
I. Important things from the 1st semester

A. Metal: good conductivity/malleable/ductile

B. Nonmetal: bad conductivity/brittle/not ductile

C. Redox Reactions: electron transfer from both sides →other sides

1. LEO goes GER

a. electrons show up on R = Reduction

b. electrons show up on L = Oxidation

2. Steps 
a. Break into half reactions

b. Balance elements except for O and H

c. Balance O by adding H20

d. Balance H by adding H+ ions

e. Balance charge by adding e-
i. multiply each ½ reaction by the LCF of the two electron numbers. 

f. 2 electrons should be on opposite sides of ½ reactions. Cancel them out

g. Add 2 sides of ½ reactions together (L + L ( R + R)

h. Simplify H20 & H+ ions by adding/subtracting from sides

i. IF IN BASE SOLUTION: Add OH- for every H+ ion.  Simplify by creating H20.  Simplify everything.

D. Acid – Base Neutralization Reaction
1. Strong acid/Strong Base:

a. End w/H20

2. Weak Acid/Strong Base:

a. End w/ H2O & other part of acid

b. base will become a spectator/will be crossed out

3. Strong Acid/Weak base

a. End up with base + H+
b. 2nd part of acid will be crossed out

E. Redox Reactions

1. Single Replacement: (A + BC → B + AC)

2. Combustion (hydrocarbon + O2 → CO2 + H2O)

3. Synthesis (A + B → AB)

4. Decomposition (AB → A + B)

F. Double Displacement Reactions

1. AB(aq) + CD(aq) → AD(s) + CB (aq)

G. Solubility Rules

1. Soluble compounds (alkali metal salts)

a. salts of Na+, K+, NH4+
b. NO3- (nitrate)
c. ClO3- (chlorate)
d. ClO4- (perchlorate)
e. CH3CO2- (acetate)

f. SO42-
g. Cl-, Br, I-
h. compounds containing F-
i. alkali metal cations

j. Ba(OH)2 
2. Insoluble Compounds

a. Halides of Ag+, Hg22+, Pb2+
b. Fluorides of Mg2+, Ca2+, Sr2+, Ba2+, Pb2+
c. Sulfates of Ca2+, Sr2+, Ba2+, Pb2+
d. CO32- (Carbonate)

e. PO43- (phosphate)

f. C2O42- (oxalate)

g. CrO42- (chromate)

h. most metal sulfides, S2-
i. most metal hydroxides/oxides

H. Naming Acids

1. Acids containing Oxygen (oxyacids):
a. identify portion of acid containing oxygen (usually polyatomic ion)

b. change –ate ending to –ic OR change –ite ending to –ous    (ATIC ITOUS)

c. add word acid after name

2. Not containing Oxygen (binary acid w/Hydrogen paired with another nonmetal)
a. identify non-hydrogen part of acid

b. give prefix of hydro- and change ending to –ic

c. write acid

II. Atomic Theory

A. Definitions

1. Photon: particle properties (light)

2. frequency of photon: determines if an action will be ejected or not

3. amplitude (intensity): determines amount of photons ejected during unit time (intensity = current)

4. electromagnetic energy: produced when electron is excited to higher energy state by absorbing energy

a. carried on wave frequency

5. spectral lines: specific wavelengths 

6. Electromagnetic wave: transverse, self propagating

a. alternating electrical/magnetic waves

7. mechanical energy: carried on wave amplitude

8. Bohr model: atoms can only have certain orbits

a. maximum electrons in Bohr sublevel: 2n2
B. Electromagnetic Spectrum

1. ROYGBIV- in order of decreasing wavelength/increasing frequency and energy

2. energy and frequency  ↓ as wavelength ↑

3. Spectrum in order of increasing energy: radio, microwave, infrared, visible, UV, x-ray, gamma
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C. Quantum numbers

1. Principle quantum # (n): determines energy level/average distance from nucleus

2. (Azimuthal) Angular momentum quantum # (l): determines shape of sublevel
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a. 0=s

b. 1=p

c. 2=d

d. 3=f

e. 4=g

3. Magnetic quantum # (m1): spatial orientation of sublevel orbital (-1 … 0 … 1)

4. Spin orbital # (mS): spin orientation of electron in orbital (( ½)

5. each orbital can contain a maximum of 2 electrons (s can have 2, p can have 6, etc.)

