Topic Outline

I. Structure of Matter (20%)

A. Atomic theory and atomic structure

1. Evidence for the atomic theory

2. Atomic masses; determination by chemical and physical means

3. Atomic number and mass number; isotopes

4. Electron energy levels: atomic spectra, quantum numbers, atomic orbitals

5. Periodic relationships including, for example, atomic radii, ionization energies, electron affinities, oxidation states

B. Chemical bonding

1. Binding forces

a. Types: ionic, covalent, metallic, hydrogen bonding, van der Waals (including London dispersion forces)

b. Relationships to states, structure, and properties of matter

c. Polarity of bonds, electronegativities

2. Molecular models

a. Lewis structures

b. Valence bond: hybridization of orbitals, resonance, sigma and pi bonds

c. VSEPR

3. Geometry of molecules and ions, structural isomerism of simple organic molecules and coordination complexes; dipole moments of molecules; relation of properties to structure

C. Nuclear chemistry: nuclear equations, half-lives, and radioactivity; chemical applications

II. States of Matter (20%)

A. Gases

1. Laws of ideal gases

a. Equation of state for an ideal gas

b. Partial pressures

2. Kinetic molecular theory

a. Interpretation of ideal gas laws on the basis of this theory

b. Avogadro’s hypothesis and the mole concept

c. Dependence of kinetic energy of molecules on temperature

d. Deviations from ideal gas laws

B. Liquids and solids

1. Liquids and solids from the kinetic-molecular viewpoint

2. Phase diagrams of one-component systems

3. Changes of state, including critical points and triple points

4. Structure of solids; lattice energies

C. Solutions

1. Types of solutions and factors affecting solubility

2. Methods of expressing concentration (use of normalities is not tested)

3. Raoult’s law and colligative properties (nonvolatile solutes); osmosis

4. Nonideal behavior (qualitative aspects)
III. Reactions (35–40%)

A. Reaction types

1. Acid-base reactions; concepts of Arrhenius, Bronsted-Lowry, and Lewis; coordination complexes; amphoterism

2. Precipitation reactions

3. Oxidation-reduction reactions

a. Oxidation number

b. The role of the electron in oxidation-reduction

c. Electrochemistry: electrolytic and galvanic cells; Faraday’s laws; standard half-cell potentials; Nernst equation; prediction of the direction of redox reactions

B. Stoichiometry

1. Ionic and molecular species present in chemical systems: net ionic equations

2. Balancing of equations, including those for redox reactions

3. Mass and volume relations with emphasis on the mole concept, including empirical formulas and limiting reactants

C. Equilibrium

1. Concept of dynamic equilibrium, physical and chemical; Le Chatelier’s principle; equilibrium constants

2. Quantitative treatment

a. Equilibrium constants for gaseous reactions: Kp, Kc

b. Equilibrium constants for reactions in solution

(1) Constants for acids and bases; pK; pH

(2) Solubility product constants and their application to precipitation and the dissolution of slightly soluble compounds

(3) Common ion effect; buffers; hydrolysis

D. Kinetics

1. Concept of rate of reaction

2. Use of experimental data and graphical analysis to determine reactant order, rate constants, and reaction rate laws

3. Effect of temperature change on rates

4. Energy of activation; the role of catalysts

5. The relationship between the rate-determining step and a mechanism

E. Thermodynamics

1. State functions

2. First law: change in enthalpy; heat of formation; heat of reaction; Hess’s law; heats of vaporization and fusion; calorimetry

3. Second law: entropy; free energy of formation; free energy of reaction; dependence of change in free energy on enthalpy and entropy changes

4. Relationship of change in free energy to equilibrium constants and electrode potentials
IV. Descriptive Chemistry (10–15%)

Knowledge of specific facts of chemistry is essential for an understanding of principles and concepts. These descriptive facts, including the chemistry involved in environmental and societal issues, should not be isolated from the principles being studied but should be taught throughout the course to illustrate and illuminate the principles. The following areas should be covered:

1. Chemical reactivity and products of chemical reactions

2. Relationships in the periodic table: horizontal, vertical, and diagonal with examples from alkali metals, alkaline earth metals, halogens, and the first series of transition elements

3. Introduction to organic chemistry: hydrocarbons and functional groups (structure, nomenclature, chemical properties)

V. Laboratory (5–10%)

The differences between college chemistry and the usual secondary school chemistry course are especially evident in the laboratory work. The AP Chemistry

Exam includes some questions based on experiences and skills students acquire in the laboratory:

1. making observations of chemical reactions and substances

2. recording data

3. calculating and interpreting results based on the quantitative data obtained

4. communicating effectively the results of experimental work
Atomic Structure
1. Atoms are composed of neutrons, protons, and electrons. The majority of atomic mass is contained in the nucleus, whereas the electrons are the most important determinants of chemical behavior. The Rutherford experiment was essential in determining the structure of the atom.

