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After having tutored a myriad of subjects in the Learning Center here at Ball State 

University, it became evident that the job would have been much more productive had 

more professors prepared study guides for students. Modeled after Dr. Johnson's 

Chemistry 101 booklet, this study packet contains definitions, explanations, and example 

problems pertaining to the subjects covered in Dr. Robert Morris's Chemistry 112 course. 

It is designed to help both the students learn AND the tutors teach. The intent ofthis 

thesis is for future help to any student taking Dr. Morris's course and for any tutor having 

to teach it by providing streamlined information conveyed from a student's point of 

reference. 

--



-

-

CHAPTER 10: LIQUIDS AND SOLIDS 

COVALENT BOND: electrons (e-'s) are shared between atoms to make stable compounds. 

NONPOLAR COVALENT: e-' s are shared equally between atoms. The difference 
in electronegativity between the two atoms is very small or zero (0.0-0.4). 

POLAR COVALENT: e-'s are shared unequally between atoms. The difference in 
electronegativity is 0.4-1.0 (moderately polar). The more electronegative atom has a slight 
negative charge (8-) while the other atom has a slight positive charge (8+). 

Example: H-CI 
(8+ 8-) 

IONIC BOND: one of the atoms is MUCH more electronegative. The difference in 
electronegativity is > 1.0. 

Examples: Na-CI 
(8+ 8-) 

H-F 
(8+ 8-) 

electro difference 

1.9 

electro difference 
2.1 

DIPOLE: this is the name given to the 8+ and 8- charges in a polar covalent bond. Since the 
compound has two charged ends (two POLES) these charges are called DIpoles. 

INTERMOLECULAR FORCES 

LONDON DISPERSION: the weakest of all molecular interactions caused by the motion of 
electrons. All atoms have electrons so all molecules have this force. 

-The greater the # of e-'s, the greater the london force. 

-The greater the molecular weight of the compound, the greater the # of e-'s, the greater the 
london force. 

-This is the major force holding Halogens together. 
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- DIPOLE-DIPOLE: when oppositely charged poles on two separate polar molecules stick 
together. 

-The 0+ of one compound sticks to the 0- on a different compound. 

-Example: Na-Cl--Na-Cl 
(0+ 0- 0+ 0-) 

-Covalent and Ionic Compounds have these. 

HYDROGEN BONDS: in a covalent bond, a H (0+) which is bonded to a very electronegative 

atom (0--) can also weakly bond to another very electronegative atom either within that same 
compound or to another compound. 

-The H must be between an 0, F, or N. 

-This is the strongest intermolecular force. 

PHYSICAL PROPERTY AFFECTS OF INTERMOLECULAR FORCES: 
-The greater the number and magnitude of the forces the: 

Higher the Boiling Point 
Higher the Solubility 
Lower the Melting Point 
Lower the Vapor Pressure 

CLA USIUS-CLAPEYRON EQUATION: the logarithum of the vapor pressure of a liquid or 
solid varies with the absolute temperature according to the equation: 

log P = -(NT) + B 

A & B are constants 
P = Pressure 

T = Temperature 

I-POINT EQUATION: use when B is given 

log PI = {-~Hvap I 2.303RTd + B 

2-POINT EQUATION: use when B is not given 

log {P2/Pd = (-~Hvap I 2.303R) x (l/Tl - lIT2) 
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or 
In (P2/P}) = (-~Hvap I 2.303) x (lIT} - I/T2) 

CLAUSIUS-CLAPERYON EXAMPLE: CS has a normal boiling point of 46 0C and a heat of 
vaporization of 26.8 KJ/mol. What is the vapor pressure of CS at 350C? 

Answer: Since we know the two temperatures but not the constant B, this is a two point 
problem. Use either of the two two point equations. 

The pressure at any normal boiling point is equal to 
the normal atmospheric pressure, 760 mmHg or 1 atm. 

So, the information we can pull out of the question includes: 

Tl = 319K 
T2 = 308K 
Pl = 760mmHg 
~Hvap = 26.8 KJ/mol 

Plug all these values in and solve for P2. 

In (P2 I 760) = (26.8 I .0821) (1/319 - 1/308) 

In (P2 I 760) = (326.4) (- .000112) 

In (P21760) = +.0365 

P2 I 760 = 10.0365 

P2 = 698.44 mmHg 

VAPOR PRESSURE: when changing from a liquid to a gas, this is the pressure exerted by the 
vapor (gas) on the walls of a closed container. 

Vaporization: the change of a solid or liquid to a gas. 

Vaaor Pressure: the pressure exerted by that gas over the liquid or solid. 

Higher Temperature = Greater Vapor Pressure 
Greater Vapor Pressure = Lower Boiling Point 

SURFACE TENSION: a force which pulls the surface of a liquid towards the center to 
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minimize the surface area and which creates a thin skin over the top of the liquid. 

H~,. 

HEA T OF PHASE TRANSITIONS: flat horizontal lines where the temperature does not 
change as heat is added. 

