,0OH
32. Convert the following bond-line formulas into Kekulé (straight-line) structures.
\i T
OH NS /l\(\
(@) (b) K (©)
Br
@ =< © S0~ cN () ~_S~_~
33. Convert the following dashed-wedged line formulas into condensed formulas.
HH‘ /H
o Hy H \/ —C Br
@ . e ®  o—o = © H—C
H-N"" .. ] r
“H NH, c Br
Vi
-
34. Depict the following straight-line formulas in their condensed form.
: /H
Pl Tl MO0
SO R S |
(a) H—CI—N_(E—H (b) H—f—C—N*ﬁ:-?—H (©) H—S—C—C—C—C—H
: | -
H H H H H H H
H H H H H
F H H\C/H H\C/ \C__C/ \C/
= H o\ /" TH el N
(d) F—cl—c|—p_—H (e) P/C=C\ & ® H \C/ H
c— [
F H N
v H )

35. Redraw the structures depicted in Problems 31 and 34 using bond-line formulas.




36.

37.

38.

39.

40.

41.

42,

43.

Problems 47

Convert the following condensed formulas into dashed-wedged line structures.

CN I /A SH
| » g a A | u A
(a) CH,CHOCH; (b) CHCl; (c) (CH3),NH (d) CH;C/HCHQCH3

Construct as many constitutional isomers of ecach molecular formula as you can for

(a) CsH»; (b) C3H4O. Draw both condensed and bond-line formulas for each isomer.
% %40 1g% AV

Draw condensed formulas sh(;wing the multiple bonds, charges, and lone electron pairs
(if any) for each molecule in the following pairs of constitutional isomers. (Hint: First
make sure that you can draw a proper Lewis structure for each molecule.) Do any of
these pairs consist of resonance forms?

O
(a) HCCCH; and H,CCCH,  (b) CH;CN and CH;NC  (¢) CH;CH and H,CCHOH

Two resonance forms can be written for a bond between trivalent boron and an atom
with a lone pair of electrons. (a) Formulate them for (i) (CH3),BN(CH;),;

(i1) (CH3),BOCH3; (iii) (CH3),BF. (b) Using the guidelines in Section 1-5, determine
which form in each pair of resonance forms is more important. (¢) How do the elec-
tronegativity differences between N, O, and F affect the relative importance ‘of the reso-
nance forms in each case? (d) Predict the hybridization of N in (i) and O in (ii).

The unusual molecule [2.2.2]propellane is pictured in the margin. On the basis of the CH,
given structural parameters, what hybridization scheme best describes the carbons

1.60A
marked by asterisks? (Make a model to help you visualize its shape.) What types of CH, O
orbitals are used in the bond between them? Would you expect this bond to be /
: 3 0l % CH,
stronger or weaker than an ordinary carbon-carbon single bond (which is usually I-}E}C\ / 2
1.54 A long)? H.C 5 St
(a) On the basis of the information in Problem 30, give the likely hybridization of the [2.2.2]Propellane

orbital that contains the unshared pair of electrons (responsible for the negative charge)
in each of the following species: CH;CH, ; CH,=—CH ; HC=C . (b) Electrons in

sp, sp>, and sp> orbitals do not have identical energies. Because the 2s orbital is lower in
energy than a 2p, the more s character a hybrid orbital has, the lower its energy will be.
Therefore the sp* (% s and % p in character) is highest in energy, and the sp (-; s, -; p)
lowest. Use this information to determine the relative abilities of the three anions in (a)
to accommodate the negative charge. (¢) The strength of an acid HA is related to the
ability of its conjugate base A~ to accommodate negative charge. In other words, the
ionization HA == H" + A is favored for a more stable A~. Although CH;CHj,
CH,=CH,, and HC=CH are all weak acids, they are not equally so. On the basis of
your answer to (b), rank them in order of acid strength.

A number of substances containing positively polarized carbon atoms have been labeled
as “‘cancer suspect agents” (i.e., suspected carcinogens or cancer-inducing compounds).
It has been suggested that the presence of such carbon atoms is responsible for the car-
cinogenic properties of these molecules. Assuming that the extent of polarization is pro-
portional to carcinogenic potential, how would you rank the following compounds with
regard to cancer-causing potency?

(a) CH;ClI (b) (CH;),Si (c) CICH,OCH,ClI

(d)y CH;OCH,CI (e) (CH5),C*

(Note: Polarization is only one of the many factors known to be related to carcinogenic-
ity. Moreover, none of them shows the type of straightforward correlation implied in this
question.)

The structure of the substance lynestrenol, a component of certain oral contraceptives,
is presented on the next page. Locate an example of each of the following types of
bonds or atoms: (a) a highly polarized covalent bond; (b) a nearly unpolarized cova-
lent bond; (c) an sp-hybridized carbon atom; (d) an sp>-hybridized carbon atom;

(e) an sp>-hybridized carbon atom; (f) a bond between atoms of different hybridization.
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Lynestrenol

Team Problems

Team problems are meant to encourage discussion and collaborative learning. Try to solve
team problems with a partner or small study group. Notice that the problems are divided
into parts. Rather than tackling each part individually, discuss each section of the problem
together. Try out the vocabulary that you learned in the chapter to question and convince
yourselves that you are on the right track before you move to the next part. In general, the
more you use the terms and apply the concepts presented in the text, the better you will be-
come at correlating molecular structure and reactivity and thus visualizing bond-breaking
and bond-making. You will begin to see the elegant patterns of organic chemistry and will
not be a slave to memorization. The collaborative process used in partner or group study will
force you to articulate your ideas. Talking out a solution with an “audience” instead of to
yourself builds in checks and balances. Your teammates will not let you get away with,
“Well, you know what I mean,” because they probably do not. You become responsible to
others as well as yourself. By learning from and teaching others, you solidify your own
understanding.

44. Consider the following reaction:

H

0) 0)
CH;CHQCHzCCH‘; + HCN — CH3CH2CH2CCH3

C

N
A B

(a) Draw these condensed formulas as Lewis dot structures. Label the geometry and hy-
bridization of the bold carbons in compounds A and B. Did the hybridization change
in the course of the reaction?

(b) Draw the condensed formulas as bond-line structures.

(¢) Examine the components of the reaction in light of bond polarity. Using the notation
for partial charge separation, 8" and 8, indicate, on the bond-line structures, any
polar bonds.

(d) This reaction is actually a two-step process: cyanide attack followed by protonation.
Depict these processes by using the same “electron pair pushing” technique that we
employed for resonance structures in Section 1-5, but now show the flow of elec-
trons for the two steps. Clearly position the beginning (an electron pair) and the end
(a positively polarized or charged nucleus) of your arrows.

Preprofessional Problems

Preprofessional problems are included to give you practice solving the type of problems
found on exams required for entry into professional schools. such as the MCAT, DAT, chem-
istry GRE, and ACS exams, as well as on many undergraduate tests. Do these multiple-
choice questions as you go through this course and then return to them before you take a
professional school exam. These questions are to be answered “closed-book™—that is, no
periodic table, calculator, or the like.
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and Bases, Polar anc

Petroleum supplies the industrial world with a broad
array of compounds, including the fuels that power much
of modern society and the raw materials for the synthesis
of new molecules. The molecule whose structure is
shown above, 2,2.4-trimethylpentane, is an important
component of gasoline and the standard on which the
“octane rating” system for fuel efficiency is based.

d Reactivity

hapter 1 introduced us to organic molecules containing several different types of

bonds between various elements. Can we predict, on the basis of these structures,

what kinds of chemical reactivity these substances will display? This chapter will
begin to answer this question by showing how certain structural combinations of atoms
in organic molecules, called functional groups, display characteristic and predictable
behavior. We will see how the chemistry of acids and bases serves as a simple model
for understanding the reactions of many functional groups, especially those contain-
ing polar bonds. We will pursue this analogy throughout the course, through the con-
cepts of electrophiles and nucleophiles.

Most organic molecules contain a structural skeleton that carries the functional
groups. This skeleton is. a relatively nonpolar assembly consisting of carbon and hy-
drogen atoms connected by single bonds. The simplest class of organic compounds.
the alkanes, lacks functional groups and is entirely constructed of singly bonded car-
bon and hydrogen. Therefore, alkanes serve as excellent models for the backbones of
functionalized organic molecules. They are also useful compounds in their own right
as illustrated by the structure shown at the top of this page, which is called 2,2,4-
trimethylpentane and is an alkane used in gasoline. By studying the alkanes we can
prepare ourselves to better understand the properties of molecules containing func-
tional groups. Therefore, in this chapter we will explore the names, physical proper-
ties, and structural characteristics of the members of the alkane family.
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2-1 Kinetics and Thermodynamics of Simple Chemical Processes

The simplest chemical reactions may be described by equilibration between two dis-
tinct species. Such processes are governed by two fundamental considerations:

1. Chemical thermodynamics, which deals with the changes in energy that take
place when processes such as chemical reactions occur, a feature that controls
the extent to which a reaction goes to completion.

2. Chemical kinetics, which concerns the velocity or rate at which the concentra-
tions of reactants and products change, in other words the speed at which a
reaction goes to completion.

The two principles are frequently related. Reactions that are thermodynamically
very favorable often proceed faster than do less favorable ones. Conversely, some re-
actions are faster than others even though they result in a comparatively less stable
product. A transformation that yields the most stable products is said to be under ther-
modynamic control. Its outcome is determined by the net favorable change in energy
in going from starting materials to products. A reaction in which the product obtained
is the one formed fastest is defined as being under kinetic control. Let us put these
statements on-a more quantitative footing.

Equilibria are governed by the thermodynamics of chemical change
All chemical reactions are reversible, and reactants and products interconvert to var-
ious degrees. When the concentrations of reactants and products no longer change,
the reaction is in a state of equilibrium. In many cases, equilibrium lies extensively
(say, more than 99.9%) on the side of the products. When this occurs, the reaction is
said to have gone to completion. (In such cases, the arrow indicating the reverse re-
action is usually omitted.) Equilibria are described by equilibrium constants, K. To
find an equilibrium constant, divide the arithmetic product of the concentrations of
the components on the right side of the reaction by that of the components on the
left, all given in units of moles per liter (mol L™"). A large value for K indicates that
a reaction goes to completion; it is said to have a large driving force.

Typical Chemical Equilibria

o o e LB
[A]
A+B— c+Dp k=L4Bl
[A][B]

If a reaction has gone to completion, a certain amount of energy has been re-
leased. The equilibrium constant can be related directly to the thermodynamic function
of the Gibbs* standard free energy change, AG°," at equilibrium:

AG° = —RT In K= —2.303 RT log K (in kcal mol ")

in which R is the gas constant (1.986 cal deg™ mol™!) and T is the absolute

*Professor Josiah Willard Gibbs (1839-1903), Yale University, Connecticut.
"The symbol AG® refers to the free energy of a reaction with the molecules in their standard
states (e.g., ideal molar solutions) after the reaction has reached equilibrium.
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THBLE BB quilibria and Free Energy for A — B: £ = [BI/IA) )

Percentage

AG®

K B A (kcal mol ™! at 25°C)
0.01 0.99 99.0 +2.73
0.1 9.1 90.9 +1.36
0.33 25 75 +0.65

1 50 50 0

2 67 33 -041
3 75 25 . —0.65
4 80 20 -0.82
5 83 17 -0.95
10 90.9 9.1 -1.36
100 99.0 0.99 -2.73
1,000 99.9 0.1 —4.09

Qooo 99.99 0.01 —5.46 J

temperature in kelvins* (K). A negative value for AG® signifies a release of energy.
The equation shows that a large value for K indicates a large favorable free energy
change. At room temperature (25°C, 298 K), the preceding equation becomes

AG° = —1.36 log K (in kcal mol ')

This expression tells us that an equilibrium constant of 10 would have a AG° of —1.36
kcal mol ™! and, conversely, a K of 0.1 would have a AG®° = +1.36 kcal mol™".
Because the relation is logarithmic, changing the AG® value affects the K value ex-
ponentially. When K = 1, starting materials and products are present in equal con-
centrations and AG° is zero (Table 2-1).

The free energy change is related to changes in bond strengths
and the degree of order in the system

The Gibbs standard free energy change is related to two other thermodynamic quan-
tities: the change in enthalpy, AH°, and the change in entropy, AS°.

Gibbs Standard Free Energy Change
AG°®° = AH®° — TAS®

In this equation, 7 is again in kelvins and AH® in kcal mol~", whereas AS® is in cal
deg™" mol ™', also called entropy units (e.u.).

The enthalpy change, AH®, is the heat of a reaction at constant pressure. En-
thalpy changes in chemical reactions relate mainly to changes in bond strengths
in the course of the reaction. Thus, the value of AH° can be estimated by subtracting
the sum of the strengths of the bonds formed from that of the bonds broken.

*Temperature intervals in kelvins and degrees Celsius are identical. Temperature units are named
after Lord Kelvin, Sir William Thomson (1824—1907), University of Glasgow, Scotland. and
Anders Celsius (1701-1744), University of Uppsala, Sweden.
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Enthalpy Change in a Reaction

(Sum of strengths) N (sum of strengths) — AH°

of bonds broken of bonds formed|

If the bonds formed are stronger than those broken, the value of AH® is negative
and the reaction is defined as exothermic (releasing heat). In contrast, a positive AH®
is characteristic of an endothermic (heat-absorbing) process. An example of an
exothermic reaction is the combustion of methane, the main component of natural gas,
to carbon dioxide and liquid water. This process has a AH° value of —213 kcal mol ',

CH; +2 0, —> CO, + 2 H,05,  AH® = =213 keal mol ™!

The exothermic nature of this reaction is due to the very strong bonds formed in the
products. Many hydrocarbons release a lot of energy on combustion and are there-
fore valuable fuels.

If the enthalpy of a reaction strongly depends on changes in bond strength, what
is the significance of AS°? The entropy change, AS®, is a measure of the changes in
the order of a system. The value of S° increases with increasing disorder. Because of
the negative sign in front of the TAS° term in the equation for AG®, a positive value
for AS® makes a negative contribution to the free energy of the system. In other words,
going from order to disorder is thermodynamically favorable.

What is meant by disorder in a chemical reaction? Consider a transformation in
which the number of reacting molecules differs from the number of product molecules
formed. For example, upon strong heating, 1-pentene undergoes cleavage into ethene
and propene. This process, in which two molecules are made from one, has a relatively
large positive AS°. The increased number of particles present after bond cleavage means
greater freedom of motion, thus representing an increase in disorder for the system.

CH;CH,CH,CH=CH, —— CH,=CH, + CH;CH=CH, AH°® = +22.4 kcal mol !
AS° = +33.3 e

1-Pentene Ethene Propene
(Ethylene)

ERERCISE 2-1

Calculate the AG® at 25°C for the preceding reaction. Is it thermodynamically feasible at
25°C? What is the effect of increasing 7 on AG°? What is the temperature at which the
reaction becomes favorable?

In contrast, disorder and entropy decrease when the number of product molecules
is less than the number of molecules of starting materials. For example, the reaction
of ethene (ethylene) with hydrogen chloride to give chloroethane is exothermic by
—15.5 kcal mol ™", but the entropy makes an unfavorable contribution to the AG®;
AS° = =313 e

CH,=CH, + HCl —— CH;CH,CI AH° = —15.5 kcal mol ™!
AS° = —313 e

Calculate the AG® at 25°C for the preceding reaction. In your own words, explain why a
reaction that combines two molecules into one should have a large negative entropy change.
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Figure 2-1

A (highly oversimplified)
potential-energy diagram for
the combustion reaction of
methane. Despite its
thermodynamic favorability, as
shown by the large negative
AH°®, the process is very slow
because it has a high-energy
transition state and a large
activation energy. (In actuality,
the process has many
individual bond-breaking and
bond-forming steps, and the
applicable potential-energy
diagram therefore has multiple
maxima and minima.)
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The rate of a chemical reaction depends on the activation energy
How fast is equilibrium established? The thermodynamic features of chemical reac-
tions do not by themselves tell us anything about their rates. Consider the combus-
tion of methane mentioned earlier. This process releases 213 kcal mol™', a huge
amount of energy, but we know that methane does not spontaneously ignite in air at
room temperature. Why is this highly favorable combustion process so slow? The an-
swer is that during the course of this reaction the potential energy of the system
changes in the manner shown in Figure 2-1. This figure, which is an example of a
potential-energy diagram, plots energy as a function of reaction progress. We mea-
sure reaction progress by the reaction coordinate, which describes the combined
processes of bond-breaking and bond formation that constitute the overall change
from the structures of the starting compounds into those of the products. The energy
first rises to a maximum, a point called the transition state (TS), before decreasing
to the final value, which is the energy content of the product molecules. The energy
of the transition state may be viewed as a barrier to be overcome in order for the re-
action to take place. The energy input required to raise the energy of the starting com-
pounds to that of the transition state is called the activation energy, E,, of the reac-
tion. The higher its value, the slower the process. The transition state for methane
combustion is very high in energy, corresponding to a high E, and a very low rate.

How can there be such high activation energies for exothermic reactions? A sim-
ple answer is that partial bond-breaking usually precedes partial bond formation. Thus,
before energy is released through bonding, energy must be expended to break bonds.
The transition state is the point at which the initial energy input is compensated by
a corresponding release of energy.

Transition state

/

CH;+20,

=-213 kcal mol !

COZ +\2 H20

Reaction coordinate ——>
B

Collisions supply the energy to get past the activation-energy
barrier

-] Where do molecules get the energy to overcome the barrier to reaction? Molecules

have kinetic energy as a result of their motion, but at room temperature the average
kinetic energy is only about 0.6 kcal mol ™", far below the activation-energy barrier.
To pick up enough energy, molecules must collide with each other or with the walls
of the container. Each collision transfers energy from one molecule to another.




2-1 Kinetics and Thermodynamics of Simple Chemical Processes | 55

/‘/ Higher temperature

Lower temperature

Number of molecules ——>

E
Kinetic energy (speed) of molecules ———>

A graph called a Boltzmann* distribution curve depicts the distribution of ki-
netic energy. Figure 2-2 shows that, although most molecules have only average speed
at any given temperature, some molecules have kinetic energies that are much higher.

The shape of the Boltzmann curve depends on the temperature. We can see that
at higher temperatures, as the average kinetic energy increases, the curve flattens and

shifts toward higher energies. More molecules now have energy higher than is -

required by the transition state, so the speed of reaction increases. Conversely, at
lower temperatures, the reaction rate decreases.

The concentration of reactants can affect reaction rates
Consider the addition of reagent A to reagent B to give product C:

A+B — C

In many transformations of this type, increasing the concentration of either reactant
increases the rate of the reaction. In such cases, the transition-state structure incor-
porates both molecules A and B. The rate is expressed by

Rate = k[A][B] in units of mol L™' s~}

in which the proportionality constant, k, is also called the rate constant of the re-
action. A reaction for which the rate depends on the concentrations of two molecules
in this way is said to be a second order reaction.

In some processes, the rate depends on the concentration of only one reactant,
such as the hypothetical reaction

A— B
Rate = k[A] in units of mol L™! 7!

A reaction of this type is said to be of first order.

ERERCISE 2-3

The dependence of reaction rates on reactant concentrations means that reactions slow
down as starting materials are used up. For example, for a process following the first-
order rate law, rate = k[A], when half of A is consumed (i.e., after 50% conversion of the
starting material), the reaction rate is reduced to half of its initial value. What would be
the reduction in rate of a second-order reaction (in which rate = k[A][B]) after 50% con-
version of the starting material?

*Professor Ludwig Boltzmann (1844-1906), University of Vienna, Austria.

Figure 2-2

Boltzmann curves at two
temperatures. At the higher
temperature (green curve),
there are more molecules of
kinetic energy E than at the
lower temperature (blue curve).
Molecules with higher kinetic
energy can more easily
overcome the activation-energy
barrier.
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The Arrhenius equation describes how temperature affects
reaction rates

The kinetic energy of molecules increases when they are heated, which means that a
larger fraction of them have sufficient energy to overcome the activation barrier
(Figure 2-2). A useful rule of thumb applies to many reactions: Raising the reaction
temperature by 10 degrees (Celsius) causes the rate to increase by a factor of 2 or 3.
The Swedish chemist Arrhenius* noticed the dependence of reaction rate on temper-
ature. He found that his measured data conformed to the equation

Arrhenius Equation

k = Ae E/RT

The A term is the maximum rate constant that the reaction would have if every
molecule had sufficient collisional energy to overcome the activation barrier: At very
high temperature, E, /RT is small, e E/RT approaches 1, and k nearly equals A. Each
reaction has its own characteristic value for A. The Arrhenius equation describes how
rates of reactions with different activation energies vary with temperature.