2. Isotopes represent variations in the number of neutrons in an atom. Unstable isotopes may undergo radioactive decay, including the emission of α particle (4He2) and β particle (e-).
3. Radioactive decay obeys first-order kinetics, so how fast a radioactive sample will decay can be predicted by using half-life.
4. The electromagnetic spectrum defines the various types of electromagnetic energy and the wavelengths associated with it. λ* f = c
5. The Bohr model allows us to predict the energies of electron transitions for hydrogen and hydrogen-like atoms. When energy is absorbed, it is possible for an electron to jump to a higher energy level. In contrast, when an electron falls from a higher energy level to a lower one, energy is released in form of electromagnetic radiation. The energy of the principal energy levels in the Bohr model.
E = -2.178*10^-18 * (Z/n) ^ 2, Z is the atomic number and n is the principal energy level
6. Heisenberg Uncertainty Principle- it is impossible to know both the position and momentum of an electron at the same time
	n
	l
	ml
	Orbital
Name
	Number of
orbitals
	Number of
electrons
	7. Electrons in an atom occupy atomic orbitals, which are defined by quantum numbers. There are four types of atomic orbital shapes: s, p, d, and f. The presence of unpaired electrons to a paramagnetic state, whereas lack of unpaired electrons corresponds to a diamagnetic state.

8. Hund’s rule- if two or more orbitals of equal energy are available, electrons will occupy them singly before filling them in pairs.
9. Aufbau principle- an atom is "built up" by progressively adding electrons
1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 6p, 7s, 5f
10. Pauli principle- no two electrons can have the same four quantum numbers.

	1
	0
	0
	1s
	1
	2
	

	2
	0
	0
	2s
	1
	2
	

	
	1
	-1, 0, +1
	2p
	3
	6
	

	3
	0
	0
	3s
	1
	2
	

	
	1
	-1, 0, +1
	3p
	3
	6
	

	
	2
	-2, -1, 0, +1, +2
	3d
	5
	10
	

	4
	0
	0
	4s
	1
	2
	

	
	1
	-1, 0, +1
	4p
	3
	6
	

	
	2
	-2, -1, 0, +1, +2
	4d
	5
	10
	

	
	3
	-3, -2, -1, 0, +1, +2, +3
	4f
	7
	14
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Chemical Compounds
1. Ionic bonding occurs between atoms with a large Electronegativity difference, typically a metal and nonmetal. Atoms are held together by an electrostatic force defined by Coulomb’s Law: E= 2.31*10^-19 (Q1Q2 / r)    Q are charges
2. Covalent bonding takes place between atoms with a small electronegativity difference, and corresponds to an interaction in which electrons are shared. Lewis dot structures, in which the octet rule is generally obeyed, are used to represent covalent molecules.
3. Polarity refers to covalent molecules in which electrons are shared unequally, resulting in a net dipole moment when the molecule is placed in an electrical field. Three-dimensional geometry of a molecule must be known to predict polarity.
4. The VSEPR model, which states that the groups surrounding a central atom generally want to be positioned as far apart as possible, is useful in predicting molecular geometry.
5. Using the VSEPR model, it’s possible to predict the overall molecular geometry as well as hybridization by looking at how many steric groups surround the central atom.
	total pair
	bonded pair
	lone pair
	electron-pair geometry
	molecular geometry
	bond angle
	example
	hybridization