D. Rules

1. Aufbau Principle: fill energy positions from ↓ to ↑
2. Hund’s rule: fill orbitals singly before pairing
3. Pauli Exclusion Principle: no 2 electrons in same atom can have same set of 4 quantum #s
4. Heisenberg Uncertainty Principle: limited ability to measure position/momentum of object simultaneously
a. ΔxΔmv ≥h/4π 
i. Δx = uncertainty in position
ii. Δmv = uncertainty in momentum (often velocity)
E. Electron arrangements
1. valence electrons: electrons in outermost energy level
a. any atom with filled s and p sublevels
2. core electrons: all other electrons
3. noble gases: completely filled outermost s and p sublevels
F. Photoelectric Effect
1. Frequency carries wave energy
2. Threshold Frequency = Minimum frequency required to knock off an electron off metal
a. light intensity (amplitude): determines # electrons ejected per unit time
b. Amplitude: brightness (Photon/time)
G. Periodic Trends
a. atomic radius: radius of atom from nucleus to edge of electron cloud
b. highest in ↓ L
2. ionic radius: radius of ion compared to neutral counterpart
a. anions: always larger (added repulsion among electrons)
b. cations: always smaller (fewer electrons added by same # protons)
3. Ionization energy: energy required to remove outer electron from atom in gaseous state
a. highest on ↑ R
4. Electronegativity: tendency for bonded atom to pull electrons toward it
a. highest on ↑ R
H. Spectroscopic Notation

1. Ex. H = 1s1
a. 1 = (n) Principal Quantum Number
b. s= sublevel
c. 1 = electron in that sublevel
2. Ex. Br
a. 1s22s22p63s23p64s23d104p5
3. Condensed: Go back to the previous noble gas/add notations until reach element
I. Exceptions To Aufbau’s Principle: Want to fill a whole energy level or at least half
1. Removes electron from previous full electron level to supplement
2. Element: Chromium (Cr)
a. Expected: [Ar] 4s23d4
b. Actual:     [Ar] 4s13d5
3. Element: Copper (Cu)
a. Expected: [Ar] 4s23d9
b. Actual:     [Ar] 4s13d10
III. Covalent Bonding

A. Covalent Bonding
1. b/w nonmetals
2. Electrons shared to achieve a stable octet
3. takes place b/w valence e- (outermost s/p sublevel e-)
B. Lewis Dot Structures
1. Determine the most likely atom arrangement
a. Least EN atom is in the center 
b. Molecules often symmetrical
c. Hydrogen: never a central atom, can only have a “duet”.
2. Determine total # valence e- molecule possesses
3. Fill in "octets" of outer atoms
4. Check for octet on central atom
a. octet/no leftover e-: you are done
b. no octet: consider double/triple bond
c. electrons left over: place as lone pairs on central atom
C. Formal Charge 
1. determine most likely molecular structure when 1+ arrangement possible
2. should be 0 or very close to 0
3. more electronegative atom to have the negative charge (if charge is necessary)
4. should be determined for each atom in compound
5. Determining formal charge
a. Normal # valence e- - nonbonding e- - 1/2 bonding e- 
D. Exceptions to the octet rule:

1. less than an octet

a. Be: 2 pairs

b. B: 3 pairs

2. Free radicals: Molecules with "odd numbers" of electrons (e.g. NO2)

a. Central atoms w/more than octet (expanded valence)

i. (Potentially) atoms w/valence e- in 3rd energy level or ↑(e.g. SF6)

E. Resonance Structures and Bond Order:

1. resonance: identical mult. bonding conditions b/w 2 atoms 

a. i.e. N can create multiple bond b/w 1+ possible O atoms in symmetrical arrangement