ERERCISE 2-4

(a) Calculate AG® at 25°C for the reaction CH;CH,Cl — CH,=CH, + HCI (the reverse
of the reaction in Exercise 2-2). (b) Calculate AG®° at S00°C for the same reaction. (Hint:
Apply AG®° = AH° — TAS® and do not forget to first convert degrees Celsius into kelvins.)

For the reaction in Exercise 2-4, A = 10'* and E, = 58.4 kcal mol ', Using the Arrhenius
equation, calculate k at 500°C for this reaction. R = 1.986 cal deg™' mol ™.

IN SUHMHHY All reactions are described by equilibrating starting materials and
products. On which side the equilibrium lies depends on the size of the equilibrium
constant, in turn related to the Gibbs free energy changes, AG°. An increase in the
equilibrium constant by a factor of 10 is associated with a change in AG° of about
—1.36 kcal mol ™" at 25°C. The free energy change of a reaction is composed of
changes in enthalpy, AH°®, and entropy, AS°. Contributions to the former stem mainly
from variations in bond strengths, to the latter from the relative disorder in starting
materials and products. Whereas these terms define the position of an equilibrium,
the rate at which it is established depends on the concentration of starting materials,
the activation barrier separating reactants and products, and the temperature. The
relation between rate, E,, and T is expressed by the Arrhenius equation.

2-2 Acids and Bases; Electrophiles and Nucleophiles

Let us turn to a fundamental application of thermodynamics: the chemistry of acids
and bases. This section reviews the way in which acids and bases interact and how
we quantify this process. We shall see that acid-base reactions provide a model for
the reactivity of organic molecules possessing polar covalent bonds.

Acid and base strengths are measured by equilibrium constants
Brgnsted and Lowry have given us a simple definition of acids and bases: An acid is
a proton donor and a base is a proton acceptor. Acidity and basicity are commonly

*Professor Svante Arrhenius (1859-1927), Technical Institute of Stockholm, Sweden, Nobel Prize
1903 (chemistry), director of the Nobel Institute from 1905 until shortly before his death.
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measured in water. An acid donates protons to water to give the hydronium ion,
whereas a base removes protons to give the hydroxide ion. Examples are the acid hy-
drogen chloride and the base ammonia. In these equations we employ curved arrows
to indicate the shift of a pair of electrons, much as we did in Section 1-5. In each
case, a lone pair from the base creates a new bond with an acidic proton and the elec-
tron pair originally linking the proton to the remainder of the acid shifts to become
a lone pair on the departing conjugate base. The electron flow in the case of the re-
action of water with hydrogen chloride is indicated in the electrostatic potential maps
below the equation. The red oxygen of water is protonated by the blue hydrogen in
the acid to furnish as products the blue hydronium ion and red chloride ion.

H H
P + HCC): — H—0’" :Cl:
2 =3 STy < * Lt
H \_/ H
Hydronium
ion

H

TN e e ..
NH; + H—-OH — NH; + :OH
Ammonium Hydroxide

on on

Water itself is neutral. It forms an equal number of hydronium and hydroxide ions
by self-dissociation. The process is described by the equilibrium constant K, the self-
ionization constant of water. At 25°C,

Kw
H,0+ H,O0 =— H,;0" + OH~ K, =[H;0"][OH ] =10""* mol? L™
From the value for K., it follows that the concentration of H;O" in pure water is
1077 mol L™
The pH is defined as the negative logarithm of the value for [H;0"].

pH = —log [H;0™]

Thus, for pure water, the pH is +7. An aqueous solution with a pH lower than 7 is
acidic; one with a pH higher than 7 is basic.

The acidity of a general acid, HA, is expressed by the following general equa-
tion, together with its associated equilibrium constant.

= [H0TJ[A™]
[HA][H,O]
Because, in dilute aqueous solution, [H,O] is constant at 55 mol L', that num-
ber may be incorporated into a new constant, the acidity constant, K.
[H;0"][AT]
[HA]

HA + H,0 —— H,0" + A~

K, = K[H,0] = mol L™!
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Like the concentration of H;O™" and its relation to pH, this measurement may be
put on a logarithmic scale by the corresponding definition of pK,.

pK, = —log K,

The pK, is the pH at which the acid is 50% dissociated. An acid with a pK, lower
than 1 is defined as strong, one with a pK, higher than 4 as weak. The acidities of
several common acids are compiled in Table 2-2 and compared with those of com-
pounds with higher pK, values. Sulfuric acid and, with the exception of HF, the hy-
drogen halides, are very strong acids. Hydrogen cyanide, water, methanol, ammonia,
and methane are decreasingly acidic, the last two being exceedingly weak.

The species A~ derived from acid HA is frequently referred to as its conjugate
base (conjugatus, Latin, joined). Conversely, HA is the conjugate acid of base A™.
The strengths of two substances that are related as a conjugate acid-base pair are in-
versely related: The conjugate bases of strong acids are weak, as are the conjugate
acids of strong bases. For example, HCl is a strong acid, because the equilibrium for
its dissociation into H" and C1~ is very favorable. The reverse process, reaction of
Cl™ to combine with H", is unfavorable, therefore identifying C1~ as a weak base.

HCl— H Gy

Strong acid Conjugate base
is weak

In contrast, dissociation of CH30H to produce CH;0~ and H" is unfavorable;
CH;OH is a weak acid. The reverse, combination of CH;0~ with H" is favorable;
we therefore consider CH;0™ to be a strong base.

CH,OH =—_H* + CH;0~

Weak acid Conjugate base
is strong

4 JLLIRRAYE  Relative Strengths of Common Acids (25 °C)

Acid K, pK,
Hydrogen iodide, HI (strongest acid) 1.6 X 10° —-5.2
Sulfuric acid, H>SO, 1.0 X 10° -5.0¢
Hydrogen bromide, HBr 5.0 x 10* -4.7
Hydrogen chloride, HCl 160 =%
Hydronium ion, H;0™ 50 —-1.7
Nitric acid, HNO; 25 —-14
Methanesulfonic acid, CH3SO;H 16 = 1.2}
Hydrogen fluoride, HF 63x10* S50,
Acetic acid, CH;COOH 20X 1073 4.7
Hydrogen cyanide, HCN 63x10°1° 9.2
Ammonium ion, NH; " 57 x 1071 9.3
Methanethiol, CH;SH 1.0x 107" 10.0
Methanol, CH;OH 3.2x 107" 15.5
Water, H,O 20x1071° 15.7
Ammonia, NH; 1.0 X 1073 35
Methane, CH, (weakest acid) ~1.0x 107 ~50

Note: K, = [H;0")(A J/[HA] mol L™". j

Wrsl dissociation equilibrium.
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Write the formula for the conjugate base of each of the following acids. (a) Sulfurous
acid, H,SO3; (b) chloric acid, HCIO3; (¢) hydrogen sulfide, H,S; (d) dimethyloxo-
nium, (CH5),OH™; (e) hydrogen sulfate, HSO, .

EXERCISE 2-7 — .

Write the formula for the conjugate acid of each of the following bases. (a) Dimethyl-
amide, (CH;3),N; (b) sulfide, S~ (¢) ammonia, NH;; (d) propanone (acetone),
(CH3),C=0; (e) 2,2,2-trifluoroethoxide, CF;CH»O .

W

Which is the stronger acid, nitrous (HNO,, pK, = 3.3) or phosphorous acid (H;POs,
pK, = 1.3)? Calculate K, for each. . &

We can estimate relative acid and base strengths o~
The relationship between structure and function is very evident in acid-base chem- \r9 ’C
istry. Indeed, three structural features allow us to estimate, at least qualitatively, the (y!\*

relative strength of an acid HA (and hence the weakness of its conjugate base):

&0
1. The increasing electronegativity of A as we proceed from left to right across a .
row in the periodic table. The more electronegative the atom to which the /
acidic proton is attached, the more polar the bond, and the more acidic the Q\V?
proton will be. For example, the increasing order of acidity in the series - ({V/
CH,4 < NH; < H,O < HF parallels the increasing electronegativity of A Q\M )
(Table 1-2). .
2. The increasing size of A as we proceed down a column in the periodic table. Q
The acid strengths of the hydrogen halides increase in the order HF <HCI < ;RLD\/\O
HBr < HI. Dissociation to give H" and A~ is favored for larger A, because its \ =
larger outer shell orbitals permit its electrons to occupy a larger volume of
space, thus reducing electron—electron repulsion.*
3. The resonance in A~ that allows delocalization of charge over several atoms.
This effect is frequently enhanced by the presence of additional electronegative
atoms in A~ . For example, acetic acid is more acidic than methanol. In both
cases, an O-H bond dissociates into ions. Methoxide, the conjugate base of
methanol, possesses a localized negative charge on oxygen. In contrast, the
acetate ion has two resonance forms and is able to delocalize its charge onto a
second oxygen atom. Thus in the acetate ion the negative charge is better
accommodated (Section 1-5), stabilizing acetate and making it the weaker base.

Acetic Acid Is Stronger than Methanol Because
Acetate Is Stabilized by Resonance

s [ _ oo s .-
CH3Q—H + HZQ -~ CH3 Q . + H3O
Weaker acid Stronger base
:0: A0)° . O S
[ A, de

B N .. .
CHy,C—O—H + H;0 == | CH,C%0:~ «—> CH,C=0| + H,0"

Stronger acid Weaker base

*It is frequently stated that differences in H-A bond strengths are the reason for the acidity order
in the hydrogen halides: HF possesses the strongest bond, HI the weakest. However, this
correlation fails for the series CH4, NHi, H,O, HFE, in which the weakest acid, CH,, also has the
weakest H-A bond. As we will see in Chapter 3, bond strengths are not directly applicable to the
process of dissociation of a bond into ions.
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The effect of resonance is even more pronounced in sulfuric acid. The availabil-
ity of d orbitals on sulfur enables us to write valence-shell-expanded Lewis structures
containing as many as 12 electrons (Sections 1-4 and 1-5). Alternatively, charge-
separated structures with one or two positive charges on sulfur can be used. Both rep-
resentations indicate that the pK, of H,SO, should be low.

[ .6 :0: :0:°
\>|2+ .. || C” .o .o ‘ .o
HO S= O S HO S O «—> HO = «—> HO—SZQ «——> efc.

| w ©
0 G 0:~ :0:
Hydrogen sulfate ion

As a rule, the acidity of HA increases to the right and down in the periodic table.
Therefore, the basicity of A~ decreases in the same fashion.

The same molecule may act as an acid under one set of conditions and as a base
under another. Water is the most familiar example of this behavior, but many other
substances possess this capability as well. For instance, nitric acid acts as an acid in
the presence of water but behaves as a base toward the more powerfully acidic H,SOy:

Nitric Acid Acting as an Acid

HNO3 arF Hzo —— NO3_ 4 H30+
Nitric Acid Acting as a Base

H,SO; + HNO; — HSO,” + H,NO;*

Similarly, acetic acid protonates water, as shown earlier in this section, but is proto-
nated by stronger acids such as HBr:

HBr + CH;CO,H — Br + CH3C02H2+

EHERCISE 2-0 g

Suggest a structure for CH;CO,H, ™. [Hint: Try placing the proton first on one, and then
(0]

on the other of the two oxygen atoms in the molecule (CH;C—OH), and consider which
of the two resulting structures is better stabilized by resonance.]

EXERCISE 2-10 = = =

Benzoic acid, C4HsCO-H, undergoes dissociation in water at 25°C with the follow-

ing thermodynamic parameters: AH® = —67 cal mol~' and AS° = —19.44 cal deg™"

mol ~'. Write the equation for this dissociation process. What kind of reaction is it? Cal-

culate K, and pK, for benzoic acid. How does benzoic acid compare in strength with acetic
| acid, whose pK, = 4.77

WORKING WITH THE CONCEPTS In analogy with the general expression in this section, we may
; write the dissociation equation as

C¢HsCO,H + H,0 == C¢HsCO,™ + H;0*

This process is a typical Brgnsted-Lowry acid-base reaction. In order to calculate the
equilibrium constant, we must first determine AG® at 25°C, or 298 K:

AG®° = AH®° — TAS® = —67 — [298 X (—19.44)] = —67 + 5793 = +5726 cal mol ™!
| = +5.726 kcal mol "

l Using AG®° = —1.36 log K, we obtain log K, = —4.2, corresponding to a pK, of 4.2, and a
K, of 6.4 X 107>, With a pK, lower than that of acetic acid, benzoic acid is a stronger acid.
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Lewis acids and bases interact by sharing an electron pair

A more generalized description of acid-base interaction in terms of electron sharing
was introduced by Lewis. A Lewis acid is a species that contains an atom that is at
least two electrons short of a closed outer shell, whereas a Lewis base contains at
least one lone pair of electrons. The symbol X denotes any halogen, while R repre-
sents an organic group (Section 2-3).

Lewis Acids
H(X) H(R)
MgX,, AlX;, many
H ]|3 —HX) * (|: —H(R) transition metal

halide salts
H(X) H(R)

Lewis Bases

H(R) H(R)
“:OH(R) :il)'—H(R) :S—HR) :N—HR) :1|>—H(R) >
H(R) H(R) H(R) HR)

A Lewis base shares its lone pair with a Lewis acid to form a new covalent bond.
A Lewis base—Lewis acid interaction may therefore be pictured by means of an ar-
row pointing in the direction that the electron pair moves—from the base to the acid.
The Brgnsted acid-base reaction between hydroxide ion and a proton is an example
of a Lewis acid-base process as well.

Lewis Acid-Base Reactions

YN .. .o
H™ + “:0—H —> H—O0—H
Cl  CHs Cl CHs
|~ | _ "
c1—,?1 + :ITI—-CH3 — c1—1|x1 —ITI—CH3

Cl  CH, Cl CH,
F CH,CHs,

= F —]|3 6/

TN
i CH,CH,
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The last reaction between boron trifluoride and ethoxyethane (diethyl ether) to
give the Lewis acid-base reaction product is shown on p. 61, also in the form of elec-
trostatic potential maps. As electron density is transferred, the oxygen becomes more
positive (blue) and the boron more negative (red).

The dissociation of a Bronsted acid HA is just the reverse of the combination of
the Lewis acid H” and the Lewis base A~. We write it as follows:

Dissociation of a Bronsted Acid
N
H—A—— H "+ :A"

Notice that the curved arrow is from the bond o A, the direction in which the pair
of electrons moves. The curved arrow points to the departing anion, never to the hy-
drogen atom, in the dissociation of a Brgnsted acid.

Electrophiles and nucleophiles also interact through movement of

an electron pair

Many processes in organic chemistry exhibit characteristics of acid-base reactions.
For example, heating an aqueous mixture of sodium hydroxide and chloromethane,
CH;Cl, produces methanol and sodium chloride. This process involves the same kind
of movement of two pairs of electrons as does the acid-base reaction between hy-
droxide ion and HCI, and may be described by the same curved “electron-pushing”
arrows:

Reaction of Sodium Hydroxide and Chloromethane

H,0, A
CH;Cl + NaOH —— CH;0OH + NaCl
Methanol

Flow of Electrons Using Curved-Arrow Representation

HO: CH3;Cl: —> HO—CH; + :Cl:™
Compare the
Bronsted acid-bas O — s —> HO— -Cl:™
ronsted aci e HO: Hug], HO—H + Cl

reaction:

Like the hydrogen atom in HCI, the carbon atom in chloromethane is at the positive
end of a polarized bond (Section 1-3). It therefore exhibits a tendency to react with
species possessing unshared pairs of electrons. The carbon is said to be electrophilic
(literally, “electron loving”; philos, Greek, loving). In turn, atoms bearing lone pairs,
such as the oxygen in hydroxide ion, are described as nucleophilic (“nucleus lov-
ing”). This reaction is an example of a nucleophilic substitution, because a nucle-
ophile substitutes itself for an atom or group in the original starting material.

By definition, the terms nucleophile and Lewis base are synonymous. All nucleo-
philes are Lewis bases. We commonly use the term nucleophile to refer to a Lewis
base that is attacking a nonhydrogen electrophilic atom, typically carbon. Nucleo-
philes, often denoted by the abbreviation Nu, may be negatively charged, as hydroxide,
or neutral, such as water, but every nucleophile contains at least one unshared pair of
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electrons. All Lewis acids are electrophiles, as shown carlier in the examples of Lewis
acid-base reactions. However, species such as HCI and CH;Cl, whose atoms have
closed outer shells and therefore are not Lewis acids, nonetheless may behave as elec-
trophiles because they possess polar bonds.

Nucleophilic substitution is a general reaction of haloalkanes, organic compounds
possessing carbon-halogen bonds. The two following equations are additional examples:

I i
CH;CCH,CH; + 1 —— CH;CCH,CH; + Br

Br I
H
CH5CH,I + :NH; —> CH5CH,NH + I~
1'1

Although the haloalkanes in these examples contain different halogens and varied
numbers and arrangements of carbon and hydrogen atoms, they behave very similarly
toward nucleophiles. We conclude that it is the presence of the carbon—halogen bond
that governs the chemical behavior of haloalkanes: The C-X bond is the structural
feature that directs the chemical reactivity—structure determines function. The C-X
bond constitutes the functional group, or the center of chemical reactivity, of the
haloalkane class of organic compounds. In the next section, we shall introduce the
major compound classes of organic compounds, identify their functional groups, and
briefly preview their reactivity.

IN S“HHHHY In Brgnsted-Lowry terms, acids are proton donors and bases are
proton acceptors. Acid-base interactions are governed by equilibria, which are quan-
titatively described by an acidity constant K,. Removal of a proton from an acid gen-
erates its conjugate base; attachment of a proton to a base forms its conjugate acid.
Lewis bases donate an electron pair to form a covalent bond with Lewis acids, a
process depicted by a curved arrow pointing from the lone pair of the base toward
the acid. Electrophiles and nucleophiles are species in organic chemistry that inter-
act very much like acids and bases. The carbon-halogen bond in the haloalkane is its
functional group. It contains an electrophilic carbon atom, which reacts with nucle-
ophiles in a process called nucleophilic substitution.

2-3 Functional Groups: Centers of Reactivity

Many organic molecules consist predominantly of a backbone of carbons linked by
single bonds, with only hydrogen atoms attached. However, they may also contain
doubly or triply bonded carbons, as well as other elements. These atoms or groups
of atoms tend to be sites of comparatively high chemical reactivity and are referred
to as functional groups or functionalities. Such groups have characteristic proper-
ties, and they control the reactivity of the molecule as a whole.

Hydrocarbons are molecules that contain only hydrogen and carbon
We begin our study with hydrocarbons, which have the general empirical formula
C,H,. Those containing only single bonds, such as methane, ethane, and propane, are
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called alkanes. Molecules such as cyclohexane, whose carbons form a ring, are called
cycloalkanes. Alkanes lack functional groups; as a result, they are relatively nonpo-
lar and unreactive. The properties and chemistry of the alkanes are described in this
chapter and in Chapters 3 and 4.

Alkanes
H,
C
H3$/ CH,
HZC\C _CH,
CH, CH;—CH;  CH;—CH,—CH; H,
Methane Ethane Propane Cyclohexane

Double and triple bonds are the functional groups of alkenes and alkynes, respec-
tively. Their properties and chemistry are the topics of Chapters 11 through 13.

Alkenes and Alkynes

H
N\
CH,=CH, /C=CH2 HC=CH CH;—C=CH
CH,
Ethene Propene Ethyne Propyne
(Ethylene) (Acetylene)

A special hydrocarbon is benzene, CsHg, in which three double bonds are incor-
porated into a six-membered ring. Benzene and its derivatives are traditionally called
aromatic, because some substituted benzenes do have a strong fragrance. Aromatic
compounds are discussed in Chapters 15. 16. 22, and 25.

Aromatic Compounds

i K
H\$/C\(‘:/H H\(IZ/C\ _H
I ]
C © C
H H
Benzene Methylbenzene
(Toluene)

Many functional groups contain polar bonds

Polar bonds determine the behavior of many classes of molecules. Recall that polar-
ity is due to a difference in the electronegativity of two atoms bound to each other
(Section 1-3). We have already introduced the haloalkanes, which contain polar
carbon-halogen bonds as their functional groups. Chapters 6 and 7 will explore their
chemistry in depth. Another functionality is the hydroxy group, —-O-H, characteris-
tic of alcohols. The characteristic functional unit of ethers is an oxygen bonded to

two carbon atoms (—C—O—C—). The functional group in alcohols and in some
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ethers can be converted into a large variety of other functionalities and are therefore
important in synthetic transformations. This chemistry is the subject of Chapters 8

and 9.
Haloalkanes Alcohols Ethers
CH,CI: CH,CH,Cl: CH,OH CHCH,OH CH,0CH;  CH;CH,OCH,CH,
Chloromethane Chloroethane Methanol Ethanol Methoxymethane Ethoxyethane
(Methyl chloride) (Ethyl chloride) (Dimethyl ether) (Diethyl ether)
(Topical anesthetics) (Wood alcohol) (Grain alcohol) (A refrigerant) (An inhalation

anesthetic)

The carbonyl functional group, C=0, is found in aldehydes, in ketones, and,
in conjunction with an attached —OH, in the carboxylic acids. Aldehydes and ke-
tones are discussed in Chapters 17 and 18, the carboxylic acids and their derivatives
in Chapters 19 and 20.