	2
	2
	0
	linear
	linear
	180
	CO2
	sp

	3
	3
	0
	trigonal planar
	trigonal planar
	120
	BF3
	sp2

	
	2
	1
	
	bent
	<120
	SO2
	

	4
	4
	0
	tetrahedral
	tetrahedral
	109.5
	CH4
	sp3

	
	3
	1
	
	trigonal pyramidal
	<109.5
	NH3
	

	
	2
	2
	
	bent
	
	H2O
	

	5
	5
	0
	trigonal bipyramidal
	trigonal bipyramidal
	90, 120, 180
	PF5
	dsp3

	
	4
	1
	
	seesaw
	
	SF4
	

	
	3
	2
	
	T-shaped
	90,180
	ClF3
	

	
	2
	3
	
	linear
	180
	XeF2
	

	6
	6
	0
	octahedral
	octahedral
	90, 180
	SF6
	d2sp3

	
	5
	1
	
	square pyramidal
	
	BrF5
	

	
	4
	2
	
	square planar
	
	XeF4
	


The sigma-bond is defined as the linear overlap of atomic orbitals in which two electrons are directly between the two bonded nuclei.

Pi-bonds are defined as the parallel overlap of p-orbitals. A double bond has one sigma-bond and one pi-bond. A triple bond thus consists of a sigma-bond and two pi-bonds.
Bond order = (number of bonding electrons – number of bonding antibonding electrons) / 2

Larger bond order means stronger bonds. If the bond order is zero, the molecule is not stable.
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	B2
	C2
	N2
	
	O2
	F2

	
	σ2p*
	
	
	
	σ2p*
	
	

	
	π2p*
	
	
	
	π2p*
	↑  ↑ 
	↑↓  ↑↓

	
	σ2p
	
	
	↑↓
	π2p
	↑↓  ↑↓
	↑↓  ↑↓

	
	π2p
	↑  ↑ 
	↑↓  ↑↓
	↑↓  ↑↓
	σ2p
	↑↓  ↑↓
	↑↓  ↑↓

	
	σ2s
	↑↓
	↑↓
	↑↓
	σ2s
	↑↓
	↑↓

	
	σ2s
	↑↓
	↑↓
	↑↓
	σ2s
	↑↓
	↑↓


Gases

1. The behavior of gases is described by the kinetic molecular theory, which describes how the molecules in a gas interact with each other and with the walls of their container.
2. Ideal gas law: PV=nRT           Nonideal gas law: [image: image3.png];
(p+ 7;—2“) (V —nb) =nRT




3. PV=k (Boyle), V=kT (Charles), P=kT (Gay-Lussac), V=kn (Avogadro)
4. Dalton’s Law of Partial Pressure, the total pressure collected the pressure of a mixture of gases simply is the sum of the partial pressures of the individual components   Ptotal=P1+P2+P3+…+Pn
5. Graham’s law: [image: image4.png]=
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Properties of Matter
1. London dispersion forces are relatively weak interactions that occur between nonpolar molecules. For nonpolar compounds, physical properties will depend on the total number of electrons in the molecule (more electrons = stronger interactions).
2. Dipole-dipole interactions occur between molecules with a net dipole moment. An important type of dipole-dipole interaction is hydrogen bonding, which occurs between the atoms F, O, N and a proton that is bonded to F, O, N.
3. Metals can be represented as an array of metal cations in a sea of electrons. This structure accounts of the malleability and electrical conductivity of metals. 
4. Ionic bonding is an extremely powerful type of bonding between a metal and a nonmetal. Ionic compounds conduct electricity when in solution or melted.
5. Network solids, for example diamond, can be thought of as a single giant molecule, in which atoms are covalently bonded in every direction.
6. For a given chemical formula, multiple structures are possible. For example SiO2 can exist as the amorphous solid glass or crystalline solid quartz, while C can exist as carbon or graphite.
7. Changes of state will occur in response to changes in temperature and/or pressure. 
8. Phase diagrams describe the states of a material with respect to temperature and pressure. Triple point corresponds to the temperature and pressure at which all three phases can exist, whereas the critical point corresponds to the temperature above which a gas cannot be liquefied no matter what pressure is applied.
Solutions

1. molarity(M) = mol of solute / volume of solution(L)
2. molality(m) = mol of solute / mass of solvent(kg)
3. Like dissolves like: polar solutes will dissolve in polar solvents and nonpolar cannot
4. The solubility of a gas in a liquid is proportional to the ambient pressure, P=kC
5. Temperature ↑, solubility of a solid in liquid ↑, gas ↓.
6. Colligative properties for solutions include boiling point elevation, freezing point depression, and vapor pressure depression.
7. ΔTf = mKf, 