2. secondary bond: shared equally b/w each of bond pairs

3. bond order: gives amount of bonding that occurs b/w 2 atoms (bond order will be 1 ½ for example)

F. Bond Character/Polarity

1. more EN atom will always draw electrons closer to it

a. ionic bond: if difference in EN is great enough

b. nonpolar covalent bond: no difference in EN

c. polar covalent: b/w these extremes

2. polar nature of molecules: effects melting/boiling point and vapor pressure

3. Bond character

a. (EN = 0
       Nonpolar covalent bond 

b. 0<(EN<1.7    Polar covalent 

c. (EN(1.7        Ionic 

4. entire molecule being polar depends on geometry

a. clues

i. polar bonds ((EN > 0)

ii. nonbonding electron pairs on central atom (can affect symmetry of molecule)

iii. different types of elements bonded to central atom (can affect molecule symmetry)

b. molecule can have polar bonds but symmetry can cancel out these affects

G. Molecular Geometry

1. Valence Shell Electron Pair Repulsion theory (VSEPR): pairs of electrons around atom want to get geometrically as far away from one another as possible to minimize repulsion b/w them

2. # electron pairs in addition to actual # of bonding atoms surrounding an atom determines overall shape of molecule

H. Hybridization:
1. atoms can combine orbitals together to produce new identical orbitals that are "hybrids" of original ones

2. single bonds/lone pairs/1st bond in multiple bond always form from hybridized orbital

a. sigma bond ((): bond formed from hybridized orbitals

b. pi bond ((): 2nd or 3rd  bond in multiple bond formed from overlapping unhybridized p orbitals

3. When determining the molecular geometry, treat multiple bonds as though they were single bonds

I. Electronic geometries: arrangement of electron pairs around central atom 

1. always a major class

J. molecular geometries: physical appearance of molecule; may be a:

1. major class: no nonbonding pairs on central atom

2. subclass: 1+ nonbonding pair(s) on central atom

K. Subclass Geometries:  1+ nonbonding pairs of e- on central atom

1. Trigonal Bipyramidal: Nonbonding electron pairs MUST be on equatorial region of molecule

2. Octahedral: remove electrons from axial regions before equatorial regions

IV. Acids, Bases, Titrations, and buffers

A. Arrhenius Definition of acids/bases

1. acid:

a. turns litmus paper from blue to red

b. reacts with active metals

c. tastes sour

2. base:

a. turns litmus paper from red to blue

b. feels slippery/soapy

c. tastes bitter

3. acid + base → salt + H20
B. Bronsted-Lowry model

1. Acid: Proton donor
2. Base: proton acceptor
3. In acid-base reaction, proton is transferred from acid to base

i. HB(aq) + A-(aq) ↔ HA(aq) + B-(aq)
ii. Acid + Base ↔ Conjugate Acid + Conjugate Base
b. Conjugate acid-base pairs differ only by one H+
4. Amphiprotic: can either accept/donate a proton (e.x. H2O)

5. Amphoteric: having characteristics of acid & base/capable of reacting as either

C. Ionization of H2O molecule: H2O ↔ H+(aq) + OH-(aq)
1. Ion Product constant of water: Kw 
2. Neutral solution: when [H+] = [OH-]

D. pH: power of the hydrogen ion, specifies acidity of solution
1. ↑ pH, ↓ acidity of solution 

a. pH<7.0: acidic        

b. pH>7.0: basic        

c. pH = 7.0: neutral

2. pH of strong acids/bases-completely ionized
E. Weak Acids

1. HB(aq) + H2O ↔ H30+(aq) + B-(aq)
2. Weak Acid Categories:

a. Molecules containing ionizable H+ 

i. HNO2(aq) + H20 ↔ H30+(aq) + NO2-(aq)
b. Cations 

i. NH4+(aq) + H2O ↔ H30+(aq) + NH3(aq)
3. Acid Equilibrium constant: Ka
4. percent ionization: ionization of a weak acid (HB(aq) ↔ H+(aq) + B-(aq))

a. % ionization = [H+]eq (100)