Aldehydes Ketones Carboxylic Acids
: (ﬁ & TR :0:

| | | ..
HCH CH,CH or CH,CHO  CH,CCH, CH,CH,CCH, HCOH or HCOOH
Formaldehyde Acetaldehyde Propanone Butanone or HCO-H
(Acetone) (Methyl ethyl ketone) P o—— a;i d

(A disinfectant) (A hypnotic) (Common solvents) (Strong irritant)
2008

Il..
CH,COH or CH;COOH
or CH3CO:H
Acetic acid

(In vinegar)

Other elements give rise to further characteristic functional groups. For example,
alkyl nitrogen compounds are amines. The replacement of oxygen in alcohols by sul-
fur furnishes thiols.

Amines A Thiol
i
CH3NH3 CH3NCH3 or (CH3)2NH CH3SH
Methanamine N-Methylmethanamine Methanethiol
(Methylamine) (Dimethylamine)
(Used in tanning) (Excreted after

we eat asparagus)

R represents a part of an alkane molecule

Table 2-3 depicts a selection of common functional groups, the class of compounds
to which they give rise, a general structure, and an example. In the general structures,
we commonly use the symbol R (for radical or residue) to represent an alkyl group,
a molecular fragment derived by removal of one hydrogen atom from an alkane
(Section 2-5). Therefore, a general formula for a haloalkane is R-X, in which R stands
for any alkyl group and X for any halogen. Alcohols are similarly represented as
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THHI.E IR  Common Functional Groups

Q‘hc letter R denotes an alkyl group (sec text). Different alkyl groups can be distinguished by adding primes to the letter R: R’, R”, and so forth.

Compound class General structure” Functional group Example
Alkanes R—H None CH;CH,CH,CH;
Butane
Haloalkanes R—X:(X =F CLBr.]) —X: CH;CH,—Br:
Bromoethane
|
Alcohols R—OH —OH (CH3),C—OH
2-Propanol
(Isopropyl alcohol)
Ethers R—O—R' —0— CH;CH,—O—CH,
pu Methoxyethane
(Ethyl methyl ether)
Thiols R—SH —SH CH;CH,—SH
Ethanethiol
(H)R R(H) CH;
Alkenes >C=C< >C =C< >C =CH,
(H)R R(H) CH;
2-Methylpropene
Alkynes (H)R—C=C—R(H) —(C=C— CH;C=CCH;
2-Butyne
T | o
(H)R C R(H) C C
: \C/ \C/ \C/ \C/ HC/ NCH
Aromatic compounds I | I | [ |
C C C C HC CH
(H)R/ \C/ \R(H) ~ \C/ ~ \C/
| | H
R(H) Methylbenzene
(Toluene)
: (”) : : (”) : 3 (”) 3
Aldehydes R—C—H =—(C—I5l CH;CH,CH
Propanal
3 ?l) 3 3 ﬁ 2 5 ﬁ 3
Ketones R—C—R’ == CH;CH,CCH,CH,CHj;
3-Hexanone
: (”) & 2 ﬁ : 3 C“) 3
Carboxylic acids R—C—O—H —C—OH CH3CH,COH
Propanoic acid
” ” :i): :(I?: :(Il)::(”):
50 o0 He o
Anhydrides R—C—Q—-C—-R’(H) —C—Q—-C— CH;CH,COCCH,CHj3

Propanoic anhydride

4
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TRBLE RN (continued)

\

\ R"(H)

Compound class General structure” Functional group Example
:(I?: :(”) : :(”):

Esters (HR—C—O—R’ —C—0— CH,CH,COCH;
Methy] propanoate
(Methy] propionate)

:ﬁ: :(”) g :(“):
Amides R—C—N—R'(H) —c~rf— CH,CH,CH,CNH,
R'(H) Butanamide

Nitriles R—C=N: —C=N: CH;C=N:
Ethanenitrile
(Acetonitrile)

Amines R—N—R’(H) —i\}< (CH,);N':
N,N-Dimethylmethanamine

(Trimethylamine)

R—O-H. In structures that contain multiple alkyl groups, we add a prime (') or dou-
ble prime (”) to R to distinguish groups that differ in structure from one another. Thus
a general formula for an ether in which both alkyl groups are the same (a symmet-
rical ether) is R—-O—R, whereas an ether with two dissimilar groups (an unsym-
metrical ether) is represented by R—-O-R’.

2-4 Straight-Chain and Branched Alkanes

The functional groups in organic molecules are typically attached to a hydrocarbon
scaffold constructed only with single bonds. Substances consisting entirely of single-
bonded carbon and hydrogen atoms and lacking functional groups are called
alkanes. They are classified into several types according to structure: the linear
straight-chain alkanes; the branched alkanes, in which the carbon chain contains
one or several branching points; and the cyclic alkanes, or cycloalkanes, which will
be covered in Chapter 4.

A Straight-Chain Alkane

A Branched Alkane A Cycloalkane

W
CH;—CH,—CH,—CH;_ CH3—$—H (|3H2—$H2
CH, CH,—CH,

2-Methylpropane, C;H,,
(Isobutane)
4

Butane, C;H,, Cyclobutane, C Hg

Straight-chain alkanes form a homologous series

In the straight-chain alkanes, each carbon is bound to its two neighbors and to two
hydrogen atoms. Exceptions are the two terminal carbon nuclei, which are bound to
only one carbon atom and three hydrogen atoms. The straight-chain alkane series may
be described by the general formula H-(CH,),—H. Each member of this series

90 Nodel
@ Building
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HBLE 2-4 k

Number of Possible
[someric Rlkanes, CH,,.,
n Isomers
1 1
2 1
3 1
4 2
5 3
6 5
7 9
8 18
9 35
10 75
15 4,347
20 366,31y

Q
@ Nodel
Q’Buildinq

f
CH;—C—(CH,),—CH;
H

An isoalkane
(e.g., n = 1, isopentane)

CH,
CH,—C—(CH,),—H
CH.

A neoalkane
(e.g., n = 2, neohexane)

differs from the next lower one by the addition of a methylene group, ~CH,—. Mol-
ecules that are related in this way are homologs of each other (homos, Greek, same
as), and the series is a homologous series. Methane (12 = 1) is the first member of
the homologous series of the alkanes, ethane (n = 2) the second, and so forth.

Branched alkanes are constitutional isomers of straight-chain
alkanes
Branched alkanes are derived from the straight-chain systems by removal of a hy-
drogen from a methylene (CH,) group and replacement with an alkyl group. Both
branched and straight-chain alkanes have the same general formula, C,H,,.> The
smallest branched alkane is 2-methylpropane. It has the same molecular formula as
that of butane (C4H,() but different connectivity: the two compounds therefore form
a pair of constitutional isomers (Section 1-9).

For the higher alkane homologs (17 > 4), more than two isomers are possible. There
are three pentanes, CsH;,. as shown below. There are five hexanes, C¢H,4; nine hep-
tanes, C;H,¢: and eighteen octanes, CgH;g.

The Isomeric Pentanes

P
CH;—CH,—CH,—CH,—CH; CH;—CH, —?H CH3—(|?—CH3
CH3 CH3
Pentane 2-Methylbutane 2,2-Dimethylpropane
(Isopentane) (Neopentane)

The number of possibilities in connecting n carbon atoms to each other and to 2n + 2
surrounding hydrogen atoms increases dramatically with the size of n (Table 2-4).

(a) Draw the structures of the five isomeric hexanes. (b) Draw the structures of all the
possible next higher and lower homologs of 2-methylbutane.

2-5 Naming the Alkanes

The multiplicity of ways of assembling carbon atoms and attaching various sub-
stituents accounts for the existence of the very large number of organic molecules.
This diversity poses a problem: How can we systematically differentiate all these
compounds by name? Is it possible. for example. to name all the C¢H;, isomers
so that information on any of them (such as boiling points, melting points. reac-
tions) might easily be found in the index of a handbook? And is there a way to
name a compound that we have never seen in such a way as to be able to draw its
structure?

This problem of naming organic molecules has been with organic chemistry from
its very beginning, but the initial method was far from systematic. Compounds have
been named after their discoverers (“Nenitzescu’s hydrocarbon™), after localities
(“sydnones™), after their shapes (“cubane,” “basketane”), and after their natural
sources (“vanillin”). Many of these common or trivial names are still widely used.
However, there now exists a precise system for naming the alkanes. Systematic
nomenclature, in which the name of a compound describes its structure, was first in-
troduced by a chemical congress in Geneva, Switzerland, in 1892. It has continually




THBLE K Names and Physical Properties of Straight-Chain \
Atkanes, CH;,4,
Boiling Melting
point point Density at 20°C

n Name Formula °C) °C) (g mI™")

1  Methane CH, —-161.7 —182.5 0.466 (at —164°C)

2 Ethane CH;CH; —88.6 —183.3 0.572 (at —100°C)

3 Propane CH,CH,CH; —42.1  —187.7  0.5853 (at —45°C)

4  Butane CH,CH,CH,CH; -05 —1383 05787

5  Pentane CH;(CH,);CH; 36.1 —129.8 0.6262

6  Hexane CH;(CH,)4CH; 68.7 -95.3 0.6603

7  Heptane CH;(CH,)sCH; 98.4 —-90.6 0.6837

8  Octane CH;(CH,)sCH; 125.7 -56.8  0.7026

9  Nonane CH;(CH,),CH; 150.8 —535 0.7177

10  Decane CH5(CH,)3CH3; 174.0 —29.7 0.7299

11 Undecane CH,(CH,)oCHs 195.8 —-256  0.7402

12 Dodecane CH;(CH,),,CH; 2163 —9.6  0.7487

13 Tridecane CH;(CH,),;CH; 2354 =55 0.7564

14  Tetradecane CH;(CH,),>CHj3 253.7 5.9 0.7628

15 Pentadecane CH3(CH,),3CH; 270.6 10 0.7685

16 Hexadecane CH;(CH,),4CH3 287 18.2 0.7733

17  Heptadecane = CH3(CH,),sCH; 301.8 29, 0.7780

18  Octadecane CH3(CH,),,CH; 316.1 28.2 0.7768

19  Nonadecane CH3(CH,),,CH; 329.7 32.1 0.7855
@ Icosane CH;(CH,),sCH; 343 36.8  0.7886 /

been revised since then, mostly by the International Union of Pure and Applied Chem-
istry IUPAC). Table 2-5 gives the systematic names of the first 20 straight-chain
alkanes. Their stems, mainly of Latin or Greek origin, reveal the number of carbon
atoms in the chain. For example, the name heptadecane is composed of the Greek
word hepta, seven, and the Latin word decem, ten. The first four alkanes have spe-
cial names that have been accepted as part of the systematic nomenclature but also
all end in -ane. It is important to know these names, because they serve as the basis
for naming a large fraction of all organic molecules. A few smaller branched alkanes
have common names that still have widespread use. They make use of the prefixes
iso- and neo-, as in isobutane, isopentane, and neohexane.

Draw the structures of isohexane and neopentane.

As mentioned in Section 2-4, an alkyl group is formed by the removal of a hydro-
gen from an alkane. It is named by replacing the ending -ane in the corresponding
alkane by -yl, as in methyl, ethyl, and propyl. Table 2-6 shows a few branched alkyl
groups having common names. Note that some use the prefixes sec- (or s-), which
stands for secondary, and tert- (or t-), for tertiary. To apply these prefixes, we must
first see how to classify carbon atoms in organic molecules. A primary carbon is
one attached directly to only one other carbon atom. For example, all carbon atoms
at the ends of alkane chains are primary. The hydrogens attached to such carbons are
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Propane, stored under pressure
in liquefied form in canisters
such as these, is a common
fuel for torches, lanterns, and
outdoor cooking stoves.

A
O -

Alkyl groups

CH;—
Methyl

CH;— CH,—
Ethyl

CH;—CH,— CH,—
Propyl
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THBI.E PRI Branched Alkyl Groups \

K CH;

Structure Common name Example of common name in use Systematic name  Type of group
CH; ?HJ
CH;— ('j—- Isopropyl CH;—C—CI (Isopropyl chloride) 1-Methylethy]l Secondary
i JI
CH: CH;
CH;—C—CH,—  Isobutyl CH;— C— CH; (Isobutane) 2-Methylpropyl Primary
H H
CH; CH;
CH;—CH,— (IZ— sec-Butyl CH;—CH,;—C—NH, (sec-Butyl amine) 1-Methylpropyl Secondary
i h
CH; CH;
CH;— (IZ — tert-Butyl CH;— CI—Br (tert-Butyl bromide) 1.1-Dimethylethyl Tertiary
i h
CH; CH,
CH;— (:: —CH,— Neopentyl CH;— (IZ —CH,—OH (Neopentyl alcohol) 2.2-Dimethylpropyl Primary

CH; /

designated primary hydrogens, and an alkyl group created by removing a primary hy-
drogen also is called primary. A secondary carbon is attached directly to two other
carbon atoms, and a tertiary carbon to three others. Their hydrogens are labeled sim-
ilarly. As shown in Table 2-6, removal of a secondary hydrogen results in a second-
ary alkyl group, and removal of a tertiary hydrogen in a tertiary alkyl group. Finally.
a carbon bearing four alkyl groups is called quaternary.

Primary, Secondary, and Tertiary Carbons and Hydrogens

Primary C \\
Secondary C \3\ (I:H3 : — Tertiary C

CH-CH,CCH,CHj

Primary H 2 l \‘\
H Secondary H
"\&\ Tertiary H

3-Methylpentane

| . : .
Label the primary, secondary, and tertiary hydrogens in 2-methylpentane (isohexane).

The information in Table 2-5 enables us to name the first 20 straight-chain al-
kanes. How do we go about naming branched systems? A set of [IUPAC rules makes
this a relatively simple task, as long as they are followed carefully and in sequence.
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IUPAC RULE 1. Find the longest chain in the molecule and name it. This task is not
as easy as it seems. The problem is that, in the condensed formula, complex alkanes
may be written in ways that mask the identity of the longest chain. In the following
examples, the longest chain, or stem chain, is clearly marked; the alkane stem gives
the molecule its name. Groups other than hydrogen attached to the stem chain are
called substituents.

Methyl
2> CH, CHCH, CH,CH.CHACH, A T

Ethyl in black in the examples

|
CH;CHCH,CH; CH;CHCH,CH,CHCH,CH; in this section.

A methyl-substituted butane An ethyl- and methyl-substituted decane
(A methylbutane) (An ethylmethyldecane)

If a molecule has two or more chains of equal length, the chain with the largest
number of substituents is the base stem chain.
(oo oo\ tre

CH; $H3 C|H3 $H3 “i’,.\}i\o%w\}("\

|
CH,CHCHCHCHCH,CH, not CH,CHCHCHCHCH,CH, -
CHy CH CHs CH [P S 1N

3 2 3 2 e’
| | A
(|:H2 (|:H2
CH; CH,

4 substituents 3 substituents

A heptane A heptane
Correct stem chain Incorrect stem chain

Here are two more examples, drawn with the use of bond-line notation:

Methyl —\SN/k/

A methylbutane An ethylmethyldecane

<—S— Ethyl

IUPAC RULE 2. Name all groups attached to the longest chain as alkyl substituents.
For straight-chain substituents, Table 2-5 can be used to derive the alkyl name. How-
ever, what if the substituent chain is branched? In this case, the same IUPAC rules
apply to such complex substituents: First, find the longest chain in the substituent;
next, name all its substituents.

IUPAC RULE 3. Number the carbons of the longest chain beginning with the end
that is closest to a substituent.

CH,

I
CH;CHCH,CH,
1 2 3 4
not 4 3 2 1
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If there are two substituents at equal distance from the two ends of the chain, use
the alphabet to decide how to number. The substituent to come first in alphabetical
order is attached to the carbon with the lower number.

CH;CH, (|:H3
CH,CH,CHCH,CH,CHCH,CH,
1 2 3 4 5 6 7 8 17 15 13 11 9 7 5 3
Ethyl before methyl Butyl before propyl

What if there are three or more substituents? Then number the chain in the
direction that gives the lower number at the first difference between the two possible
numbering schemes. This procedure follows the first point of difference principle.

CI:H3 C H3 CI:H3
CH;CH,CHCH,CH,CH,CH,CHCH,CHCH,CH; ~ Numbers for

substituted carbons:
1 2 3 4 5 6 7 8 9 10 11 12 < 3,8, and 10 (incorrect)

12 1 10 9 8 7 6 5 4 3 2 1 <— 3,5 and 10 (correct;
5 lower than 8)

3,5,10-Trimethyldodecane

Substituent groups are numbered outward from the main chain, with C1 of the group
being the carbon attached to the main stem.

IUPAC RULE 4. Write the name of the alkane by first arranging all the substituents
in alphabetical order (each preceded by the carbon number to which it is attached
and a hyphen) and then adding the name of the stem. Should a molecule contain more
than one of a particular substituent, its name is preceded by the prefix di, tri, tetra,
penta, and so forth. The positions of attachment to the stem are given collectively be-
fore the substituent name and are separated by commas. These prefixes, as well as

5-Ethyl-2,2-dimethyloctane

(““di” not counted in

alphabetical ordering) sec- and fert-, are not considered in the alphabetical ordering, except when they are
- part of a complex substituent name.
CH3 (|:H3 CI:Hx (|:H3
I
5 3 , CH;CHCH,CH; CH_;CH?HCH_; CH3CHCH2CH2CHCH2CIICH3
4 2
5-(1,1-Dimethylethyl)-3- CH; R CH;CH, CH;
ethyloctane 2-Methylbutane 2,3-Dimethylbutane 4-Ethyl-2,2,7-trimethyloctane

(“di” counted: part
of substituent name)

S

CH,CH;

\o EH3CH2CHC|5HCH3

L CH
. B
4,5-Diethyl-3,6-dimethyldecane 3-Ethyl-2-methylpentane
~ — S

"0

Although the common group names in Table 2-6 are permitted by IUPAC, it is

preferable to use systematic names. Such complex names are usually enclosed in
parentheses to avoid possible ambiguities.
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If a particular complex substituent is present more than once, its name is preceded
by the prefix bis, tris, tetrakis, p@his, and so on. In a substituent chain, the carbon
numbered one (C1) is always the carbon atom bound to the stem chain.

o
CH,
First substituent at position 2 |
E:Smc;;l:[fo?]l-liyl group (}/ determines numbering CH,
attached to 2
the base stem CH2 CH,

Longest chain

chosen has H—C (|: —CH,

highest number

3 g of substituents I
(|2H2 H
4-(1-Ethylpropyl)-2,3,5-trimethylnonane CH, ([?Ha
H—C——C—CH;
CH; | |
| CH, H
CH;CH |
| > CH,
CH;CH,CH,CHCH,CH,CH; |
4-(1-Methylethyl)heptane cl:Hf’-
(4-Isopropylheptane)
propyihep CH3
5,8-Bis(1-methylethyl)-
dodecane

Write down the names of the preceding eight branched alkanes, close the book, and re-
construct their structures from those names.

e

To name’hal;@gve treat the halogen as a substituent to the alkane frame-
work. As usual, the longest (stem) chain is numbered so that the first substituent from
either end receives the lowest number. Substituents are ordered alphabetically, and
complex appendages are named according to the rules used for complex alkyl groups.

CH;
CH3(|3CH3
CH; CH, CléCH3
CH;é—Br FCH2C|3CH3 (|:H2
CHsl CIZH3 I!I CH3CH2CH2CH2CH2(|:HCH2CH2CH2CH2CH3
Iodomethane 2-Bromo-2-methylpropane 1-Fluoro-2-methylpropane 6-(2-Chloro-2,3,3-trimethylbutyl)u_xﬂggn_e

Common names are based on the older term alkyl! halide. For example, the first
three structures above have the common names methyl iodide, tert-butyl bromide, and
isobutyl fluoride, respectively. Some chlorinated solvents have common names: for ex-
ample, carbon tetrachloride, CCly; chloroform, CHCl;; and methylene chloride, CH,Cl,.

| Draw the structure of 5-butyl-3-chloro-2,2,3-trimethyldecane.