ΔTb = mKb
8. Raoult’s Law: P solution = mol fraction of solvent * pressure of solvent
9. Osmotic pressure = MRT (R= 0.08206). Osmotic pressure maybe defined as the pressure required to stop osmosis (the movement of water) across a semipermeable membrane. This phenomenon is useful in calculating the molar mass of large molecules in solution.
Thermodynamics
1. Gibbs free energy can be used to predict the spontaneity of a chemical reaction
ΔG = ΔH – TΔS
If ΔG is negative, the reaction will be spontaneous under the conditions specified. If ΔG is positive, the reaction will not occur.
2. Entropy (S) maybe defined as the degree of disorder in a system: S solid<S liquid<S gas
3. Te equilibrium constant K for a reaction defined by ΔG: ΔG=-RT lnK
4. ΔG has no relationship to the rate of chemical reaction. Furthermore, the presence of a catalyst will not alter ΔG or K, but rather the rate at which equilibrium is reached.
5. Hess’s Law: [image: image5.png]© —
AHgion = Y AHg o — Y AHG o




[image: image6.png]o =
AG; etion = Z AGE, oucts) — Z AGE eactants)




[image: image7.png]= =
AS} L oction = D_ Sioroducts) — 2_ Sireactants)




6.  M(s) + 1/2X2 (g) ( MX(s) 


in order to calculate the enthalpy of formation: 

1. M(s) ( M(g)




enthalpy of sublimation

2. M(g) ( M+(g) + e-


ionization energy

3. 1/2X2(g)(X(g)



dissociation energy

4. X(g) + e- ( X-(g)



electron affinity

5. M+(g) + X- (g) ( MX(s)

lattice energy

Kinetics
1. The spontaneity of a chemical reaction has no influence on reaction rate.
2. A reaction rate is usually defined in terms of rate of disappearance of reactants or appearance of products. However, the rate law is usually used in solving kinetics problems.
3. For a given chemical reaction, the rate law includes both the rate constant k as well as the dependence of rate on reactant concentrations: [image: image8.png]


…, where the overall reaction order is given by x+y+…
4. The integrated rate law predicts how the concentration will vary over time.
	
	Zero-Order
	First-Order
	Second-Order

	Rate Law
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	Integrated Rate Law
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	Units of k
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	Linear Plot
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	Half-life
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5. If either [A] or [B] remains constant as the reaction proceeds, then the reaction can be considered pseudo-first-order because, in fact, it depends on the concentration of only one reactant. If, for example, [B] remains constant, then: r=k[A][B]=k’[A].
6. A reaction mechanism describes the elementary reactions that constitute an overall chemical reaction. The overall rate depends only on the slow or rate-determining step of the reactions.
7. The activation energy Ea refers to the energetic barrier that needs to be overcome in order for a reaction to occur and is the principal determinant of reaction rate. 
8. [image: image24.png]I. — Ap Ea/RT
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9. Catalysts provide an alternative path with lower activation energy. Catalyst appear on the reactant side, are consumed then produced in the reaction, and appear on the product side. 
10. Intermediates are produced then consumed in the reaction. Neither intermediates nor catalysts appear in the overall reaction.
	Exothermic Reaction
	Endothermic reaction

	A + B -> C + Heat, ΔH <0
	A + B + Heat -> C, ΔH >0

	1. Heat is released.
	1. Heat is absorbed.

	2. Temp ↑
	2. Temp ↓

	3. Product energy lower than reactant energy.
	3. Product energy higher than reactant energy
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Stoichiometry
1. # of grams = # of moles * molar mass
2. The limiting agent is the reactant that is completely consumed during the course of a chemical reaction and limits the amount of product that may be formed.
3. Percent yield= (actual yield / theoretical yield) * 100%
Equilibrium
1. Chemical equilibrium is a dynamic process. At equilibrium, the rate of the forward reaction is equal to the rate of reverse reaction. 
a) aA + bB <=> cC + dD

K=([C]^c * [D]^d) / ([A]^a * [B]^b)
b) n*[aA + bB <=> cC + dD]
K’=K^n
c) cC + dD <=> aA + bB