5.         [HB]o
6. Polyprotic: contain more than one ionizable H+ atom
a. Ka becomes smaller with each step

b. acids in successive steps become weaker (harder to remove H+ from negative species than neutral one)

F. Weak Bases

1. Molecules:

a. NH3(aq) + H20 ↔ NH4+(aq) + OH-(aq)
2. Anions: anion derived from weak acid is itself a weak base
3. B-(aq) + H2O ↔ HB(aq) + OH-(aq)
4. Base Equilibrium constant: Kb
G. KaKb = Kw = 1.0x10-14
H. Acid-Base Properties of Salt Solutions

1. Finding the pH

a. decide what effect cation and anion each have on H20

i. alkali metal salts-soluble

b. combine the effects and decide on behavior

c. acidic: Ka >Kb
d. basic: Ka<Kb 
I. Anhydrides: substances that react w/H2O to produce acid or base 
1. Acidic: nonmetal oxide that in H2O forms an acid
a. Ex. SO3 + H2O → H2SO4
2. Basic: metal oxide that in H20 forms a base

a. Ex. Na2O + H2O → 2NaOH

J. Buffers: cushion drastic pH change that occurs when strong acid/base is added toH2O
1. Properties:

a. solution containing weak acid and its conjugate base

b. highly resistant to changes in pH brought about by addition of strong acid/base

c. pH close to pKa of the weak acid

2. pH: change drastically if buffer runs out
3. pH = pKa + log [B-]/[HB]  
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K. Titrations: determining concentration of solution by reacting w/ another solution of known concentration
1. Steps:

a. Write a balanced acid-base equation

b. Convert molarity to moles

c. Compare mole ratios

d. Convert moles back to molarity

2. Equivalence point: point at which stoichiometrically equivalent amounts of reactants had reacted

a. Strong Acids/Strong bases: Eq. point = 7 (neutral)

3. Endpoint: point where indicator changes color

4. Titrant: solution of known concentration used to titrate

5. Standardized solution: solution of precisely known concentration
6. weak acid/strong base and vise versa: 

a. midpoint: pH = pKa
        Weak acid/strong base                      Weak base/strong acid
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V. Electrochemistry

A. Voltaic (galvanic) cells: using spontaneous chemical reactions to do work (i.e. provide electricity)

1. Uses redox reactions

a. Oxidation: always occurs at the anode

i. More active metal

b. Reduction: always occurs at cathode

i. Less active metal

2. Electron flow

a. from anode to cathode  
b. from more active metal to less active metal

i. exception: negative voltage

3. Cell diagram

a. Anode| Anode Solution || Cathode Solution | Cathode

4. Cell Voltage: Eºcell = Eºcathode - Eºanode 
5. SHE: Standard Hydrogen Electrode

a. 0.00 V Half-cell on reduction chart

b. Gases: 1 atm

c. Solutions: 1 M

d. 298 K (25 Celsius)

e. Oxidation: H2(g) → 2H+(aq) + 2e-
f. Reduction: 2H+(aq) + 2e- → H2(g)
g. reactions w/negative reduction potentials: less easily reduced than Hydrogen
6. Concentration Cells: 2 half-cells having same metals in solutions containing ions if there is molarity difference

a. oxidation at less concentrated cell

b. Le Chatelier’s Principle: chemical system will react to reduce stress placed upon system

c. Anode: more dilute solution, oxidized
d. Cathode: concentrated solution, reduced, ions transferred to dilute solution