Further instructions on nomenclature will be presented when new classes of com-
pounds, such as the cycloalkanes, are introduced.
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H HH H
\C/ \C/
/7 N\ ./ ./
C K
/\\ /\
H HH H

H HH HH H
\/I \III \I/

¢ ¢ ¢
SN NN
¢ c

VA AN
H HH H

Figure 2-4

Dashed-wedged line structures

of methane through pentane.
Note the zigzag arrangement

of the principal chain and two

terminal hydrogens.

l" SUHHHRY Four rules should be applied in sequence when naming a branched
alkane: (1) Find the longest chain; (2) find the names of all the alkyl groups attached
to the stem; (3) number the chain; (4) name the alkane, with substituent names in al-
phabetical order and preceded by numbers to indicate their locations. Haloalkanes are
named in accord with the rules that apply to naming the alkanes, the halo substituent
being treated the same as alkyl groups.

2-6 Structural and Physical Properties of Alkanes

The common structural feature of all alkanes is the carbon chain. This chain influ-
ences the physical properties of not only alkanes but also any organic molecules
possessing such a backbone. This section will address the properties and physical ap-
pearance of such structures.

Alkanes exhibit regular molecular structures and properties

The structural features of the alkanes are remarkably regular. The carbon atoms are

tetrahedral, w1th bond angles close to 109° and with regular C-H (= 1.10 A) and
C-C(=154 A) bond lengths. Alkane chains often adopt the zigzag patterns used in

bond-line notation (Figure 2-3). To depict three-dimensional structures, we shall make

use of the dashed-wedged line notation (see Figure 1-23). The main chain and a hy-

drogen at each end are drawn in the plane of the page (Figure 2-4).

Fiqure -3
Ball-and-stick (top) and space-filling molecular models of hexane, showing the zigzag pattern of
the carbon chain typical of the alkanes. [Model sets courtesy of Maruzen Co., Ltd., Tokyo.]

N AA

\/_\7“.
" EHERCISE 2:16 1

| Draw zigzag dashed-wedged line structures fo 2-meth)'lbutane and 2,3-dimethylbutane.

~———

The regularity in alkane structures suggests that their physical constants would
follow predictable trends. Indeed, inspection of the data presented in Table 2-5 re-
veals regular incremental increases along the homologous series. For example, at
room temperature (25°C), the lower homologs of the alkanes are gases or colorless
liquids. the higher homologs waxy solids. From pentane to pentadecane, each addi-
tional CH, group causes a 20-30°C increase in boiling point (Figure 2-5).
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Attractive forces between molecules govern the physical

properties of alkanes

Why are the physical properties of alkanes predictable? Such trends exist because of
intermolecular or van der Waals* forces. Molecules exert several types of attractive
forces on each other, causing them to aggregate into organized arrangements as solids
and liquids. Most solid substances exist as highly ordered crystals. Jonic compounds,
such as salts, are rigidly held in a crystal lattice, mainly by strong Coulomb forces.
Nonionic but polar molecules, such as chloromethane (CH;Cl), are attracted by
weaker dipole—dipole interactions, also of coulombic origin (Sections 1-2 and 6-1).
Finally, the nonpolar alkanes attract each other by London" forces, which are due to
electron correlation. When one alkane molecule approaches another, repulsion of
the electrons in one molecule by those in the other results in correlation of their move-
ment. Electron motion causes temporary bond polarization in one molecule; corre-
lated electron motion in the bonds of the other induces polarization in the opposite
direction, resulting in attraction between the molecules. Figure 2-6 is a simple pic-
ture comparing ionic, dipolar, and London attractions.

London forces are very weak. In contrast with Coulomb forces, which change with
the square of the distance between charges, London forces fall off as the sixth power
of the distance between molecules. There is also a limit to how close these forces can
bring molecules together. At small distances, nucleus—nucleus and electron—electron
repulsions outweigh these attractions.

How do these forces account for the physical constants of elements and com-
pounds? The answer is that it takes energy, usually in the form of heat, to melt solids
and boil liquids. For example, to cause melting, the attractive forces responsible for
the crystalline state must be overcome. In an ionic compound, such as sodium acetate
(Figure 2-6A), the strong interionic forces require a rather high temperature (324°C)

*Professor Johannes D. van der Waals (1837-1923), University of Amsterdam, Netherlands,
Nobel Prize 1910 (physics).

"Professor Fritz London (1900-1954), Duke University, North Carolina. Nore: In older references
the term “van der Waals forces™ referred exclusively to what we now call London forces; van der
Waals forces now refers collectively to all intermolecular attractions.

Figure 2-5

The physical constants of
straight-chain alkanes. Their
values increase with increasing
size because London forces
increase. Note that even-
numbered systems have
somewhat higher melting
points than expected; these
systems are more tightly
packed in the solid state
(notice their higher densities),
thus allowing for stronger
attractions between molecules.

The alkanes C,oHgo and
C;,Heg, constitute the waxy,
water-repellent coatings on
these wild lupine leaves.
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Figure 2-6

(A) Coulombic attraction in an ionic compound: crystalline sodium acetate, the sodium salt of
acetic acid (in vinegar). (B) Dipole—dipole interactions in solid chloromethane. The polar
molecules arrange to allow for favorable coulombic attraction. (C) London forces in crystalline
pentane. In this simplified picture, the electron clouds as a whole mutually interact to produce
very small partial charges of opposite sign. The charge distributions in the two molecules change
continually as the electrons continue to correlate their movements.

for the compound to melt. In alkanes, melting points rise with increasing molecular
size: Molecules with relatively large surface areas are subject to greater London
attractions. However, these forces are still relatively weak, and even high molecular
weight alkanes have rather low melting points. For example, the straight-chain alka-
nes CooHgp and C;3;Hgy, waxy solids present in the protective coatings of plant leaves,

have melting points below 70°C.

CHEMICAL HIGHLIGHT 2-1

“Sexual Swindle” by Means of Chemical Mimicry

1l oneybees pollinate flowers. We have all watched
Il nature programs and been told by extremely
authoritative-sounding narrators that “Instinct tells

the honeybee which flower to pollinate...,” etc., etc.
Instinct, schminstinct. Sex tells the honeybee which
flower to pollinate. Female honeybees of the species
Andrena nigroaenea produce a complex mixture of at
least 14 alkanes and alkenes containing 21 to 29 car-
bon atoms. The fragrance of this mixture attracts
males of the same species. Such sex attractants, or
pheromones (see Section 12-17), are ubiquitous in the
animal kingdom and are typically quite species spe-
cific. As we have seen, alkanes also include the waxy
coatings on leaves that prevent loss of water. The or-
chid Ophrys sphegodes relies on the male Andrena
honeybee for pollination. Remarkably, in the orchid,

the leaf wax has a composition almost identical to
that of the Andrena pheromone mixture: The three
major compounds in both the pheromone and in the
wax are the straight-chain alkanes tricosane (C,3Hyg),
pentacosane (C,sHs,), and heptacosane (C,7Hsg) in a
3:3:1 ratio. This is an example of what is termed
“chemical mimicry,” the use by one species of a
chemical substance to elict a desired, but not neces-
sarily normal response from another species. The or-
chid is even more innovative than most plants, be-
cause its flower, whose shape and color already
resemble those of the insect, also produces the
pheromonelike mixture in high concentration. Thus
the male bee is hopelessly attracted to this specific
orchid by what is termed by the discoverers of this
phenomenon a case of “sexual swindle.”

=




2-7 Rotation About Single Bonds. Conformations | mn

For a molecule to escape these same attractive forces in the liquid state and enter AN
the gas phase, more heat has to be applied. When the vapor pressure of a liquid equals Octane
atmospheric pressure, boiling occurs. Boiling points of compounds are also relatively
high if the intermolecular forces are relatively large. These effects lead to the smooth
increase in boiling points seen in Figure 2-5.

Branched alkanes have smaller surface areas than do their straight-chain isomers.

As a result, they are generally subject to smaller London attractions and are unable 2,2,3,3-Tetramethylbutane
to pack as well in the crystalline state. The weaker attractions result in lower melt-

ing and boiling points. Branched molecules with highly compact shapes are ex-

ceptions. For example, 2,2,3,3-tetramethylbutane melts at +101°C because of highly

favorable crystal packing (compare octane, m.p. —57°C). On the other hand, the

greater surface area of octane compared with that of the more spherical 2,2,3,3-

tetra-methylbutane is clearly demonstrated in their boiling points (126°C and 106°C,

respectively). Crystal packing differences also account for the slightly lower than

expected melting points of odd-membered straight-chain alkanes relative to those

of even-membered systems (Figure 2-5).

IN S“HNHHY Straight-chain alkanes have regular structures. Their melting points,
boiling points, and densities increase with molecular size and surface area because
of increasing attraction between molecules.

2-1 Rotation About Single Bonds: Conformations

We have considered how intermolecular forces can affect the physical properties of
molecules. These forces act berween molecules. In this section, we shall examine how
the forces present within molecules (i.e., intramolecular forces) make some arrange-
ments in space energetically more favorable than others.

Rotation interconverts the conformations of ethane

If we build a molecular model of ethane, we can see that the two methyl groups are

readily rotated with respect to each other. The energy required to move the hydrogen 'HU.IIEI
atoms past each other, the barrier to rotation, is only 2.9 kcal mol ™. This value turns Blllldllll]
out to be so low that chemists speak of “free rotation” of the methyl groups. In gen-

eral, there is free rotation about all single bonds at room temperature.

Figure 2-7 depicts the rotational movement in ethane by the use of dashed-wedged
line structures (Section 1-9). There are two extreme ways of drawing ethane: the stag-
gered conformation and the eclipsed one. If the staggered conformation is viewed along
the C—C axis, each hydrogen atom on the first carbon is seen to be positioned perfectly
between two hydrogen atoms on the second. The second extreme is derived from the
first by a 60° turn of one of the methyl groups about the C—C bond. Now, if this eclipsed
conformation is viewed along the C—C axis, all hydrogen atoms on the first carbon are
directly opposite those on the second—that is, those on the first eclipse those on the sec-
ond. A further 60° turn converts the eclipsed form into a new but equivalent staggered
arrangement. Between these two extremes, rotation of the methyl group results in nu-
merous additional positions, referred to collectively as skew conformations.

The many forms of ethane (and, as we shall see, substituted analogs) created by
such rotations are conformations (also called conformers and rotamers). All of them
rapidly interconvert at room temperature. The study of their thermodynamic and ki-
netic behavior is conformational analysis.
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H_ H
3% aH
che~

7N

Fiqure 2-7

Rotation in ethane: (A and C)
staggered conformations; (B)
eclipsed. There is virtually
“free rotation” between
conformers.

H H H H

60° \C%C/ 60° \C—C
0 H g/ \;{H 0 H g N\

60° 60°

Newman projections depict the conformations of ethane

A simple alternative to the dashed-wedged line structures for illustrating the con-
formers of ethane is the Newman* projection. We can arrive at a Newman projec-
tion from the dashed-wedged line picture by turning the molecule out of the plane of
the page toward us and viewing it along the C-C axis (Figure 2-8A and B). In this
notation, the front carbon obscures the back carbon, but the bonds emerging from
both are clearly seen. The front carbon is depicted as the point of juncture of the three
bonds attached to it, one of them usually drawn vertically and pointing up. The back
carbon is a circle (Figure 2-8C). The bonds to this carbon project from the outer
edge of the circle. The extreme conformational shapes of ethane are readily drawn
in this way (Figure 2-9). To make the three rear hydrogen atoms more visible in
eclipsed conformations, they are drawn somewhat rotated out of the perfectly eclips-
ing position.

The rotamers of ethane have different potential energies

The various rotamers of ethane do not all have the same potential energies. The stag-
gered rotamer is the lowest energy state of the molecule. As one methyl group turns
about the C-C axis with respect to the other methyl group, distortions of the bond
lengths and angles in the molecule arise and the central C—C bond weakens. As a
result, the potential energy rises steadily as the structure rotates from staggered through
skew to eclipsed conformations. At the point of eclipsing, the molecule has its high-
est energy content, about 2.9 kcal mol™' above the staggered conformation. The
change in energy resulting from bond rotation is called rotational or torsional en-
ergy, or torsional strain.

A potential-energy diagram (Section 2-1) can be used to picture the energy changes
associated with bond rotation. In the diagram for rotation of ethane (Figure 2-10), the
x axis denotes degrees of rotation, usually called torsional angle. The 0° starting point
is arbitrary in such plots; Figure 2-10 sets 0” at the energy minimum of a staggered
conformation, the most stable geometry of the ethane molecule. Notice that the
eclipsed rotamer occurs at an energy maximum: Its lifetime is extremely short (less

*Professor Melvin S. Newman (1908-1993), Ohio State University.
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Potential-energy diagram of the
rotational isomerism in ethane.
Because the eclipsed
conformations have the highest
energy, they correspond to
peaks in the diagram. These
maxima may be viewed as
transition states (TS) between
the more stable staggered
rotamers. The activation energy
(E,) corresponds to the barrier
to rotation.

/O Hodel
@ Building

than 107'? s), and it is in fact only a transition state between rapidly equilibrating
staggered arrangements. The 2.9 kcal mol ™' energy difference between the staggered
and eclipsed conformations therefore corresponds to the activation energy for the ro-
tational process.

All organic molecules with alkanelike backbones exhibit such rotational behav-
ior. The sections that follow will illustrate these principles in more complex alkanes.
Later chapters will show how the chemical reactivity of functionalized molecules can
depend on their conformational characteristics.

IN SUHHHHY Intramolecular forces control the arrangement of substituents on
neighboring and bonded carbon atoms. In ethane, the relatively stable staggered con-
formations are interconverted by rotation through higher energy transition states
in which the hydrogen atoms are eclipsed. Because the energy barrier to this motion
is so small, rotation is extremely rapid at ordinary temperatures. A potential-energy
diagram conveniently depicts the energetics of rotation about the C—C bond.

2-8 Rotation in Substituted Ethanes

How does the potential-energy diagram change when a substituent is added to ethane?
Consider. for example, propane, whose structure is similar to that of ethane. except
that a methyl group replaces one of ethane's hydrogen atoms.

Steric hindrance raises the energy barrier to rotation

A potential-energy diagram for the rotation about a C-C bond in propane is shown
in Figure 2-11. The Newman projections of propane differ from those of ethane only
by the substituted methyl group. Again, the extreme conformations are staggered and
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H CHj

H
H

Eclipsed

far away from each other as possible. This arrangement, called anti (i.e., opposed),
is the most stable because steric hindrance is minimized. Rotation of the rear carbon
in the Newman projections in either direction (in Figure 2-12, the direction is
clockwise) produces an eclipsed conformation with two CH;—H interactions. This
rotamer is 3.6 kcal mol~' higher in energy than the anti precursor. Further rotation
furnishes a new staggered structure in which the two methyl groups are closer than

E
E, = 3.2 keal mol !
H H H H H H H H
H H H H H H H H
H H H H
] I | | ] I |
0 60 120 180 240 300 360
Torsional angle
\’\ =
. \
Figure 2-11 \C ok S
Potential-energy diagram of rotation about either C~C bond in propane. Steric hindrance increases \D . ~N ooV A
the relative energy of the eclipsed form. \
( \N\Qy\r\y\ .'
\ RN
i d<
eclipsed. However, the activation barrier separating the two is 3.2 kcal mol ™', slightly Q0O O
higher than that for ethane. This energy difference is due to unfavorable interference oy el A ‘/\ .
between the methyl substituent and the eclipsing hydrogen in the transition state, a L S .
phenomenon called steric hindrance. This effect arises from the fact that two atoms O xC
or groups of atoms cannot occupy the same region in space. A o LA
o d . o 5 . 3 AV n N
Steric hindrance in propane is actually worse than the E, value for rotation indi- S BVAN ©
cates. Methyl substitution raises the energy not only of the eclipsed conformation, \ S
but also of the staggered (lowest energy, or ground state) conformation, the staggered
to a lesser extent because of less hindrance. Because the activation energy is equal
to the difference in energy between ground and transition states, the net result is a
small increase in E,.
There can be more than one staggered and one eclipsed
conformation: conformational analysis of butane
If we build a model and look at the rotation about the central C—C bond of butane,
we find that there are more conformations than one staggered and one eclipsed (Fig- Ko _dEl
ure 2-12). Consider the staggered conformer in which the two methyl groups are as Building
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CH; H(

CH,

Anti

Figure 2-12

Clockwise rotation of the rear
carbon along the C2—C3 bond
in a Newman projection (top)
and a ball-and-stick model
(bottom) of butane.

'H; CH; H;C CH; CH;
H;C H | H CH3
}? H H H HH 1.11{ H H
H H

—_—
— etc.

Gauche Gauche

they are in the anti conformation. To distinguish this conformer from the others, it is
named gauche (gauche, French, in the sense of awkward, clumsy). As a consequence
of steric hindrance, the gauche conformer is higher in energy than the anti conformer
by about 0.9 kcal mol

Further rotation (Figure 2-12) results in a new eclipsed arrangement in which the
two methyl groups are superposed. Because the two bulkiest substituents eclipse in
this rotamer, it is energetically highest, 4.9 kcal mol~' higher than the most stable
anti structure. Further rotation produces another gauche conformer. The activation
energy for gauche — gauche interconversion is 4.0 kcal mol~'. A potential-energy
diagram summarizes the energetics of the rotation (Figure 2-13). The most stable anti
conformer is the most abundant in solution (about 72% at 25°C). Its less stable gauche
counterpart is present in lower concentration (28%).

We can see from Figure 2-13 that knowing the difference in thermodynamic sta-
bility of two conformers (e.g.. 0.9 kcal mol ™' between the anti and gauche isomers)
and the activation energy for proceeding from the first to the second (e.g., 3.6 kcal
mol ') allows us to estimate the activation barrier of the reverse reaction. In this case,
E, for the gauche-to-anti conversion is 3.6 — 0.9 = 2.7 kcal mol ™.

EXERCISE 2-17

Draw a qualitative potential-energy diagram for rotation about the C3-C4 bond in
2-methylpentane. Show Newman projections for all conformations located at the maxi-
mum and minimum points on your graph. Describe similarities and differences with other
molecules discussed in this section.

WORKING WITH THE CONCEPTS First identify the structure of the molecule in question and the
| bond to be examined:

, CH;  c3-c4bond
!

‘ CH3_CH_CH3;L‘CH2_CH3
\

We have been asked to examine rotation about a bond between two CH, groups, each of

which contains one alkyl substituent. This situation therefore resembles rotation about
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the C2-C3 bond in butane (see Figures 2-12 and 2-13), and the Newman projections and

potential-energy diagram will be similar:

-~ Figure 2-13

Potential-energy diagram of
the rotation about the C2-C3
bond in butane. There are three
processes: anti — gauche
conversion with E,; = 3.6 kcal

H CH(CH,), H,C CH(CH3), H CH(CH3), mol™'; gauche — gauche
rotation with E,, = 4.0 kcai
H H CH, mol~'; and gauche — anti
H CH, H H H HH H transform_a]tion with E3 = 2.7
kcal mol ™ ".
E
CH(CHy), CH(CH3), CH(CH3), CH(CH3),
H H H;C H H CH; H H
H H H H H H H H
CH;,4 H H CH;
| l | I l | |
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The single difference is that one of the alkyl groups is a 1-methylethyl (isopropyl) sub-
stituent instead of CHs. Because of its greater size, the energies of all its steric interac-
tions will be larger, and this effect will be most severe in conformations that bring the
two alkyl groups into close proximity. Therefore, the energy differences between the anti
and all other conformations will increase, with the greatest increase at 180°.

Draw the expected potential-energy diagram for the rotation about the C2—-C3 bond in

2.3-dimethylbutane. Include the Newman projections of each staggered and eclipsed
conformation.

THE BIG PICTURE

The familiar chemistry of acids and bases provides a framework for understanding
many of the most important reactions between organic molecules. Much of the chem-
istry we explore in the upcoming chapters expands upon the concept that electrophiles
and nucleophiles are mutually attractive species, analogous to acids and bases. By
identifying polar sites in molecules, we can develop the ability to understand, and
even to predict, what kinds of reactions these molecules undergo.

The sites of reactivity in organic molecules are called functional groups. Func-
tional groups serve to characterize the main classes of organic compounds. Begin-
ning in Chapter 6 and continuing through to the end of the course, we will discuss
these compound classes one by one, examining how their properties and reactivity
arise from their structural characteristics.

Most organic molecules consist of hydrocarbon skeletons with functional groups
attached. We began a study of these skeletons with a discussion of the names and
structures of alkanes, hydrocarbons that lack functional groups. We presented concepts
of molecular motion and their associated energy changes. These ideas will underlie
the behavior of molecules of all types, and we will return to them frequently.

Chapter Integration Problems

2-19. Consider the alkane shown in the margin.
a. Name this molecule according to the IUPAC system.

SOLUTION:

Step 1. Locate the main, or stem, chain, the longest one in the molecule (shown in black in
the illustration on the next page). Do not be misled: The drawing of the stem chain can have
almost any shape. The stem has eight carbons, so the base name is octane.