K”=1/K
d) The equilibrium constant for a net reaction made of two or more steps is the product of the equilibrium constants of the individual steps.
2. Le Chatelier’s principle states that if any change is applied to a system at equilibrium, the equilibrium will shift so as to reduce that change.
a) Changes in concentration: 
i. [reactant] ↑ or [product] ↓ ( forward reaction favored
ii. [product] ↑ or [reactant] ↓ ( reverse reaction favored
b) Changes in temperature:
i. For exothermic, temperature ↑, reverse favored, temperature ↓, forward favored
ii. For endothermic, temperature↑, forward favored, temperature ↓, reverse favored
c) Changes in pressure/volume (only gases are considered): 
i. volume ↑, the reaction (forward/reverse) that produces more # of gases is favored
ii. volume ↓, the reaction (forward/reverse) that produces less # of gases is favored
3. K will not be affected by an increase in concentration of product or reactant.
4. Adding an inert gas will not change the partial pressure or the concentrations of the equilibrium species (because total pressure also increases), so the reaction will not shift.
5. Increase in temperature will affect K
6. Ksp describes to what extent a compound will dissociate in solution.
a) If Q>Ksp, precipitation occurs and will continue until equilibrium is established
b) If Q=Ksp, the solution is saturated and no more compound can be dissolved
c) If Q<Ksp, no precipitation, if solid is present it will dissolve until equlibrium.
7. The presence of a common ion in solution will substantially diminish molar solubility, and forms the basis for selective precipitation.
Solubility rules
	Soluble
	Insoluble

	Salts of Li+, Na+, K+, Cs+, NH4+, NO3-, HCO3-, ClO3-, ClO4-, CH3COO-
	

	Salts of Cl-, Br-, I- are soluble
	with Ag+, Hg22+, Pb2+

	Salts of F- are soluble
	with Mg2+, Ca2+, Sr2+, Ba2+, Pb2+

	Salts of SO42-
	with Ag+, Ca2+, Sr2+, Ba2+, Hg2+, Pb2+


	Insoluble
	Soluble

	CO32-, PO43-, C2O42-, CrO42-, O2-
	with Li+, Na+, K+, Rb+, Cs+, NH4+, NO3-, HCO3-, ClO3-, ClO4-, CH3COO-

	S2-, OH-
	with Ca2+, Sr2+, Ba2+


Acid Base
1. Acid-base reactions can be understood using the Arrhenius, Lewis, or Bronsted-Lowry models. Most questions will relate to Bronsted-Lowry definition which states that acids are H+ donors and bases are H+ acceptors.

2. The strength of an acid refers to the extent of dissociation in aqueous solution.
3. For a weak acid in solution:
4. HA (aq) [image: image29.png]


A− (aq)+ H+ (aq)  [image: image30.png]



5. The relative strength of acids can be explained in part by the electronegativities of the atoms attached to the proton. Electronegativity ↑, acid strength ↓.
6. The autoionization of water: 2H2O (l) [image: image31.png]


 OH− (aq) + H+ (aq). Kw=[H+][OH-]=1*10^-14
7. pH=-log[H+]
8. For any titration, remember that there are two distinct steps to consider: stoichiometric conversion that goes essentially to completion, and the resulting equilibrium, if any.
9. For a strong acid-strong base titration, the pH will be determined by the presence of OH- and H+ in solution that has not been neutralized. The pH at the equivalence point is equal to 7.
10. For a weak acid-strong base titration, the pH is determined by using the ICE table and the equilibrium constant. The pH at the equivalence point will be >7 due to the presence of conjugate base in solution.
11. For a weak base-strong acid titration, the pH at the equivalence point will be <7 due to the presence of conjugate acid in solution.
12. Buffers represent a solution containing a conjugate acid conjugate base pair. The buffering capacity will be determined by the absolute concentrations of these components in solution, with dilute buffers possessing a lower buffering capacity.
Redox reactions
1. Redox reactions can be summarized using half-reactions. The reduction half-reaction describes the compound being reduced, also known as the oxidizing agent. The oxidation half-reaction describes the compound being oxidized, also known as the reducing agent.
2. In an electrochemical cell, reduction occurs at the cathode while oxidation occurs at the anode. The most important feature of any electrochemical cell is the choice of materials used.
3. E cell = E red – E ox
4. If E cell is positive, the process is spontaneous and will occur in the forward direction.
5. [image: image32.png]