B. Electrolytic Cells: using electricity to force non-spontaneous reactions

1. anode/cathode polarity is switched

a. anode: positive

b. cathode: negative

2. Electroplating: plating more ‘precious’ metal onto surface of base metal/other object

a. voltage must be↑ than cell voltage to be spontaneous

3. Battery Diagrams

a. long line ( | ) is positive  

b. short line ( | ) is negative 

4. Faraday Constant (F): 96480 C/mol e-
a. amount charge in 1 mol e- passing through  circuit

5. Steps

a. Current and time are given 

b. find the product of current and time = charge 

c. use the faraday as conversion factor → mol e-  

d. use coefficients in balanced equation to find mol ratio→ mol of product  

e. use molar mass/standard molar volume as conversion factor →grams/liters  

6. Ohm’s Law: V=IR
a. 1 Volt = 1 J/C

C. Primary (nonrechargeable) batteries
1. Le Clanché: large currents cause buildup of NH3 (gas @ carbon cathode)

a. causes voltage drop from insulation

2. Alkaline Batteries: KOH is used instead of NH4Cl

a. In basic solution

3. Mercury (HgO) “button” batteries (1.3 V)

D. Secondary (Rechargeable) batteries

1. Lead-Acid battery (12 V)

a. Lead/weight/explosions/sulfuric acid

b. Recharging-cause H20 electrolysis: 2H20 → 2H2 + O2
2. Fuel Cells

a. 2H2 + O2 → 2H20

3. Ni-Cad (Nickel-Cadmium)

a. Weight/toxic metals

4. NiMH (Nickel-Metal Hydroxide)

a. Anode consists of metal alloy

5. Li-ion (Lithium Ion)

a. Lithium ions migrate b/w layered materials

E. Chathodic Protection: more active metal (sacrificial anode) to protect less active metal

VI. Organic Chemistry

A. study of carbon compounds
1. Exceptions: CO, CO2, CO32-, etc.

2. Tetrahedral geometry- always has 4 bonds to each atom

B. Alkanes

1. A.k.a: saturated hydrocarbons

2. Simple carbon compounds

a. Hydrogen fills (saturates) non carbon-carbon bonds

b. Only single bonds 
3. Nomenclature

a. Suffix –ane
4. Branches (alkyl groups/ substituents)
a. same prefixes, use –yl as suffix

b. Nonstandard branches
i. Isopropyl

C-C-C

                                                                   |

ii. Sec-butyl

C-C-C-C

                                                                   |

iii. Isobutyl

 -C-C-C

                                                                      |

      C

iv. Tert-butyl (tertiary)
       C

    

                       |

 C - C - C


           |

v. NOTE: tert and sec aren’t used in alphabetizing

5. Naming branched chain alkanes 
a. Find longest continuous chain (parent chain)
b. # parent chain beginning from end closest to 1st branch

c. Identify alkyl groups/C # on parent chain attached to
d. List alkyl groups in alphabetical order/# where attachment occurs

i. separate #s from words w/hyphens

e. List parent name

6. 1+ same type of alkyl group: use prefixes di, tri, tetra, etc.  

a. don’t during alphabetizing

7. Structural isomers: same chemical formula, different structures

8. Cycloalkanes: carbon molecules form rings

a. naming:

i. simple ring: name the compound with cyclo in front of it

C. Alkenes and alkynes

1. Alkenes: double bonds, add suffix –ene
2. Alkyne: triple bonds, add suffix –yne
3. Naming

a. Parent chain: longest C chain w/all multiple bonds

b. # parent chain from end closest to 1st multiple bond

c. name must indicate quantity/location of multiple bonds

d. Carbon chains

i. Cis: come off same side of double bond
ii. Trans: come off opposite sides of double bond
D. Functional Groups

1. alcohol: -ol suffix

2. Carboxylic acid: -oic acid suffix

3. Ketone: -one suffix

4. Amine: -amine suffix

5. Ester: -oate suffix

E. Aromatic Compounds: 1st ones identified to have strong characteristic odors

1. Benzene ring: structure contained in all aromatic compounds

a. 1865: August Kekulé

b. 6 carbon ring with alternating single/double bonds

c. Resonance structure: double bonds form ring of delocalized e- above/below carbon ring plane
d. Known carcinogen in pure form

e. Arenes: alkyl-substituted benzenes
f. substituted benzene: if alkyl group has less than six carbons

g. phenyl: all others where benzene ring is considered substituent

2. point of attachment is always considered carbon 1 when numbering ring

F. Catalytic cracking: chemically breaking long hydrocarbons/reassembling in shorter chains w/branches

G. Ester Synthesis: Alcohol + Carboxylic Acid → H2O + Ester
1. formed through condensation reaction b/w alcohols and carboxylic acids using a catalyst such as H2SO4  
	# C
	Prefix