Step 2. Identify and name all substituents (shown in color): two methyl groups. an ethyl group.
and a fourth, branched substituent. The branched substituent is named by first giving the num-
ber 1 (italicized in the illustration on p. 85) to the carbon that connects it to the main stem. By
numbering away from the stem, we reach the number 2; therefore, the substituent is a deriva-
tive of the ethyl group (in green), onto which is attached a methyl group (red) at carbon 1.
Thus, this substituent is called a 1-methylethyl group.

Step 3. Number the stem chain, starting at the end closest to a carbon bearing a substituent.
The numbering shown gives a methyl-substituted carbon the number 3. Numbering the oppo-
site way would have C4 as the lowest numbered substituted carbon.

Step 4. Arrange the names of substituents alphabetically in the final name: ethyl comes first:
then methyl comes before methylethyl (the “di” in dimethyl, denoting two methyl groups, is
not considered in alphabetization because it is a multiplier of a substituent name and is there-
fore not considered part of the name). For more practice naming, see Problem 28.
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4-Ethyl-3,4-dimethyl-5-(1-methylethyl)octane

b. Draw structures to represent rotation about the C6-C7 bond. Correlate the structures that
you draw with a qualitative potential energy diagram.

SOLUTION:

Step 1. Identify the bond in question. Notice that much of the molecule can be treated sim-
ply as a large, complicated substituent on C6, the specific structure of which is unimportant.
For the purpose of this question, this large substituent may be replaced by R. The “action” in
this problem takes place between C6 and C7:

6 =R/6\/

7 7

Step 2. Recognize that step 1 simplified the problem: Rotation about the C6—C7 bond will
give results very similar to rotation about the C2—C3 bond in butane. The only difference is
that a large R group has replaced one of the smaller methyl groups of butane.

Step 3. Draw conformations modeled after those of butane (Section 2-8) and superimpose them
on an energy diagram similar to that in Figure 2-13. The only difference between this diagram
and that for butane is that we do not know the exact heights of the energy maxima relative to
the energy minima. However, we can expect them to be higher, qualitatively, because our R
group is larger than a methyl group and thus can be expected to cause greater steric hindrance.

¢. Two alcohols derived from this alkane are illustrated in the margin. Alcohols are catego- OH
rized on the basis of the type of carbon atom that contains the —OH group (primary, second-
ary, or tertiary). Characterize the alcohols shown in the margin.

SOLUTION:
In alcohol 1, the —OH group is located on a carbon atom that is directly attached to one other
carbon, a primary carbon. Therefore, alcohol 1 is a primary alcohol. Similarly, the — OH group Alcohol 1

in alcohol 2 resides on a tertiary carbon (one attached to three other carbon atoms). It is a ter-
tiary alcohol.

d. The —O-H bond in an alcohol is acidic to a similar degree to that in water. Primary alco-
hols have K, =~ 1074 tertiary alcohols K, =~ 10~'%. What are the approximate pK, values for
alcohols 1 and 2? Which is the stronger acid?

SOLUTION:
The pK, for alcohol 1 is approximately 16 (—log K,); that for alcohol 2 is about 18. Alcohol OH

1, with the lower pK, value, is the stronger acid. Alcohol 2

e. In which direction does the following equilibrium lie? Calculate K, the equilibrium con-
stant, and AG®, the free energy change, associated with the reaction as written in the left-to-
right direction.
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SOLUTION:

The stronger acid (alcohol 1) is on the left; the weaker (alcohol 2) is on the right. Recall the
relation between conjugate acids and bases: Stronger acids have weaker conjugate bases, and
vice versa. Relatively speaking, therefore, we have

Conjugate base Conjugate base
Alcohol 1 55 of alcohol 2 — of alcohol 1 95 Alcohol 2
(Stronger acid) (Stronger base) (Weaker base) (Weaker acid)

The equilibrium lies to the right, on the side of the weaker acid-base pair. Recall that K > 1
and AG® <0 for a reaction that is thermodynamically favorable as written from left to right;
use this information to be sure to get the magnitude of K and the sign of AG® correct. The
equilibrium constant, K, for the process is the ratio of the K, values, (107'°/107!%) = 10? (not
10~?). With reference to Table 2-1, a K value of 100 corresponds to a AG® of —2.73 kcal mol ™!
(not +2.73). If the reaction were written in the opposite direction, with the equilibrium lying
to the left, the correct values would be those in parentheses. For more practice with acids and
bases, see Problem 22.

2-20. a. Calculate the equilibrium concentrations of gauche and anti butane at 25°C using the
data from Figure 2-13.

SOLUTION:
We are given the relevant equations in Section 2-1. In particular, at 25°C the relationship be-
tween the Gibbs free energy and the equilibrium constant simplifies to AG® = —1.36 log K.

The energy difference between the conformations is 0.9 kcal mol ™. Substitution of this value
into the equation gives K = 0.219 = [gauche]/[anti]. Conversion to percentages may be
achieved by recognizing that % gauche = 100% X [gauche] /([anti] + [gauche]). Thus we find
% gaunche = 100% X (0.219)/(1.0 + 0.219) = 18%, and therefore % anti = 82%. The prob-
lem 1s, we are given the answer on page 82: At 25°C, butane consists of 28% gauche and 72%
anti. What's gone wrong?

The error derives from the fact that the energy values given in Sections 2-7 and 2-8 are
enthalpies, not free energies, and we have failed to include an entropy contribution to the free
energy equation AG°® = AH® — TAS°. How do we correct this problem? We may look for equa-
tions to calculate AS°, but let us use another, more intuitive approach. Examine Figure 2-13
again. Note that over a 360° rotation the butane molecule passes from its anti conformation
through two distinct gauche conformations before returning to its original anti geometry. The
entropy term arises from the availability of two gauche rotamers equilibrating with a single
anti. Thus we really have three species in equilibrium, not two. Is there a way to solve this
problem without going through calculations to determine AS°® and AG°? The answer is yes,
and it is not very difficult.

Returning to Figure 2-13, let us label the two gauche rotamers A and B to distinguish
them from each other. When we calculated K in our original solution, what we actually deter-
mined was the value associated with equilibration between the anti and just one of the two
gauche conformers, say gauche 5. Of course, the value for gancheg is identical, because the two
gauche conformations are equal in energy. So, K = [gauchen]/[anti] = 0.219, and K =
[gaucheg]/[anti] = 0.219

Finally, recognizing that total [gauche] = [gauchen) + [gaucheg], we therefore have %
gauche = 100% X ([gauchen) + [gaucheg))/([anti) + [gauche,] + [gaucheg)). giving us %
gauche = 100% X (0.219 + 0.219)/(1.0 + 0.219 + 0.219) = 30%. and therefore % anti =
70%, in much better agreement with the values given for the equilibrium percentages in the
text.

b. Calculate the equilibrium concentrations of gauche and anti butane at 100°C.

SOLUTION:
As above, we determine K from the enthalpy difference in Figure 2-13, using this value as to
input for AG® in the more general equation AG® = —2.303 RT log K. We follow by correcting
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for the presence of two gauche conformations in the overall equilibrium. Don’t forget that we
must use degrees Kelvin, 373 K for 7. Solving, we obtain K = 0.297 = [gauche|/|anti] =
[gaucheg]/[anti]. Therefore, % gauche = 100% X (0.297 + 0.297)/(1.0 + 0.297 + 0.297) =
37%, and therefore % anti = 63%.

The less stable conformations are more prevalent at higher temperatures, a straightforward
consequence of the Boltzmann distribution, which states that more molecules have higher en-
ergies at higher temperatures (Section 2-1). For more practice with conformations, see Prob-
lems 35, 37, and 43.

Important Concepts

1. Chemical reactions can be described as equilibria con- may be branched or cyclic. The empirical formula for the

trolled by thermodynamic and kinetic parameters. The
change in the Gibbs free energy, AG®, is related to the
equilibrium constant by AG° = —RTInK = —1.36 log
K (at 25°C). The free energy has contributions from
changes in enthalpy, AH®, and entropy, AS°: AG® =
AH° — TAS°. Changes in enthalpy are mainly due to dif-
ferences between the strengths of the bonds made and
those of the bonds broken. A reaction is exothermic
when the former is larger than the latter. It is endother-
mic when there is a net loss in combined bond strengths.
Changes in entropy are controlled by the relative degree
of order in starting materials compared with that in prod-
ucts. The greater the increase in disorder, the larger a
positive AS®.

. The rate of a chemical reaction depends mainly on the
concentrations of starting material(s), the activation en-
ergy, and temperature. These correlations are expressed
in the Arrhenius equation: rate constant k = Ae ™ Ea/RT,

. If the rate depends on the concentration of only one start-
ing material, the reaction is said to be of first order. If
the rate depends on the concentrations of two reagents,
the reaction is of second order.

. Brgnsted acids are proton donors; bases are proton ac-
ceptors. Acid strength is measured by the acidity con-
stant K,; pK, = —log K,. Acids and their deprotonated
forms have a conjugate relation. Lewis acids and bases
are electron pair acceptors and donors, respectively.

. An organic molecule may be viewed as being composed
of a carbon skeleton with attached functional groups.

. Hydrocarbons are made up of carbon and hydrogen
only. Hydrocarbons possessing only single bonds are also
called alkanes. They do not contain functional groups.
An alkane may exist as a single continuous chain or it

10.

11.

straight-chain and branched alkanes is C,H,, ;».

. Molecules that differ only in the number of methylene

groups, CH,, in the chain are called homologs and are
said to belong to a homologous series.

. A primary carbon is attached to only one other carbon.

A secondary carbon is attached to two and a tertiary
to three other carbon atoms. The hydrogen atoms bound
to such carbon atoms are likewise designated primary,
secondary, or tertiary.

. The IUPAC rules for naming saturated hydrocarbons are

(a) find the longest continuous chain in the molecule and
name it; (b) name all groups attached to the longest chain
as alkyl substituents; (c) number the carbon atoms of the
longest chain; (d) write the name of the alkane, citing all
substituents as prefixes arranged in alphabetical order and
preceded by numbers designating their positions.

Alkanes attract each other through weak London forces,
polar molecules through stronger dipole—dipole interac-
tions, and salts mainly through very strong ionic inter-
actions.

Rotation about carbon-carbon single bonds is relatively
easy and gives rise to conformations (conformers, ro-
tamers). Substituents on adjacent carbon atoms may be
staggered or eclipsed. The eclipsed conformation is a
transition state between staggered conformers. The en-
ergy required to reach the eclipsed state is called the ac-
tivation energy for rotation. When both carbons bear alkyl
or other groups, there may be additional conformers:
Those in which the groups are in close proximity (60°)
are gauche; those in which the groups are directly op-
posite (180°) each other are anti. Molecules tend to adopt
conformations in which steric hindrance, as in gauche
conformations, is minimized.

Problems

21. The hydrocarbon propene (CH;—CH=CH,) can react in two different ways with
bromine (Chapters 12 and 14).
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AveraQ
Bond Strength

c—C 83
C= 146
C—H 99
Br—Br 46
H—Br 87

\C—Br 68 /

I|3r Br
(i) CH;—CH=CH, + Br, — CH;—CH—CH,
(i) CH;—CH=CH,, + Br, — ClHZ—CH=CH2 + HBr
Br

(a) Using the bond strengths (kcal mol™") given in the margin, calculate AH° for

each of these reactions. (b) AS® = 0 cal deg™' mol~" for one of these reactions and
—35 cal deg™"' mol ™" for the other. Which reaction has which AS°? Briefly explain your
answer. (c¢) Calculate AG® for each reaction at 25°C and at 600°C. Are both of these re-
actions thermodynamically favorable at 25°C? At 600°C?

22. (i) Determine whether each species in the following equations is acting as a Brgnsted
acid or base, and label it. (ii) Indicate whether the equilibrium lies to the left or to the
right. (i1i) Estimate K for each equation if possible. (Hint: Use the data in Table 2-2.)
(a) H,O + HCN == H;0" + CN~
(b) CH;0  + NH; = CH;0H + NH,™
(c) HF + CH;COO™ — F~ + CH3COOH
(d) CH;~ + NH; — CH, + NH,~
() H;O™ + CI” —= H,0 + HClI
(f) CH;COOH + CH3;S™ —= CH;COO  + CH;SH

23. Identify each of the following species as either a Lewis acid or a Lewis base, and write
an equation illustrating a Lewis acid-base reaction for each one. Use curved arrows to
depict electron-pair movement. Be sure that the product of each reaction is depicted by
a complete, correct Lewis structure.

(a) CN™ (b) CH;OH (¢c) (CH3),CH"
(d) MgBr, (e) CH;BH, (f) CHsS™

24. For each example in Table 2-3, identify all polarized covalent bonds and label the
appropriate atoms with partial positive or negative charges. (Do not consider carbon—
hydrogen bonds.)

25. Characterize each of the following as either nucleophilic or electrophilic.
(a) bromide ion, Br™
(b) hydrogen ion, H*
(¢) carbon in carbon dioxide, CO,
(d) nitrogen in ammonia, NH;
(e) boron in borane, BH3
(f) lithium in lithium chloride, LiCl

26. Circle and identify by name each functional group in the compounds pictured.

OH
w J o @ © o~y @
0 0
(©) H (f)> =~ < (@ /\)koj\

0
0
0 o) 3
(h) H\N/lk (i) )Wj\ (J)
A HO OH \

0}




27.

28.

29.

30.

31.
32.

33.

On the basis of electrostatics (Coulomb attraction), predict which atom in each of the
following organic molecules is likely to react with the indicated reagent. Write “no reac-
tion” if none seems likely. (See Table 2-3 for the structures of the organic molecules.)
(a) Bromoethane, with the oxygen of HO™; (b) propanal, with the nitrogen of NHj;

(c) methoxyethane, with H”; (d) 3-pentanone, with the carbon of CH; ~; (e) ethaneni-
trile (acetonitrile), with the carbon of CH;"; (f) butane, with HO ™.

Name the following molecules according to the IUPAC system of nomenclature.
CH;CH,CHCHj; CH; CH;CHCH,CH;
(a) /éH\ (b) CH3(|IHCH2CH2(IZCH2CH2CH2CH3
HC  CH, CH,CHCH,
CH;
CIHZ H CH; CH;
(0 CH3CHzéCH2CH3 (d) CH3—é—C—C—CHZCHZCHZCHZCH3
CIIHZ CIHZ éHz CIBHZ
C|H3 C|H3 CH; CH—CH;
eu,
CH,CH,
(e) CH3CH(CH;)CH(CH;3)CH(CH;3)CH(CH3), CH,CH,CH,CHj;

T D?

Convert the following names into the corresponding molecular structures. After doing
so, check to see if the name of each molecule as given here is in accord with the [UPAC
system of nomenclature. If not, name the molecule correctly. (a) -2- methmr)y Ipen-
tane; (b) 5-(1,1-dimethylpropyl)nonane; (c) 2,3,4-trimethyl-4-butylheptane; (d) 4-tert-
butyl-5-isopropylhexane; (e) 4-(2-ethylbutyl)decane; (f) 2,4,4-trimethylpentane;

(g) 4-sec-butylheptane; (h) isoheptane; (i) neoheptane.

Draw the structures that correspond to the following names. Correct any names that are
not in accord with the rules of systematic nomenclature.

(a) 1-Chloro-4-methylpentane

(b) 2,6-Diiodohexane

(c) 2-(1,1,1-Trifluoromethyl)propane

(d) 4-(2-Bromopropyl)decane

Draw and name all possible isomers of C;H 4 (isomeric heptanes).

Identify the primary, secondary, and tertiary carbon atoms and the hydrogen atoms
in each of the following molecules: (a) ethane; (b) pentane; (c) 2-methylbutane;
(d) 3-ethyl-2,2,3,4-tetramethylpentane.

Identify each of the following alkyl groups as being primary, secondary, or tertiary, and
give it a systematic IUPAC name.

(l3H3 ?Hs ?H3 ?Hs
CH3_CH2 CH3_CH_ CH3_CH2

|
(d) CH;—CH,—CH—CH,— () CH;—CH,—CH—CH; ®) CH;—CHZ—CI—CH3

Problems | 89
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34.

36.

37.

38.

Rank the following molecules in order of increasing boiling point (without looking up
the real values): (a) 2-methylhexane; (b) heptane; (¢) 2,2-dimethylpentane; (d) 2,2,3-
trimethylbutane.

. Using Newman projections, draw each of the following molecules in its most stable

conformation with respect to the bond indicated: (a) 2-methylbutane, C2—C3 bond;
(b) 2,2-dimethylbutane, C2-C3 bond; (c¢) 2,2-dimethylpentane, C3—C4 bond;
(d) 2,2,4-trimethylpentane, C3—C4 bond.

Based on the energy differences for the various conformations of ethane, propane, and
butane in Figures 2-10, 2-11, and 2-13, determine the following:

(a) The energy associated with a single hydrogen—hydrogen eclipsing interaction

(b) The energy associated with a single methyl-hydrogen eclipsing interaction

(c) The energy associated with a single methyl-methyl eclipsing interaction

(d) The energy associated with a single methyl-methyl gauche interaction

At room temperature, 2-methylbutane exists primarily as two alternating conformations
of rotation about the C2—C3 bond. About 90% of the molecules exist in the more favor-
able conformation and 10% in the less favorable one. (a) Calculate the free energy
change (AG®, more favorable conformation — less favorable conformation) between
these conformations. (b) Draw a potential-energy diagram for rotation about the C2-C3
bond in 2-methylbutane. To the best of your ability, assign relative energy values to all
the conformations on your diagram. (¢) Draw Newman projections for all staggered and
eclipsed rotamers in (b) and indicate the two most favorable ones.

For each of the following naturally occurring compounds, identify the compound
class(es) to which it belongs, and circle all functional groups.

1
H 9 HSCH,CHCOH
(|: |
C .
Pt Cysteine
” H(”: (EH (In proteins)
(|ZH3 (ﬁ HC(llHCHon HC\C/CH
CH;CHCH,CH,OCCH;4 OH H CH;CH=CHC=CC=CCH=CHCH,0OH
3-Methylbutyl acetate 2,3-Dihydroxypropanal Benzaldehyde Matricarianol

(In banana oil) (The simplest sugar) (In fruit pits) {(From chamomile)
s
C
o H.C” \I:H ,
H,C._ /1-CHs CH, CH, CH
3 \C/,// CH; H,C.__ _CH, - | "
H.C™ \CH., l g C N\ H;C /\ \
Tcu /7 N BQ L S LECH_CH
H.C' “cH, CH; CH, H.C— CH, o) CH,
Cineole Limonene Heliotridane Chrysanthenone
(From eucalyptus) (In lemons) (An alkaloid) (In chrysanthemums)

39. Give IUPAC names for all alkyl groups marked by dashed lines in each of the following
biologically important compounds. Identify each group as a primary, secondary, or terti-
ary alkyl substituent.




40.

41.

42.

43.
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I O e e )
'H5C CH |
2 ) 2;
AN AN !
| e’ CH, CEL |
L | . 3 :
) 2 H
: CH, —C N !
| CH; |
L e ——
Cholesterol
HO (A steroid)
(St S S — T T T T T T T TS T T i S S T T a
! $H3 CH; (IZH3 !
I 1
(@)  CH,CH,CH,CHCH,CH,CH,CHCH,CH,CH,CHCHj; |
3 boocccooedamemmmeac L M. 5 ey S J
Vitamin D CH; Vitamin E
Tr e p i T LY K
1 H3C CHs, | CH3)
oo + L N |
: H3C CH; : | l | | H3C CH2 |
i N/ 1 I | | N\ Z |
| CH I ! CH,» ! ! CH !
Lo B N i i I !
NH,—CH—CO,H NH,—CH—CO,H NH,—CH—CO,H
Valine Leucine Isoleucine
(An amino acid) (Another amino acid) (Still another amino acid)

Using the Arrhenius equation, calculate the effect on k of increases in temperature of
10, 30, and 50 degrees (Celsius) for the following activation energies. Use 300 K (ap-
proximately room temperature) as your initial 7" value, and assume that A is a constant.
(a) E, = 15 keal mol™"; (b) E, = 30 kcal mol™"; (¢) E, = 45 kcal mol™.

The Arrhenius equation can be reformulated in a way that permits the experimental
determination of activation energies. For this purpose, we take the natural logarithm of
both sides and convert into the base 10 logarithm.

Eq
2.3RT

Ink=1In(Ae %/RTy =In A — E,/RT becomes logk=1logA —

The rate constant k is measured at several temperatures 7 and a plot of log k ver-
sus 1/T is prepared, a straight line. What is the slope of this line? What is its intercept
(i.e., the value of log k at 1/T = 0)? How is E, calculated?

Reexamine your answers to Problem 27. Rewrite each one in the form of a complete
equation describing a Lewis acid-base process, showing the product and using curved
arrows to depict electron-pair movement. [Hint: For (b) and (d), start with a Lewis
structure that represents a second resonance form of the starting organic molecule.]