6. The course of any redox reaction can be determined by looking at standard reduction potentials. A process with a more positive E will always occurs more readily than a process with a less positive E. This basic rule can be used to predict which compound will be oxidized and which compound will be reduced in any redox reaction.
7. The Nernst equation: E cell = E cell (standard) – ln Q
8. Electrolysis is a process that forces reactant-favored reactions to occur by applying a current. Remember that in electrolysis you must always determine whether or not a given oxidation/reduction reaction is favored with respect to water.
9. Corrosion is a process by which metals are oxidized. This process can be limited by anodic or cathodic protection. Cathodic reaction involves use of a sacrificial anode that is more readily oxidized than the metal in question.
Predicting a reaction 
1. When two elements combine, make sure that the element has a sensible oxidation state
2. Decomposition reactions usually produce simple salts and oxide gases
3. A pure metal or a metal hydride in water will produce a base and hydrogen gas
4. A metal oxide in water will produce a base
5. A nonmetal oxide in water will produce an acid
6. Combustion of a hydrocarbon (with oxygen) will produce water and carbon dioxide
7. When two solutions are mixed, predict the precipitate using the solubility rules
8. An acid and a base react to form water and a salt
9. An acid and a basic salt react to form an acid and a salt

10. A base and an acid salt react to from a base and a salt

11. When a transition metal is placed in a strong oxoacid, metal will be reduced,d and an oxide gas and water will form.

	oxidizing agents
	reducing agents

	Oxidizing agent (reduced)
	Formed 
	Reducing agent (oxidized)
	Formed

	Permanganate, MnO4-, in acid
	Mn2+
	Free halogens (Br2)
	Hypohalite ions in dilute basic solution (BrO-)

	Permanganate, MnO4-, in neutral or basic solution
	MnO2
	Free halogens
	Halite ions in concentrated basic solution (ClO2-)

	Manganese dioxide MnO2, (acid)
	Mn2+
	
	

	HNO3, concentrated
	NO2
	Nitrite ions NO2-
	Nitrate ions NO3-

	HNO3, dilute
	NO
	
	

	H2SO4, hot concentrated
	SO2
	Sulfite ions SO3 2-
	Sulfate ions SO4 2-

	Metal-ic ions (Sn4+)
	Metal-ous ions (Sn2+)
	Metal-ous ions (Fe2+)
	Metal-ic ions (Fe3+)

	Free halogens (Cl2)
	Halide ions (Cl-)
	Halide ions (Br-)
	Free halogens (Br2)

	Peroxides

Na2O2, H2O2
	NaOH, H2O
	Free metals (Na)
	Metal ions (Na+)

	Perchloric acid HClO4
	Chloride ion Cl-
	
	

	Dichromate Cr2O7 2-, in acid
	Chromium ion, Cr3+
	
	


	
	
	Alkane (-ane)
	Alkyl substituent(-yl)
	Alkene (-ene)
	Alkyne (-yne)

	
	
	CnH2n+2
	CnH2n+1
	CnH2n
	CnH2n+2

	1
	Meth
	CH4
	-CH3
	
	

	2
	Eth
	C2H6
	-C2H5
	C2H4
	C2H2

	3
	Prop
	C3H8
	-C3H7
	C3H6
	C3H4

	4
	But
	C4H10
	-C4H9
	C4H8
	C4H6

	5
	Pent
	C5H12
	-C5H11
	C5H10
	C5H8

	6
	Hex
	C6H14
	-C6H13
	C6H12
	C6H10

	7
	Hept
	C7H16
	-C7H15
	C7H14
	C7H12

	8
	Oct
	C8H18
	-C8H17
	C8H16
	C8H14

	9
	Non
	C9H20
	-C9H19
	C9H18
	C9H16

	10
	Dec
	C10H22
	-C10H21
	C10H20
	C10H18


	Chemical class
	Formula
	Suffix
	Example

	Alcohol
	R—OH
	-ol
	CH3OH
Methanol

	Ketone
	R—CO—R'
	-one
	C2H5COCH3
Methyl ethyl ketone (Butanone)

	Aldehyde
	R—CHO
	-al
	CH3CHO
Acetaldehyde (Ethanal)

	Carboxylic acid
	R—COOH
	-oic acid
	CH3COOH
Acetic acid (Ethanoic acid)

	Ether
	R—O—R'
	-ether
	C2H5OC2H5
Diethyl ether

	Ester
	R—COO—R'
	alkyl alkanoate
	C3H7COOC2H5
Ethyl butanoate

	Halohydrocarbon
	R—X
	alkyl halogenide

haloalkane
	CH3I

Iodomethane (methyl iodide)

	Amine
	R—NH2
	alkylamine

aminoalkane
	CH3NH2

Methylamine (aminomethane)
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