	1
	Meth

	2
	Eth

	3
	Prop

	4
	But

	5
	Pent

	6
	Hex

	7
	Hept

	8
	Oct

	9
	Non

	10
	dec
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Diatomic Elements: Have No Fear Of Ice Cold Beer
Activity series (least → most active): Au, Hg, Ag, Cu, H2, Pb, Sn, Ni, Cd, Fe, Zn, Cr, Al, Mg, Na, Ca, K

Element Charges

	Cu
	Copper
	1+
	Copper (I)
	Cuprous

	
	
	2+
	Copper (II)
	Cupric

	Ag
	Silver
	1+
	

	Zn
	Zinc
	2+
	

	Fe
	Iron
	2+
	Iron (II)
	Ferrous

	
	
	3+
	Iron (III)
	Ferric

	Co
	Cobalt
	2+
	Cobalt(II)
	Cobaltous

	
	
	3+
	Cobalt(III)
	Cobaltic

	Sn
	Tin
	2+
	Tin (II)
	Stannous

	
	
	4+
	Tin (IV)
	Stannic

	Pb
	Lead
	2+
	Lead (II)
	Plumbous

	
	
	4+
	Lead (IV)
	Plumbic


Strong Acids and Bases

	Acid
	Acid Name
	Base
	Base Name

	HCl
	hydrochloric acid
	LiOh
	Lithium Hydroxide

	HBr
	Hydrobromic acid
	NaOH
	Sodium hydroxide

	HI
	Hydroiodic acid
	KOH
	Potassium hydroxide

	HNO3
	Nitric acid
	Ca(OH)2
	Calcium hydroxide

	HClO4
	Perchloric acid
	Sr(OH)2
	Strontium hydroxide

	H2SO4
	Sulfuric acid
	Ba(OH)2
	Barium hydroxide


Polyatomic Ions

	NH4+
	Ammonium

	SO42-
	Sulfate

	SO32-
	Sulfite

	NO3-
	Nitrate

	NO2-
	Nitrite

	PO43-
	Phosphate

	OH-
	Hydroxide

	C2H3O2-
	Acetate

	CO32-
	Carbonate

	HCO3-
	Bicarbonate (Hydrogen Carbonate)


Hybridized Geometry

	Major Class
	Hybrid.
	Lewis Dot
	Hybridized orbitals
	Sub-Class
	Bonding E- Pairs
	Nonbonding E- Pairs
	Bond Angles

	Linear
	sp
	AX2
	2
	----------
	2
	0
	180

	Trigonal Planar
	sp2
	AX3
	3
	----------
	3
	0
	120

	
	
	AX2E
	
	Bent
	2
	1
	<120

	Tetrahedral
	sp3
	AX4
	4
	----------
	4
	0
	109.5

	
	
	AX3E
	
	Trigonal
Pyramidal
	3
	1
	<109.5

	
	
	AX2E2
	
	Bent
	2
	2
	<109.5

	Trigonal Bipyramidal
	sp3d
	AX5
	5
	----------
	5
	0
	120, 90

	
	
	AX4E
	
	Distorted
Tetrahedron
(Seesaw)
	4
	1 (eq. site)
	<120

<90

	
	
	AX3E2
	
	T-shaped
	3
	2 (eq. site)
	<90

	
	
	AX2E3
	
	Linear
	2
	3 (eq. site)
	180

	Octahedral
	sp3d2
	AX6
	6
	----------
	6
	0
	90

	
	
	AX5E
	
	Square
Pyramidal
	5
	1
(axial site)
	<90

	
	
	AX4E2
	
	Square
Planar
	4
	2

(axial sites)
	90

	
	
	AX3E3
	
	T-Shaped
	3
	3
	<90

	
	
	AX2E4
	
	Linear
	2
	4
	180
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