The equation relating AG® to K contains a temperature term. Refer to your answer to
Problem 37(a) to calculate the answers to the questions that follow. You will need to
know that AS® for the formation of the more stable conformer of 2-methylbutane from
the next most stable conformer is +1.4 cal deg™" mol™". (a) Calculate the enthalpy dif-
ference (AH®) between these two conformers from the equation AG® = AH® — TAS®.
How well does this agree with the AH® calculated from the number of gauche interac-
tions in each conformer? (b) Assuming that AH° and AS° do not change with tempera-
ture, calculate AG® between these two conformations at the following three tempera-
tures: —250°C; —100°C; +500°C. (¢) Calculate K for these two conformations at the
same three temperatures.

Team Problem

44.

Consider the difference in the rate between the following two second-order substitution
reactions.
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Reaction 1: The reaction of bromoethane and iodide ion to produce iodoethane and bromide
ion is second order; that is, the rate of the reaction depends on the concentrations of both
bromoethane and iodide ion:

Rate = k[CH;CH,Br]{I ] mol L™! s7!

Reaction 2: The reaction of 1-bromo-2,2-dimethylpropane (neopentyl bromide) with iodide
ion to produce neopentyl iodide and bromide ion is more than 10,000 times slower than the
reaction of bromoethane with iodide ion.

Rate = k[neopentyl bromide][I"] mol L™! 5!

(a) Formulate each reaction by using bond-line structural drawings in your reaction
scheme.

(b) Identify the reactive site of the starting haloalkane as primary, secondary, or tertiary.
(c) Discuss how the reaction might take place; that is, how the species would have to
interact in order for the reaction to proceed. Remember that, because the reaction is
second order, both reagents must be present in the transition state. Use your model
kits to help you visualize the trajectory of approach of the iodide ion toward the
bromoalkane that enables the simultaneous iodide bond-making and bromide bond-
breaking required by the second-order kinetics of these two reactions. Of all the possi-
bilities, which one best explains the experimentally determined difference in rate be-
tween the reactions?

(d) Use dashed-wedged line structures to make a three-dimensional drawing of the
trajectory upon which you agree.

Preprofessional Problems

45. The compound 2-methylbutane has
(a) no secondary H’s (b) no tertiary H’s (¢) no primary H’s
(d) twice as many secondary H’s as tertiary H’s
(e) twice as many primary H’s as secondary H’s

46.

A+B

Potential energy

C

Progress of reaction ————>

This energy profile diagram represents

(a) an endothermic reaction (b) an exothermic reaction
(¢) a fast reaction (d) a termolecular reaction
47. In 4-(1-methylethyl)heptane, any H-C-C angle has the value
(a) 120° (b) 109.5° (c) 180°
CH; (d) 90° (e) 360°

) 48. The structural representation shown in the margin is a Newman projection of the con-

H “H former of butane that is
CH, (a) gauche eclipsed (b) anti gauche (c) anti staggered (d) anti eclipsed




Reactions of Alkanes

The exhaust gases of the Concorde, like those of all
supersonic aircraft, contain molecules such as nitric oxide
(NO) that are destructive to the Earth’s stratospheric
ozone layer.

ombustion of alkanes releases most of the energy that powers modern industrial- ’

ized society. We saw in Chapter 2 that alkanes lack functional groups; that being

the case, how does combustion occur? We will see in this chapter that alkanes are
not very reactive, but that they do undergo several types of transformations. These
processes, of which combustion is one example, do not involve acid-base chemistry.
Instead, they are called radical reactions. Although we will not explore radical re-
actions in great depth in this course, they play significant roles in biochemistry (such
as aging and disease processes), the environment (destruction of the Earth’s ozone
layer), and industry (manufacture of synthetic fabrics and plastics).

Radical reactions begin with the breaking of a bond, or bond dissociation. We
examine the energetics of this process and discuss the conditions under which it occurs.
The majority of the chapter will deal with halegenation, a radical reaction in which
a hydrogen atom in an alkane is replaced by halogen. The importance of halogena-
tion lies in the fact that it introduces a reactive functional group, turning the alkane
into a haloalkane, which is suitable for further chemical change. For each of these
processes, we shall use a discussion of the mechanism involved to explain in detail
how it occurs. We will see that different alkanes, and indeed different bonds in the
same alkane molecule, may react at different rates, and we will see why this is so.
All reactions in organic chemistry take place by a limited number of mechanisms.
Mechanisms enable us to understand how and why reactions occur, and what prod-
ucts are likely to form in them. In this chapter we will apply mechanistic concepts to
explain the effects of halogen-containing chemicals on the stratospheric ozone layer.
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:Cl-
Chlorine atom
H
H—C—H
I\Ieth_\‘l.radical

H
H,C—C-

H
Ethyl radical

We conclude with a brief discussion of alkane combustion and show how that process
serves as a useful source of energy data for organic molecules.

3-1 Strength of Alkane Bonds: Radicals

Chapter 1 explained how bonds are formed and that energy is released on bond for-
mation. For example, bringing two hydrogen atoms into bonding distance produces
104 kcal mol ! of heat (refer to Figures 1-1 and 1-12).

H-+H- — H—H AH° = —104 kcal mol ™’

Consequently, breaking such a bond requires heat, in fact the same amount of heat
that was released when the bond was made. This energy is called bond-dissociation
energy, DH®, or bond strength.

H—H —— H-+H- AH° = DH° = 104 kcal mol !

Radicals are formed by homolytic cleavage

In our example, the bond breaks in such a way that the two bonding electrons divide
equally between the two participating atoms or fragments. This process is called ho-
molytic cleavage or bond homolysis. The separation of the two bonding electrons
is denoted by two single-headed or “fishhook™ arrows that point from the bond to
each of the atoms.

Homolytic Cleavage

Al

—> A-+-B
Radicals

The fragments that form have an unpaired electron, for example, H-, Cl-, CH3-, and
CH;CH,-. When these species are composed of more than one atom, they are called
radicals. Because of the unpaired electron, radicals and free atoms are very reactive
and usually cannot be isolated. However, radicals and free atoms are present in low
concentration as unobserved intermediates in many reactions, such as the production
of polymers (Chapter 12) and the oxidation of fats that leads to the spoilage of per-
ishable foods (Chapter 22).

In Section 2-2 we were introduced to an alternative way of breaking a bond, in
which the entire bonding electron pair is donated to one of the atoms. This process
is heterolytic cleavage and results in the formation of ions.

Heterolytic Cleavage

A—A]I3 —> AT + !B~

Ions

Homolytic cleavage may be observed in nonpolar solvents or even in the gas phase.
In contrast, heterolytic cleavage normally occurs in polar solvents, which are capa-
ble of stabilizing ions. Heterolytic cleavage is also restricted to situations where the
electronegativies of atoms A and B and the groups attached to them stabilize positive
and negative charges, respectively.
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) Bond-Dissociation Energies of Uarious A-B Bonds \
THBLE g (Z4° in kcal mol ™)

BinA-B A

AinA-B “H -F -CI -Br -1 -OH —-NH, =)
AR

H— 104 136 103 87 71 119 108 \
CH,— 105 110 85 70 57 93 84 V
i, L. — 101 11 84 70 56 94 85 Y.
CH:CH,CH,— 101 110 85 70 56 92 84 P VT

(CH;),CH— 985 111 84 71 56 96 86 s VO &
(CH,);C— 96.5 110 85 71 55 96 85 o

Note: These numbers are being revised continually because of improved methods for their measurement. Some of 3 ,\u}""
Q: values given here may be in (small) error. (

Dissociation energies, DH®, refer only to homolytic cleavages. They have char- A\
acteristic values for the various bonds that can be formed between the elements. Table (¢ A U
3-1 lists dissociation energies of some common bonds. Note the relatively strong W / _),»" ;
bonds to hydrogen, as in H-F and H-OH. Even though these bonds have high DH® N v v
values, they readily undergo heterolytic cleavage in water to H" and F~ or HO™; do
not confuse homolytic with heterolytic processes.

Bonds are strongest when made by overlapping orbitals that are closely matched
in energy and size. For example, the strength of the bonds between hydrogen and the <
halogens decreases in the order F > C1 > Br > I, because the p orbital of the halogen L S
contributing to the bonding becomes larger and more diffuse along the series. Thus, )‘; ' o )’
the efficiency of its overlap with the relatively small ls orbital on hydrogen dimin-
ishes. A similar trend holds for bonding between the halogens and carbon.

Compare the bond-dissociation energies of CH;—F, CH;—OH, and CH;—NH,. Why do

the bonds get weaker along this series even though the orbitals participating in overlap

become better matched in size and energy? (Hint: Consider Figure 1-2 and Table 1-2 for
| a simple explanation.)

The stability of radicals determines the C—H bond strengths

How strong are the C—H and C-C bonds in alkanes? The bond-dissociation energies

of various alkane bonds are given in Table 3-2. Note that bond energies generally de-

crease with the progression from methane to primary, secondary, and tertiary carbon.

For example, the C—H bond in methane has a high DH® value of 105 kcal mol ™"

In ethane, this bond energy is less: DH° = 101 kcal mol ™. The latter number is typical

for primary C—H bonds, as can be seen for the bond in propane. The secondary C—H

bond is even weaker, with a DH® of 98.5 kcal mol ', and a tertiary carbon atom

bound to hydrogen has a DH® of only 96.5 kcal mol " |

A
CH;—H —— CH;- +H-  DH° =105 kcal mol ™' f

R—H — R-+H-
C-H bond R primary DH° = 101 kcal mol " Radical /"z_ , A

. = _ . /
fhmondior secondary DH®° = 98.5 kcal mol ™! faxmedls
and easier more |

to break tertiary DH® = 96.5 kcal mol ™' stable

A similar trend is seen for C—C bonds. The extremes are the central linkages in ethane
(DH® =90 kcal mol™ ') and 2,2,3,3-tetramethylbutane (DH° = 78.5 kcal mol ™).
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THBLE KRY8  Bond-Dissociation Energies for Some Rlkanes \

DH°® DH®

Compound (kcal mol™1) Compound (kcal mol 1)
CH;+H 105 CH;+CH; 90
C,Hs<-H 101 C,Hs2-CH, 89
C;H,+H 101 C,>Hs+C;,H;5 88
(CH3),CHCH,+H 101 (CH;),CH-CH; 88
(CH,),CH+-H 98.5 (CHs);C--CH; 87
(CHs):C-H 96.5 (CH;),CH--CH(CHs), 85.5

k (CH;);C*-C(CHs); 78.5
Note: See footnote for Table 3-1.

Why do all of these dissociations exhibit different DH® values? The radicals

formed have different energies. For reasons we will address in the next section, rad-

oL ical stability increases along the series from primary to secondary to tertiary; conse-
quently, the energy required to create them decreases (Figure 3-1).

Stability of Alkyl Radicals

CH;+ < primary < secondary < tertiary

Which C-C bond would break first, the bond in ethane or that in 2,2-dimethylpropane?

IN SUMHRHY Bond homolysis in alkanes yields radicals and free atoms. The heat
required to do so is called the bond-dissociation energy, DH®. Its value is characteristic
only for the bond between the two participating elements. Bond-breaking that results
in tertiary radicals demands less energy than that furnishing secondary radicals; the
latter are in turn formed more readily than primary radicals. The methyl radical is the
most difficult to obtain in this way.

A H-+ (?H2CH2CHR2

A

2.5 kcal mol™’ .

H-+ CH;CHCHR;

7 101 keal mol” 12-0 keal mol™ H-+ CH3CH,CR,

Z 98.5 kcal mol™'

B =(
FIUUIE 31 96.5 kcal mol
The different energies needed
to form radicals from an
alkane CH,CH,CHR,. Radical CH,CH,CHR, CH;CHCHR, CH;CH,CR,
stability increases from | '
primary to secondary to H H H
tertiary. Primary carbon Secondary carbon Tertiary carbon




3-2 Structur

3-2 Structure of Alkyl Radicals: Hyperconjugation

What is the reason for the ordering in stability of alkyl radicals? To answer this ques-
tion, we need to inspect the alkyl radical structure more closely. Radicals are stabi-
lized by electron delocalization in which the p orbital at the radical center overlaps
with a neighboring C—H o bond.

Consider the structure of the methyl radical, formed by removal of a hydrogen
atom from methane. Spectroscopic measurements have shown that the methyl radical,
and probably other alkyl radicals, adopts a nearly planar configuration, best described
by sp® hybridization (Figure 3-2). The unpaired electron occupies the remaining p
orbital perpendicular to the molecular plane.

IRl =
| @ Q-
:\/5* e —

5T
~ H
- Cspl_Hl.r 0

H

Nearly planar

Csp3—H s

Csp3'—H Is

Let us see how the planar structures of alkyl radicals help explain their relative sta-
bilities. Figure 3-3A shows that there is a conformer in the ethyl radical in which a
C—H bond of the CH; group is aligned with and overlaps one of the lobes of the singly
occupied p orbital on the radical center. This arrangement allows the bonding pair of
electrons in the o orbital to delocalize into the partly empty p lobe, a phenomenon
called hyperconjugation. The interaction between a filled orbital and a singly occu-
pied orbital has a net stabilizing effect (recall Exercise 1-12). Both hyperconjugation

v‘"?

CH,CHs CH;— CH—CHj
Ethyl radical 1-Methylethyl radical
, (Isopropyl)
A B
Figure 3-3

Hyperconjugation (green dashed lines) resulting from the donation of electrons in filled sp*
hybrids to the partly filled p orbital in (A) ethyl and (B) 1-methylethyl and 1,1-dimethylethyl
radicals. The resulting delocalization of electron density has a net stabilizing effect.

e of Alkyl Radicals. Hyperconjugation | 07

Fiqure 3-2

The hybridization change upon
formation of a methyl radical
from methane. The nearly
planar arrangement is
reminiscent of the hybridization
in BH; (Figure 1-17).

O Nodel
& Building

CHy — @l—H,

CH,

1, 1-Dimethylethyl radical
(tert-Butyl)
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and resonance (Section 1-5) are forms of electron delocalization. They are distinguished
by type of orbital: Resonance normally refers to 7-type overlap of p orbitals, whereas
hyperconjugation incorporates overlap with the orbitals of o bonds.

What if we replace the remaining hydrogens on the radical carbon with alkyl
groups? Each additional alkyl group increases the hyperconjugation interactions fur-
ther (Figure 3-3B). The order of stability of the radicals is a consequence of this effect.
Notice in Figure 3-1 that the degree of stabilization arising from each hyperconjuga-
tive interaction is relatively small (2.0-2.5 kcal mol™!): We shall see later that
stabilization of radicals by resonance is considerably greater (Chapter 14). Another
contribution to the relative stability of secondary and tertiary radicals is the greater
relief of steric crowding between the substituent groups as the geometry changes from
tetrahedral in the alkane to planar in the radical.

3-3 Conversion of Petroleum: Pyrolysis

Alkanes are produced naturally by the slow decomposition of animal and vegetable mat-
ter in the presence of water but in the absence of oxygen, a process lasting millions of
years. The smaller alkanes—methane, ethane, propane, and butane—are present in nat-
ural gas, methane being by far its major component. Many liquid and solid alkanes are
obtained from crude petroleum, but distillation aione does not meet the enormous de-
mand for the lower molecular weight hydrocarbons needed for gasoline, kerosene, and
other hydrocarbon-based fuels. Additional heating is required to break up longer chain
petroleum components into smaller molecules. How does this occur? Let us first look
into the effect of strong heating on simple alkanes and then move on to petroleum.

High temperatures cause bond homolysis

When alkanes are heated to a high temperature, both C—H bonds and C-C bonds rup-
ture, a process called pyrolysis. In the absence of oxygen, the resulting radicals can
combine to form new higher or lower molecular weight alkanes. Radicals can also
remove hydrogen atoms from the carbon atom adjacent to another radical center to
give alkenes, a process called hydrogen abstraction. Indeed, very complicated mix-
tures of alkanes and alkenes form in pyrolyses. Under special conditions, however,
these transformations can be controlled to obtain a large proportion of hydrocarbons
of a defined chain length.

Pyrolysis of Hexane

Examples of cleavage into radicals
Cl. C2 cleavage
CH;' 9 ‘CH:CH:CH:CH:CH},

B 2 2w C2, C3 cleavage

CH;CH,CH,CH,CH,CH; CH.CH,- + -CH,CH,CH,CH,

Hexane C3. C4 cleavage

CH}CH:CH: 5 _qF o CH:CH:CH}

Examples of radical combination reactions

CH;-(\ (\-CHZCH; == CH;CH,0H;

Propane
,\

[ ¥
CH,CH>CH,CH>CH5* (\-CHBCH3CH; —— CH;CH,CH>CH-CH-CH-CH-CHj4

Octane
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Examples of hydrogen abstraction reaction

H

AN

|
CH}CHQ‘ CH;C]"{_CH_?‘ e CH3CH2 Sl CH‘;CHZCHQ_

Ethane Propene

H

H
NN

|
CH;CH,CH,+ CH,—CH,: —— CH;CH,CH, + CH,=CH,

Propane Ethene

Note how we used fishhook arrows in these examples to show the formation of a new
covalent bond by the combination of two electrons. In the hydrogen abstraction re-
actions, electrons from a bond being broken combine with unshared electrons to form
new bonds.

Control of such processes frequently requires the use of special catalysts, such as
crystalline sodium aluminosilicates, also called zeolites. For example, zeolite-catalyzed
pyrolysis of dodecane yields a mixture in which hydrocarbons containing from three
to six carbons predominate.

Zeolite, 482°C, 2 min

Dodecane C; + C + Cs + C¢ + other products

17% 31% 23% 18% 11%

CHEMICAL HIGHLIGHT 3-1
The Function of a Catalyst

[I]]hat is the function of the zeolite catalyst? A cata-
lyst is a substance that speeds up a reaction; that
is, it increases the rate at which equilibrium is estab-
lished. It does so by allowing reactants and products
to be interconverted by a new pathway that has a
lower activation energy (E.,,) than that of the reaction E
in the absence of the catalyst (E,). In the figure at the
right, both the uncatalyzed and catalyzed processes
are shown to consist of a single step with one activa-
tion barrier. This is not necessarily the case; indeed, it
is frequently found that the catalyzed version of a re-
action contains several steps, all with greatly reduced
activation energies. As the text indicates, zeolite catal-
ysis of alkane pyrolysis speeds up the formation of

Reaction coordinate ———>

certain products preferentially. Such enhanced reac- is held by an enzyme that catalyzes the loss of carbon
tion selectivity is also a common feature observed in dioxide from the compound orotidine, a precursor to
catalyzed reactions. some of the components of the nucleic acids (Chapter

Apart from zeolites and other mineral-derived sur- 26): The catalyzed reaction takes place 10" times
faces, many metals act as catalysts. In nature, en- faster than the uncatalyzed process. The use of cata-
zymes usually fulfill this function. The degree of reac- lysts allows many transformations to take place at
tion acceleration induced by a catalyst can amount to lower temperatures and under much milder reaction
many orders of magnitude. The current (2002) record conditions than would otherwise be possible.

/
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THBLE KBKl  Product Distribution in a Typical Distillation of Crude Petroleum \
Amount Boiling point Carbon
(% of volume) °C) atoms Products
1-2 <30 Ci—-Cy Natural gas, methane, propane, butane, liquefied
petroleum gas (LPG)
15-30 30-200 Cs—Ci2 Petroleum ether (Cs ), ligroin (C5), naphtha, straight-run
gasoline”
5-20 200-300 Ci,-Cis Kerosene, heater oil
10-40 300-400 Ci5—Css Gas oil, diesel fuel, lubricating oil, waxes, asphalt
8-69 >400 >Csys Residual oil, paraffin waxes, asphalt (tar)
(Nonvolatiles)
K’“li\ refers to gasoline straight from petroleum, without having been treated in any way. /

Petroleum is an important source of alkanes

Breaking an alkane down into smaller fragments is also known as cracking. Such
processes are important in the oil-refining industry for the production of gasoline and
other liquid fuels from petroleum.

As mentioned in the introduction to this chapter, petroleum, or crude oil, is be-
lieved to be the product of microbial degradation of living organic matter that existed
several hundred million years ago. Crude oil, a dark viscous liquid, is primarily a
mixture of several hundred different hydrocarbons, particularly straight-chain alkanes,
some branched alkanes, and varying quantities of aromatic hydrocarbons. Distillation
yields several fractions with a typical product distribution, as shown in Table 3-3. The
composition of petroleum varies widely, depending on the origin of the oil.

To increase the quantity of the much-needed gasoline fraction, the oils with higher
boiling points are cracked by pyrolysis. Cracking the residual oil from crude petro-
leum distillation gives approximately 30% gas, 50% gasoline, and 20% higher
molecular weight oils and a residue called coke.

The Alyeska Pipeline Marine Terminal, Valdez, Alaska. Alaska
is second only to Texas in oil production in the United States.




mil and natural gas supply much of the U.S. energy
requirement. Other industrialized nations have simi-
lar dependence on petroleum as a source of energy. In
2000, U.S. energy sources included gas (31%), oil
(17%), coal (32%), nuclear power (11%), and hydro-
electric power (4%). One third of the energy needs of
the United States are met by imported petroleum
products; thus, the domestic economy is strongly af-
fected by the cost of imported oil, which in turn is
linked to political events in the major petroleum-
producing countries.

As a consequence, the United States has increas-
ingly turned to renewable resources, such as wind and
solar power, from which it obtained almost 10% of its
total energy needs by the end of the 1990s. In addi-
tion, research into fields such as fuel cells has experi-
enced remarkable growth as the world’s reserves of
petroleum continue to dwindle and concerns over the
global environmental effects of hydrocarbon combus-
tion increase.

!
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The United States, with more than 200 million motor
vehicles, has the highest annual energy consumption of any
nation in the world. More than 70% of that need is met by
fossil fuels.

/

3-4 Chlorination of Methane: The Radical Chain Mechanism

We have seen that alkanes undergo chemical transformations when subjected to py-
rolysis, and that these processes include the formation of radical intermediates. Do
alkanes participate in other reactions? In this section, we consider the effect of ex-
posing an alkane, methane, to a halogen, chlorine. A chlorination reaction, in which
radicals again play a key role, takes place to produce chloromethane and hydrogen
chloride. We shall analyze each step in this transformation to establish the mecha-

nism of the reaction.

Chlorine converts methane into chloromethane

When methane and chlorine gas are mixed in the dark at room temperature, there is
no reaction. The mixture must be heated to a temperature above 300°C (denoted by A)
or irradiated with ultraviolet light (denoted by hv) before reaction occurs. One of the
two initial products is chloromethane, derived from methane in which a hydrogen
atom is removed and replaced by chlorine. The other product of this transformation
is hydrogen chloride. Further substitution leads to dichloromethane (methylene chlo-

ride), CH,Cl,; trichloromethane (chloroform), CHCl3; and tetrachloromethane (car-

bon tetrachloride), CCly.

Reaction

Why should this reaction proceed? Consider its AH®. Note that a C—H bond in
methane (DH® = 105 kcal mol ') and a CI-Cl bond (DH° = 58 kcal mol ) are bro-
ken, whereas the C—Cl bond of chloromethane (DH® = 85 kcal mol ') and an H~Cl
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linkage (DH® = 103 kcal mol ') are formed. The net result is the release of 25 kcal
mol "' in forming stronger bonds: The reaction is substantially exothermic (heat-
releasing).
CH;—H + :Cl--ClI: LN CH;- Cl: + H-ClI: AH°® = energy input — energy output
'é £ {j - gj gj SDH® (bonds broken) — SDH® (bonds formed)
o . 0 (105 + 58) — (85 + 103)

—25 kcal mol™"
DH® (kcal mol™") Chloromethane

Why, then, does the thermal chlorination of methane not occur at room temper-
ature? The fact that a reaction is exothermic does not necessarily mean that it pro-
ceeds rapidly and spontaneously. Remember (Section 2-1) that the rate of a chemi-
cal transformation depends on its activation energy, which in this case is evidently
high. Why is this so? What is the function of irradiation when the reaction does pro-
ceed at room temperature? Answering these questions requires an investigation of
the mechanism of the reaction.

The mechanism explains the experimental conditions required

for reaction

A mechanism is a detailed, step-by-step description of all the changes in bonding

that occur in a reaction (Section 1-1). Even simple reactions may consist of several
Nechanism separate steps. The mechanism shows the sequence in which bonds are broken and

formed, as well as the energy changes associated with each step. This information is

of great value in both analyzing possible transformations of complex molecules and

understanding the experimental conditions required for reactions to occur.

> | ANIMATED MECHANISH: The mechanism for the chlorination of methane, in common with the mechanisms
St  Chlorination of methane of most radical reactions, consists of three stages: initiation, propagation, and termi-
NEDIA LINK nation. Let us look at these stages and the experimental evidence for each of them

in more detail.

The chlorination of methane can be studied step by step
Experimental observation. Clorination occurs when a mixture of CH,4 and Cl, is ei-
ther heated to 300°C or irradiated with light, as mentioned earlier. Under such con-
ditions, methane by itself is completely stable, but Cl, undergoes homolysis to two
atoms of chlorine.

Interpretation. The first step in the mechanism of chlorination of methane is the
heat- or light-induced homolytic cleavage of the CI-Cl bond (which happens to be
the weakest bond in the starting mixture, with DH® = 58 kcal mol™"). This event is
required to start the chlorination process and is therefore called the initiation step.
As implied by its name, the initiation step generates reactive species (in this case.
chlorine atoms) that permit the subsequent steps in the overall reaction to take place.

INITIATION

--I;OTE: In this scheme . . f\[\ , Aorhy .~ o _ o
and in those that follow, : CI—CI T 2: Cl AH® = DH*(Cl,)

B — —i
all radicals and free = +58 kcal mol
atoms are in green.

Chlorine atom

Experimental observation. Only a relatively small number of initiation events are
necessary to enable a great many methane and chlorine molecules to undergo con-
version into products.
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Interpretation. After initiation has taken place, the subsequent steps in the mechanism
are self-sustaining, or self-propagating; that is, they can occur many times without
the addition of further chlorine atoms from the homolysis of Cl,. Two propagation
steps fulfill this requirement. In the first step, a chlorine atom attacks methane by ab-
stracting a hydrogen atom. The resulting products are hydrogen chloride and a methyl
radical.

PROPAGATION STEP 1

H
= | o H\
:C.l-ﬂ+fH\—{\C—H = oS e AH® = DH°(CHa—H)
{j | fj 5 — DH°(H-CI)
H = +2 kcal mol™"
105 103

DH® (kcal mol™") Methyl radical

The AH® for this transformation is positive; it is endothermic (heat-absorbing), and
its equilibrium is slightly unfavorable. What is its activation energy, E,? Is there enough
heat to overcome this barrier? In this case, the answer is yes. A molecular-orbital
description of the transition state (Section 2-1) of hydrogen removal from methane
(Figure 3-4) reveals the details of the process. The reacting hydrogen is positioned
between the carbon and the chlorine, partly bound to both: H-CI bond formation has
occurred to about the same extent as C—H bond-breaking. The transition state, which
is labeled by the symbol £, is located only about 4 kcal mol~' above the starting
materials. A potential-energy diagram describing this step is shown in Figure 3-5.

Propagation step 1 gives one of the products of the chlorination reaction: HCIL.
What about the organic product, CH;C1? Chloromethane is formed in the second prop-
agation step. Here the methyl radical abstracts a chlorine atom from one of the start-
ing Cl, molecules, thereby furnishing chloromethane and a new chlorine atom. The
latter reenters propagation step 1 to react with a new molecule of methane. Thus, one
propagation cycle is closed, and a new one begins, without the need for another ini-
tiation step to take place. Note how exothermic propagation step 2 is, —27 kcal mol ~ .
It supplies the overall driving force for the reaction of methane with chlorine.

H
H \\ E,=4
\\ kcal mol !
°C Cl |
H/ sp> s 3p

Growing back lobe

as

H,

A\

Starting materials

S"\Gco +

H
Methyl radical

Is 3p

Hydrogen chloride

Figure 3-4

Approximate molecular-orbital
description of the abstraction
of a hydrogen atom by a
chlorine atom to give a methyl
radical and hydrogen chloride.
Notice the rehybridization at
carbon in the planar methyl
radical. The additional three
nonbonded electron pairs on
chlorine have been omitted.
The orbitals are not drawn to
scale. The symbol # identifies
the transition state.

pe

Transition state
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[HsC +-+H--- Cl]%
E,=4kcal mol !

Figure 3-5

Potential-energy diagram of

the reaction of methane with a E)
chlorine atom. Partial bonds in

the transition state are depicted

by dotted lines. This process. || £ ___ __ _
propagation step 1 in the 00
radical chain chlorination of CHy+:Cl-
methane, is slightly
endothermic. Reaction coordinate ———>

- CH; +HCl:

AH® = +2 keal mol 7!

PROPAGATION STEP 2

" B | ..
Qf(;l\_'q —> H—C—Cl + :Cl:  AH° = DH°(CL,) — DH*(CH;~Cl)

f7 - | C? = —27 kcal mol™!
H

58 85
DH°® (kcal mol™)

T

H-—

(@)

:._

Because propagation step 2 is exothermic, the unfavorable equilibrium in the first
propagation step is pushed toward the product side by the rapid depletion of its methyl
radical product in the subsequent reaction.

Cl,
CH, + Cl- =— CH;+ + HCl —= CHj;Cl + CI- + HCl
Slightly Very favorable;
unfavorable “drives” first equilibrium

The potential-energy diagram in Figure 3-6 illustrates this point by continuing the
progress of the reaction begun in Figure 3-5. Propagation step 1 has the higher acti-
vation energy and is therefore slower than step 2. The diagram also shows that the
overall AH® of the reaction is made up of the AH° values of the propagation steps:
+2 — 27 = —25 kcal mol . You can see that this is so by adding the equations for
the two propagation steps.

AH® (kcal mol™ ")

:Cl-+CH, — CH,- + HCl: +2
CHy-+ Cl, —> CHCl: + :Cl-  —27
CH, + Cl, —> CH,Cl: + HCl:  —25

Experimental observation. Small amounts of ethane are identified among the prod-
ucts of chlorination of methane.

Interpretation. Radicals and free atoms are capable of undergoing direct covalent bond-
ing with one another. In the methane chlorination process, three such combination
processes are possible, one of which, the reaction of two methyl groups, furnishes
ethane. The concentrations of radicals and free atoms in the reaction mixture are very
low, however, and hence the chance of one radical or free atom finding another is
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I&— PROPAGATION STEP 1 —*— PROPAGATION STEP 2 H

E,= 4 kcal mol ™'

[CHa s+ Cl -

ClJi

CH;- +Cl, E, < | kcal mol™"
(+HCl:)
CH4 + éi .
E|l|l@&al B
( 2) + 2 keal mol ™!
AH® =
/ — 25 kcal mol™!
AH® =
— 27 kcal mol™!
B — [ .. L —n
CH3C1 +
HCl1+:Cl -

Reaction coordinate ———>

small. Such combinations are therefore relatively infrequent. When such an event does
take place, the propagation of the chains giving rise to the radicals or atoms is ter-
minated. We thus describe these combination processes as termination steps.

CHAIN TERMINATION
f\+/\ CH; — CH3C1
(\ \

+ CH} —_— CH3_CH3

The mechanism for the chlorination of methane is an example of a radical chain
mechanism.

A Radical Chain Mechanism

Chain termination

X aF X —> X,
R: + :X- —> RX
R-+ R+ —> R,

Initiation

X, —> 2:X-

Propagatlon steps

X +RH — R- +HX
X2+R'—>R§-+.X'

Only a few halogen atoms are necessary for initiating the reaction, because the
propagation steps are self-sufficient in :X-. The first propagation step consumes a

Figure 3-6

Complete potential-energy
diagram for the formation of
CH;Cl from methane and
chlorine. Propagation step 1
has the higher transition-state
energy and is therefore slower.
The AH® of the overall
reaction CH,; + Cl, —
CH;Cl + HCI amounts to
—25 keal mol ™", the sum of
the AH® values of the two
propagation steps.
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halogen atom, the second produces one. The newly generated halogen atom then reen-
ters the propagation cycle in the first propagation step. In this way, a radical chain
is set in motion that can drive the reaction for many thousands of cycles.

Write a detailed mechanism for the light-initiated monochlorination of ethane, which fur-
nishes chloroethane. Calculate AH® for each step.

WORKING WITH THE CONCEPTS Begin by writing the overall equation and calculating its AH®,
using data in Tables 3-1 and 3-2 and the formula AH° = 2DH° (bonds broken) — 2DH°
(bonds formed).

CH,CH,—H + :C1—Cl: —> CH,CH,—Cl: + H—Cl:
AH°® = 101 + 58 — 84 — 103 = —28 kcal mol™!

The reaction is more exothermic than chlorination of methane, mainly because the C—H
bond being broken in ethane is weaker than the corresponding bond in methane.

The first step in the mechanism is light-induced dissociation of Cl,:
Initiation r\[\l Wl g Cl AH®° = +58 kcal mol ™!

Using the propagation steps for chlorination of methane as a model, formulate analogous
steps for ethane. In step 1, a chlorine atom abstracts a hydrogen:

Propagation 1 CHgCHo\/\{\CI — CH;CH,* + H— Cl

AH° = 101 — 103 = —2 kcal mol™!

In step 2, the ethyl radical formed in step 1 abstracts a chlorine atom from Cl,:

r\\/‘

Propagation 2 CH;CH,* + Cli —> CH;CHZ—CI aF Cl

AH® = 58 — 84 = —26 kcal mol ™!

Note that the sum of the AH° values for the two propagation steps gives us AH® for the
overall reaction. That is because summing the species present in the two propagation steps
cancels both ethyl radicals and chlorine atoms, leaving just the overall stoichiometry.
Finally, we formulate the termination steps as follows:

Termination Cl [\‘+\/\ Cl ——> Cl, AHP = —58 kcal mol ™!
n ‘/\ _ 1
CH;CH,* + Cl — CHgCH2CI AH® = —84 kcal mol
CH;CH,: [\4+{\ *CH,CH; —— CH;CH,CH,CHj3 AH°® = —88 kcal mol ™!

One of the practical problems in chlorinating methane is the control of product
selectivity. As mentioned earlier, the reaction does not stop at the formation of
chloromethane but continues to form di-, tri-, and tetrachloromethane by further sub-
stitution. A practical solution to this problem is the use of a large excess of methane
in the reaction. Under such conditions, the reactive intermediate chlorine atom is at
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any given moment surrounded by many more methane molecules than product
CH;CI. Thus, the chance of Cl- finding CH;Cl to eventually make CH,Cl, is greatly
diminished, and product selectivity is achieved.

Write out the overall equation and the propagation steps of the mechanism for the chlo-
rination of chloromethane to furnish dichloromethane, CH,Cl,.

]" SUHHHRY Chlorine transforms methane into chloromethane. The reaction pro-
ceeds through a mechanism in which heat or light causes a small number of Cl, mol-
ecules to undergo homolysis to chlorine atoms (initiation). The latter induce and
maintain a radical chain sequence consisting of two (propagation) steps: (1) hydro-
gen abstraction to generate the methyl radical and HCI and (2) conversion of CHj;-
by Cl, into CH;Cl and regenerated Cl-. The chain is terminated by various combi-
nations of radicals and free atoms. The heats of the individual steps are calculated
by comparing the strengths of the bonds that are being broken with those of the bonds
being formed.

3-5 Other Radical Halogenations of Methane

Fluorine and bromine, but not iodine, also react with methane by similar radical / \
mechanisms to furnish the corresponding halomethanes. The dissociation energies of TABLE 3-4
X, (X = F, Br, I) are lower than that of Cl,, thus ensuring ready initiation of the rad- JK® Ualues for the

ical chain (Table 3-4). Elemental Halogens

DH°

Fluorine is most reactive, iodine least reactive -1
- Halogen (kcal mol ™ %)

Let us compare the enthalpies of the two propagation steps in the different halo-

genations of methane (Table 3-5). For fluorine, this step is exothermic by —30 kcal F, 38
mol~'. We have already seen that, for chlorine, the same step is slightly endother- Cl, 58
mic; for bromine, it is substantially so, and for iodine even more so. This trend has Br, 46
its origin in the decreasing bond strengths of the hydrogen halides in the progression Q e /

from fluorine to iodine (Table 3-1). The strong hydrogen—fluorine bond is the cause
of the high reactivity of fluorine atoms in hydrogen abstraction reactions. Fluorine
is more reactive than chlorine, chlorine is more reactive than bromine, and the least
reactive halogen atom is iodine.

The contrast between fluorine and iodine is illustrated by comparing potential-
energy diagrams for their respective hydrogen abstractions from methane (Figure 3-7).

[ TABLE 3-5 Enthalpies of the Propagation Steps in the Halogenation of \
Methane (kcal mol ™)

Reaction F Cl Br I
:X-+ CHy, — -CH, + HX: =8 +2 +18  +34
‘CH3+X2 = CH3?§:+:‘).(‘ _72 _27 —24 _21

\CH4+ X, — CH3X: + HX: -103 -25 =5 +ly
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Figure 3-7

Potential-energy diagrams:
(left) the reaction of a fluorine
atom with CH,. an exothermic
process with an early
transition state: and (right) the
reaction of an iodine atom
with CH.. an endothermic
transformation with a late
transition state. Both are thus
in accord with the Hammond
postulate.

Relative
Reactivities of X- in
Hydrogen Abstractions
F->Cl- > Br- > 1-

Late transition state

Early transition state

CH;‘ + HI:
AH® =
+34 kcal mol ™!

CHj- + HF:

Reaction coordinate

The highly exothermic reaction of fluorine has a negligible activation barrier. More-
over, in its transition state, the fluorine atom is relatively far from the hydrogen that is
being transferred. and the H-CHj distance is only slightly greater than that in CHy it-
self. Why should this be s0? The H-CH; bond is about 30 kcal mol ™" weaker than that
of H-F (Table 3-1). Only a small shift of the H toward the F-: is necessary for bonding
between the two to overcome the bonding between hydrogen and carbon. If we view
the reaction coordinate as a measure of the degree of hydrogen shift from C to F, the
transition state is reached early and is much closer in appearance to the starting mate-
rials than to the products. Early transition states are frequently characteristic of fast,
exothermiic processes.

On the other hand, reaction of I- with CH, has a very high E, (at least as large
as its endothermicity, +34 kcal mol ™ '; Table 3-5). Thus, the transition state is not
reached until the H-C bond is nearly completely broken and the H-I bond is almost
fully formed. The transition state is said to occur late in the reaction pathway. It is
substantially further along the reaction coordinate and is much closer in structure to
the products of this process, CHz- and HI. Late transition states are frequently typ-
ical of relatively slow, endothermic reactions. Together these rules concerning early
and late transition states are known as the Hammond* postulate.

The second propagation step is exothermic

Let us now consider the second propagation step for each halogenation in Table
3-5. This process is exothermic for all the halogens. Again, the reaction is fastest
and most exothermic for fluorine. The combined enthalpies of the two steps for
the fluorination of methane result in a AH°of —103 kcal mol~"'. The formation of
chloromethane is less exothermic and that of bromomethane even less so. In the
latter case, the appreciably endothermic nature of the first step (AH® = +18 kcal
mol ™) is barely overcome by the enthalpy of the second (AH® = —24 kcal mol 1),
resulting in an energy change of only —6 kcal mol ™' for the overall substitution.
Finally, iodine does not react with methane to furnish methyl iodide and hydro-
gen iodide: The first step costs so much energy that the second step, although
exothermic, cannot drive the reaction.

*Professor George S. Hammond (b. 1921). Georgetown University. Washington. D.C.
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ERERCISE 3-3

When methane is allowed to react with an equimolar mixture of chlorine and bromine,
only hydrogen abstraction by chlorine atoms is observed. Explain.

lN SUHHHHY Fluorine, chlorine, and bromine react with methane to give halometh-
anes. All three reactions follow the radical chain mechanism described for chlorination.
In these processes, the first propagation step is always the slower of the two. It becomes
more exothermic and its activation energy decreases in the progression from bromine to
chlorine to fluorine. This trend explains the relative reactivity of the halogens, fluorine
being the most reactive. lodination of methane is endothermic and does not occur.
Strongly exothermic reaction steps are often characterized by early transition states. Con-
versely, endothermic steps typically have late transition states.

3-b6 Chlorination of Higher Alkanes: Relative Reactivity
and Selectivity

What happens in the radical halogenation of other alkanes? Will the different types
of R—H bonds—namely, primary, secondary, and tertiary—react in the same way as
those in methane? As we saw in Section 3-4, the monochlorination of ethane gives
chloroethane as the product. TI™"10

Chlorination of Ethane Reaction

CH,CH; + Cl, 2°, CH,CH,Cl + HCl  AH° = —28 kcal mol ™"

Chloroethane

This reaction proceeds by a radical chain mechanism analogous to the one observed
for methane. As in methane, all of the hydrogen atoms in ethane are indistinguish-
able from one another. Therefore, we observe only one monochlorination product,
chloroethane, regardless of which hydrogen is initially abstracted by chlorine in the
first propagation step.

Propagation Steps in the Mechanism of the Chlorination of Ethane
CH:CH; + :Cl- —> CHiCH»- + HCl:  AH®=—2 kecal mol™' :

i .. miE Nechanis
CH;CH,* + Cl, —> CH;CH,Cl: + :Cl-  AH®°=—26 kcal mol™'

What can be expected for the next homolog, propane?

Secondary C-H bonds are more reactive than primary ones

The eight hydrogen atoms in propane fall into two groups: six primary and two CH;CH,CH3;
secondary hydrogens. If chlorine atoms were to abstract and replace primary and Propane
secondary hydrogens at equal rates, we should expect to find a product mixture
containing three times as much 1-chloropropane as 2-chloropropane. We call this
outcome a statistical product ratio, because it derives from the statistical fact that
in propane there are three times as many primary sites for reaction as secondary sites.
In other words, it is three times as likely for a chlorine atom to collide with a pri-
mary hydrogen in propane, of which there are six, as with a secondary hydrogen atom,
of which there are only two.

Six primary hydrogens (blue)
Two secondary hydrogens (red)
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However, secondary C—H bonds are weaker than primary ones (DH® = 98.5 ver-
sus 101 kcal mol™"). Abstraction of a secondary hydrogen is therefore more
exothermic and proceeds with a smaller activation barrier (Figure 3-8). We might
thus expect secondary hydrogens to react faster, leading to more 2-chloro- than
1-chloropropane. What is actually observed? At 25°C, the experimental ratio of
1-chloropropane : 2-chloropropane is found to be 43:57. This result indicates that
both statistical and bond-energy factors determine the product formed.

Chlorination of Propane
Cl

hy |
Cl, + CH,CH-CH; — CH,CH,CH,CI + CH,CHCH; + HCI
1-Chloropropane  2-Chloropropane

Expected statistical ratio e 1
Expected C - H bond reactivity ratio Less : More
Experimental ratio (25°C) 43 : 57

We can calculate the relative reactivity of secondary and primary hydrogens in
chlorination by factoring out the statistical contribution to the product ratio.

Relative reactivity of (yield of product from ) /( number of )

a secondary hydrogen _ \secondary hydrogen abstraction// \secondary hydrogens 57/2
Relative reactivity of (yield of product from ) /( number of ) = m =&
a primary hydrogen primary hydrogen abstraction// \primary hydrogens

Figure 3-8

Hydrogen abstraction by a
chlorine atom from the
secondary carbon in propane
is more exothermic and faster
than that from the primary
carbon.

In other words, each secondary hydrogen in the chlorination of propane at 25°C is
about four times as reactive as each primary one. We say that chlorine exhibits a
selectivity of 4:1 in the removal of secondary versus primary hydrogens at 25°C.

We could predict from this analysis that all secondary hydrogens are four times
as reactive as all primary hydrogens in all radical chain reactions. Is this predic-
tion true? Unfortunately, no. Although secondary C—H bonds generally undergo
dissociation faster than do their primary counterparts, their relative reactivity very

E,= 1 keal mol™!
N T T T T ] TE.=05kealmol™

CH,CH,CH, +Cl "

~ , Removal of
primary hydrogen

LAHT=-2healmal _ CHCH,CH,+ + HCl

Removal of
secondary hydrogen

R = o CH.CHCH; + HCI

Reaction coordinate ——>
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much depends on the nature of the attacking species, X-, the strength of the re-
sulting H-X bond, and the temperature. For example, at 600°C, the chlorination
of propane results in the statistical distribution of products: roughly three times as
much 1-chloropropane as 2-chloropropane. At such a high temperature, virtually
every collision between a chlorine atom and any hydrogen in the propane mole-
cule takes place with sufficient energy to lead to successful reaction. Chlorination
is said to be unselective at this temperature, and the product ratio is governed by
statistical factors.

What do you expect the products of monochlorination of butane to be? In what ratio will
they be formed at 25°C?

Tertiary C—H bonds are more reactive than secondary ones

Let us now find the relative reactivity of a tertiary hydrogen in the chlorination of
alkanes. For this purpose, we expose 2-methylpropane, a molecule containing
one tertiary and nine primary hydrogens, to chlorination conditions at 25°C. The
resulting two products, 2-chloro-2-methylpropane (fert-butyl chloride) and 1-chloro-
2-methylpropane (isobutyl chloride), are formed in the relative yields of 36 and 64%,
respectively.

Chlorination of 2-Methylpropane

A

CH,; CH; CH;

(1% i i
Cb+cm—$—Hla mab—$—a + ah—?—m + HCI

CH, CH; CH,
64% 36%
1-Chloro-2-methylpropane  2-Chloro-2-methylpropane
(Isobutyl chloride) (tert-Butyl chloride)

Expected statistical ratio 9: 1

Expected C — H bond reactivity ratio Less : More

Experimental ratio (25°C) 64 : 36
We can determine the reactivity of tertiary relative to primary hydrogens as follows: CH;

We combine the experimental result of 64% primary chlorination and 36% tertiary
chlorination in 2-methylpropane with the statistical presence of nine primary hydro-
gens and one tertiary hydrogen atom in the starting alkane. Dividing the proportion- CH-
ate amount observed of each product by the number of hydrogens that contribute to
its formation gives a measure of reactivity per hydrogen atom:

|

2-Methylpropane

Nine primary hydrogens (blue)
Relative reactivity 36% tertiary) /(1 tertiary) e (RSP ee S

~ of a tertiary hydrogen (chlorination hydrogen/  36/1
Relative reactivity (64% primary) /(9 primary) T 64/9

of a primary hydrogen chlorination )/ \hydrogens

Thus, tertiary hydrogen atoms are about five times as reactive as primary ones. This
selectivity, again, decreases at higher temperatures. However, we can say that, at
25°C, the relative reactivities of the various C~H bonds in chlorinations are roughly

—_—

Tertiary : secondary : primary = 5:4:1
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The result agrees well with the relative reactivity expected from consideration of bond
strength: The tertiary C~H bond is weaker than the secondary, and the secondary in
turn is weaker than the primary.

EXERCISE 3-7

Consider the monochlorination of 2-methylbutane. How many different products do you
expect? Estimate their yields.

WORKING WITH THE CONCEPTS 2-Methylbutane contains nine primary hydrogens. two sec-
ondary hydrogens, and one tertiary hydrogen. Does this mean that we should expect three
different products? In this case the answer is no, because the nine primary hydrogens are
not equivalent: that is, they are not all indistinguishable from one another. Instead, there
are two distinct groups of primary hydrogens, as shown in the equation below. Chlorina-
tion of any one of the six hydrogens in group A gives 1-chloro-2-methylbutane, whereas
reaction of any one of the three in group B gives 1-chloro-3-methylbutane, so four struc-
turally different products are possible:

Chlorination of 2-Methylbutane

A
ll\’\ CH, el
| /c/ /M .
Cl, + CH,—C—CH,—CH;
—HCl1
H D
CH, CH, CH; H CH,

| | |
ClCHz—(li—CHg—CH3 + CH3—C|—CH2—CH2C1 I CH3—C|—C|—CH3 - CH3—C|—CH2—CH3
H H H Cl Cl

1-Chloro-2-methylbutane 1-Chloro-3-methylbutane  2-Chloro-3-methylbutane 2-Chloro-2-methylbutane

(Chlorination at A) (Chlorination at B) (Chlorination at C) (Chlorination at D)
“ J
Substitution at Substitution at Substitution at
primary carbons the secondary carbon the tertiary carbon

To calculate the yield of each product, find the number of hydrogens in the starting
alkane that give rise to the product under consideration and multiply by the relative reac-
tivity corresponding to the type of hydrogen (primary, secondary. or tertiary). The result is
the relative yield of each product. To find the absolute percentage yield, normalize to 100%
by dividing each relative yield by the sum of all four:

Product Relative yield Absolute yield

1-Chloro-2-methylbutane (A, six primary) 6X1=6 6/22 = 0.27 = 27%
1-Chloro-3-methylbutane (B, three primary) 3X1=3 3/22 =0.14 = 14%
2-Chloro-3-methylbutane (C, two secondary) 2X4=28 8/22 = 0.36 = 36%
2-Chloro-2-methylbutane (D, one tertiary) 1 X5=5 5/22 =023 =23%

Sum of relative yields of all four products 22
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Give products and the ratio in which they are expected to form for the monochlorination
of 3-methylpentane at 25°C. Be careful to take into account the number of hydrogens in
each distinct group in the starting alkane.

IN SUMNHHY The relative reactivity of primary, secondary, and tertiary hydrogens
follows the trend expected on the basis of their relative C—H bond strengths. Rela-
tive reactivity ratios can be calculated by factoring out statistical considerations. These
ratios are temperature dependent, with greater selectivity at lower temperatures.

3-7 Selectivity in Radical Halogenation with Fluorine
and Bromine

How selectively do halogens other than chlorine halogenate the alkanes? Table 3-5
and Figure 3-7 show that fluorine is the most reactive halogen: Hydrogen abstrac-
tion is highly exothermic and has negligible activation energy. Conversely, bromine
is much less reactive, because the same step has a large positive AH® and a high ac-
tivation barrier. Does this difference affect their selectivity in halogenation of alkanes?

To answer this question, consider the reactions of fluorine and bromine with 2-
methylpropane. Single fluorination at 25°C furnishes two possible products, in a ratio
very close to that expected statistically.

2-Fluoro-2-methylpropane : 1-Fluoro-2-methylpropane

(tert-Butyl fluoride) (Isobutyl fluoride)
Observed 14 : 86
Expected (statistical) 1 : 9

Fluorine thus displays very little selectivity. Why? Because the transition states for the
two competing processes are reached very early, their energies and structures are sim-
ilar to each other, as well as similar to those of the starting material (Figure 3-9).

CH;CHCH; +: F -

CH;

Fiqure 3-0
CH.CHCH>- + HF Potential-energy diagram for
. the abstraction of a primary or a
tertiary hydrogen by a fluorine
atom from 2-methyl-propane.
The energies of the respective
early transition states are

CH;

CH;CCH; + HF almost the same and barely
higher than that of starting
CH; material (i.e., both E, values

are close to zero), resulting in
Reaction coordinate ————> little selectivity.
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Fluorination of 2-Methylpropane

T
hv
F, + (CH;);CH — (CH3),CF - FCHZHCI—H +HF
CH;
14% 86%
2-Fluoro-2-methylpropane 1-Fluoro-2-methylpropane
(tert-Butyl fluoride) (Isobutyl fluoride)

Conversely, bromination of the samne compound is highly selective, giving the
tertiary bromide almost exclusively. Hydrogen abstractions by bromine have late tran-
sition states in which extensive C—H bond-breaking and H-Br bond-making have
occurred. Thus, their respective structures and energies resemble those of the corre-
sponding radical products. As a result, the activation barriers for the reaction of
bromine with primary and tertiary hydrogens, respectively, will differ by almost
as much as the difference in stability between primary and tertiary radicals (Figure
3-10), a difference leading to the observed high selectivity (more than 1700:1).

Bromination of 2-Methylpropane

T
I
Br, + (CH:):CH —> (CH,);CBr + BrCHz—-C|—H + HBr
CH;
>99% <1%
2-Bromo-2-methylpropane  1-Bromo-2-methylpropane
(tert-Butyl bromide) (Isobutyl bromide)

IN S"MMHHY Increased reactivity goes hand in hand with reduced selectivity in rad-
ical substitution reactions. Fluorine and chlorine, the more reactive halogens,
discriminate between the various types of C—H bonds much less than does the less
reactive bromine (Table 3-6).

CH;

CH;CHCH:' + HBr

Figure 3-10

Potential-energy diagram for
the abstraction of a primary
or a tertiary hydrogen by a
bromine atom from
2-methylpropane. The two late
transition states are dissimilar
in energy, indicative of the 30
energy difference between the CH;CHCH; + :Br-
resulting primary and tertiary
radicals, respectively, leading CH;
to the products with greater
selectivity. Reaction coordinate ——>

CH-CCH- + HBr

CH;
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F- Cl- Br-
C-H bond (25°C, gas) (25°C, gas) (150°C, gas)
CH;—H 0.5 0.004 0.002

| RCH,—H* I 1 |

' R,CH—H I's 4 80

' Ry C—H 1.4 5 1700

“For each halogen, reactivities with four types of alkane C-H bonds are normalized to the reactivity of the pri-

v\{mry C-H bond.

3-8 Synthetic Radical Halogenation
How can we devise a successful and cost-effective alkane halogenation? We must take
into account selectivity, convenience, efficiency, and cost of the starting materials and
reagents.

Fluorinations are unattractive, because fluorine is relatively expensive and corro-
sive. Even worse, its reactions are often violently uncontrollable. Radical iodinations,
at the other extreme, fail because of unfavorable thermodynamics.

Chlorination, Chloral, and DDT

CCl;

|
c1—®» CH Cl

1,1,1-Trichloro-2,2-bis(4-chlorophenyl)ethane
(DDT)

hlorination of ethanol in the production of

trichloroacetaldehyde, CC1;CHO, was first de-
scribed in 1832. The hydrated form is commonly
called chloral and is a powerful hypnotic with the
nickname “knockout drops.” Chloral is also a key
reagent in the synthesis of the powerful insecticide
DDT (an abbreviation derived from the nonsystematic
name dichlorodiphenyltrichloroethane).

The use of DDT in the control of insect-borne dis-
eases has saved many millions of lives in the past
half-century, chiefly through the decimation of the
Anopheles mosquito, the main carrier of the parasite
that causes malaria. Although its toxicity toward
mammals is low (the fatal human dose is about
500 mg kg~ ' of body weight), DDT is very resistant
to biodegradation. Its accumulation in the food chain

\

makes it a hazard to birds and fish, and although the
severity of this effect has been called into question,
DDT has been banned by the U.S. Environmental
Protection Agency since 1972.

Eggshells damaged by high concentrations of pesticide
residues.

/
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Chlorinations are important, particularly in industry, simply because chlorine is
inexpensive. (It is prepared by electrolysis of sodium chloride. ordinary table salt.)
The drawback to chlorination is low selectivity, so the process results in mixtures of
isomers that are difficult to separate. To circumvent the problem. an alkane that
contains a single type of hydrogen can be used as a substrate, thus giving (at least
initially) a single product. Cyclopentane is one such alkane.

Chlorination of a Molecule with Only One Type of Hydrogen

Cl
hv
Q + Cl s + HCl
92.7%
Cyclopentane Chlorocyclopentane

(Large excess)

To minimize production of compounds with more than one chlorine atom, chlorine
is used as the limiting reagent (Section 3-4). Even then, multiple substitution can com-
plicate the reaction. Conveniently, the more highly chlorinated products have higher
boiling points and can be separated by distillation.

Which of the following compounds will give a monochlorination product with reasonable
selectivity: propane. 2,2-dimethylpropane. cyclohexane, methylcyclohexane?

Because bromination is selective (and bromine is a liquid), it is frequently the
method of choice for halogenating an alkane on a relatively small scale in the re-
search laboratory. Reaction occurs at the more substituted carbon, even in statistically
unfavorable situations. Typical solvents are chlorinated methanes (CCly. CHCls.
CH,Cl,), which are comparatively unreactive with bromine.

IN SUHHHHY Even though more expensive, bromine is the reagent of choice for se-
lective radical halogenations. Chlorinations furnish product mixtures, a problem that
can be minimized by choosing alkanes with only one type of hydrogen and treating
them with a deficiency of chlorine.

3-0 Synthetic Chlorine Compounds and the Stratosphenc
0zone Layer

We have seen how bond homolysis can be caused by both heat and light. Such chem-
ical events can occur on a grand scale in nature and may have substantial environ-
mental consequences. This section will explore an example of radical chemistry that
has had a significant effect on our lives and will continue to do so for at least the next
fifty years.

The ozone layer shields Earth’s surface from high-energy
ultraviolet light

Earth’s atmosphere consists of several distinct layers. The lowest layer, extending
to about 15 km in altitude, is the troposphere, the region where weather occurs.
Above the troposphere, the stratosphere extends upward to an altitude of some 50
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km. Although the density of the stratosphere is too low to sustain terrestrial life, the
strato-sphere is the home of the ozone layer, which plays a critical role in the abil-
ity of life to survive on Earth. Ozone (O;) and ordinary molecular oxygen (O,)
interconvert in the stratosphere by the action of ultraviolet light from the sun:

Interconversion of Ozone and Molecular Oxygen in the Stratosphere

hv

0, — 20 A color-enhanced view of the
upper atmosphere above
bt O —— O, Antarctica shows that region
0, hv 0, + 0 in which the concentration of

ozone has dropped below
35% of normal (dark blue).
In the first two reactions high-energy solar radiation splits O, into oxygen atoms, The size of this “ozone hole”

which may combine with other molecules of O, to produce ozone, a bluish gas with has stabilized over the past
a characteristically sharp and penetrating odor. Occasionally, ozone may be detected g

in the vicinity of high-voltage equipment, in which electrical discharges cause the
conversion of O; into Os. In urban areas, nitrogen dioxide (NO») is produced through
oxidation of nitric oxide (NO), a product of high-temperature combustion. Nitrogen
dioxide, in turn, is split by sunlight to release oxygen atoms, which produce Oj; in
the lower atmosphere. The presence of ozone as an air pollutant near Earth’s surface
causes severe irritation of the respiratory membranes and the eyes. However, in the
upper atmosphere, the third reaction in the interconversion of ozone and molecular
oxygen shown above occurs, in which ozone absorbs UV light in the 200- to 300-
nm wavelength range. Irradiation at these wavelengths is capable of destroying the
complex molecules that make up biochemical systems. Ozone serves as a natural
atmospheric filter to prevent this light from reaching the surface, thereby protecting
Earth’s life from damage. No CFCs!

CFCs release chlorine atoms upon ultraviolet irradiation
Chlorofluorocarbons (CFCs), or freons, are alkanes in which all of the hydrogens
have been replaced by fluorine and chlorine. In general, chlorofluorocarbons are ther-
mally stable, essentially odorless, and nontoxic gases. Among their many commer-
cial applications, their use as refrigerants predominates, because they absorb large
quantities of heat upon vaporization. Compression liquefies gaseous CFC, which
flows through the cooling coils in refrigerators, freezers, and air conditioners. The
liquid absorbs heat from the environment outside the coils and evaporates. The gas Common CFCs
then reenters the compressor to be liquefied again, and the cycle continues.

CFCs are among the most effective and until recently the most widely used syn- CCl:F
thetic organic compounds in modern society. Why, then, have the nations of the world, CFC-11
with almost unprecedented unanimity, agreed to phase them completely out of use?
This remarkable event dates its origins to the late 1960s and early 1970s, when

chemists Johnston, Crutzen, Rowland, and Molina* pointed to the existence of rad- CCLF,
ical mechanisms that could convert several kinds of compounds, including CFCs, CFC-12
into reactive species capable of destroying ozone in the Earth’s stratosphere.

Upon irradiation by UV light, the weaker C-Cl bonds in the CFC molecules CCLFCCIF,
undergo homolysis, giving rise to atomic chlorine. CFC-113

*Professor Harold S. Johnston (b. 1920), University of California at Berkeley: Professor Paul
Crutzen (b. 1933), Max Planck Institute, Mainz, Germany, Nobel Prize 1995 (chemistry);
Professor F. Sherwood Rowland (b. 1927), University of California at Irvine, Nobel Prize 1995
(chemistry); Professor Mario Molina (b. 1943), Massachusetts Institute of Technology, Nobel
Prize 1995 (chemistry).
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INITIATION STEP
.o hv ..
F}C_C.:.l: g FzC d=r :Cl *
Chlorine atoms, in turn, react efficiently with ozone in a radical chain sequence.

PROPAGATION STEPS

:Cl'+03 — 'ClO""OZ

-ClO+0 —> 0, +:Cl-

The net result of these two steps is the conversion of a molecule of ozone and an oxy-
gen atom into two molecules of ordinary oxygen. As in the other radical chain
processes that we have examined in this chapter, however, the reactive species con-
sumed in one propagation step (:Cl+) is regenerated in the other. As a consequence,
a small concentration of chlorine atoms is capable of destroying many molecules of
ozone. Does such a process actually occur in the atmosphere?

Stratospheric ozone has decreased by about 6% since 1978

Since measurements of atmospheric composition were first made, significant de-
creases in stratospheric ozone have been recorded. These decreases are seasonal, be-
ing most severe in the winter. They show extreme variations with latitude, with large
reductions in the ozone layer over the Antarctic being noticeable as early as 1978.
Satellite measurements in 1987 confirmed that total ozone content in this portion of
the atmosphere was less than half of its usual value, and each year since 1995 more
than 85% of the ozone in the lower stratosphere over Antarctica is destroyed each
spring. Localized regions of the Antarctic had n<ns1:XMLFault xmlns:ns1="http://cxf.apache.org/bindings/xformat"><ns1:faultstring xmlns:ns1="http://cxf.apache.org/bindings/xformat">java.lang.OutOfMemoryError: Java heap space</ns1:faultstring></ns1:XMLFault>