MIf : amount of heat needed to go from solid to liquid 

~Hvap: amount of heat added to go from liquid to gas 

CALCULATIONS: 
-when in the solid. liQuid. or !:as phase (the temp is rising as heat is added): 

q=ms~T 

m = mass of the original solid, liquid, or gas 
s = specific heat of the compound 
~ T = T fmal - T initial of the entire graph incline 

-when in a transition phase (temp is constant as heat is added and the graph line is flat): 

q = m~H 

MI = ~Hf if going from solid to liquid 
,~H = MIvap if going from solid or liquid to gas 

-The entire amount of heat it takes for example for a given mass of water to go from ice to 
vapor is the sum of all its heats (q). 

1. q for the ice phase (q=ms~ T) 

2. q for fusion transition (from ice to water) phase (q=mMIf) 

3. q for the water phase (q=ms~T) 

4. q for vaporization transition (from water to gas) phase (q=m~Hvap) 

5. q for the gas phase (ms~T) 
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PHASE DIAGRAMS: 

.. I I cntlca pressure- critical pt 

gas 
solid 

Temperature 

-REGIONS = individual states of matter 

-CURVES. = at those T and P'S, the two states on either sides the curve are in equilibrium. 

-TRIPLE POINT = where all three curves intersect and at that T and P all 3 states exist in 
equilibrium. 

-CRITICAL POINT = T above which the liquid state of the substance no longer exists no 
matter what the P. 

-CRITICAL PRESSURE = the VP at the critical point. 

B 

c 

gas 

Temperature 
AB = melting pt curve between solid and liquid 

AC = boiling pt curve between liquid and gas 

AD = sublimation curve between solid and gas 
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- CHAPTER 11: SOLUTIONS 

MOLARITY: moles solute per liter solution 

M = moles! 1 liter unit = mIL 

MOLALITY: moles solute per kg solvent 

m = (moles solute) ! (kg solvent) unit = mlkg 

MOLALITY EXAMPLE: What's the molality (m) of a solution with 25g of NaCI dissolved in 
500g of solvent? 

Answer: 
1. change the 500g of solvent to kg 

500g = .5 kg solvent 

2. divide g of solute (NaCl) by kg solvent 

m = (25g NaC) / (.500kg solution) 

m = 50.0 g NaClIkg solvent 

% BY WEIGHT: g solute per g solution times 100 
g solute per (g solute + g solvent) times 100 

% by wt = (g solute)! (g solution) x 100 
no unit 

% BY WT EXAMPLE: What's the % by weight of Carbon in H2C204? 

1. find the total weight of the molecule 

MWT of C2 = 24g 

3. divide the wt of C by the total wt and multiply by 100 to get the % by weight 
ofC 

(24g / 90g) x 100 = 26.7% C 

NORMALITY: equivalents per liter 
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N= eq 11 L 
unit = eqlL 

-equivalents = (moles) (# of reacting units) 

-reacting units: acid-base rxns = H+ 
redox rxns = e-'s 

eq = (moles of compound) (# of reacting units (H or e-)) 

eq=MWT/eqwt 

eq wt = MWT I # of reacting units 

NORMALITY EXAMPLE: What is the normality (N) of l2g Hel in a 500ml solution? 

Answer: 
1. change l2g Hel to moles to find the moles ofH 

12g Hel x 1 mol = 0.33 mol Hel 
36g Hel 

2. find the eq value by multiplying the moles of H+ by the number of H's in Hel 

eq = (0.33 mol H+) (1 H per Hel) 
eq = 0.33 

3. divide eq by the liters of solution to get N 

N = (0.33 eq) I (0.500 L) 
N=0.66 

MOLE FRACTIONS: moles A per total moles 

Xa = (na)/(nt) no unit 

HENRY'S LA''': predicts the effect of pressure on the solubility a gas. Solubility is directly 
proportional to the partial pressure of the gas above the solution. 

S = solubility of the gas in M (m solutelL solution) 
kH = gas constant 

8 



.-

.-. 

P = partial pressure of the solute 

Henry's deals with the pressure of the solute. 

HENRY'S LAW EXAMPLE: One liter of H 20 at 250C dissolves 0.0404g O 2 when the partial 
pressure of 02 is 1 atm. What is the solubility (S) of 02 from air where the partial pressure 
isl59mmHg? 

Answer: 
1. change the g O2 to moles and fmd its Molarity 

0.0404g O2 X 1 mol = 0.0013 mol O2 
32 g O2 

0.0013 mol 0 = 0.0013 M 02 
1 LH20 

2. use the situation of 02 in l1iter of H20 to solve for the value of ~ 

(0.0013 M O2) = KH (l atm) 
KH = 0.0013 

3. change the 02 pressure in air to atm's 

159 mmHg x 1 atm = .209 atm 
760mmHg 

4. plug P2 and KH into the Henry's equation and solve for the solubility of O2 
from air 

S2 = (0.0013) (0.209) 
S2 = 0.00027 M O2 

RAOULT'S LAW: the partial pressure of the solvent (Pa) over a solution equals the VP of the 
pure solvent (PaO) times the mole fraction of the solvent (Xa) in the solution. 

Pa = (PaO) (Xa) 

Pa = partial pressure of the solvent in solution 
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PaD = partial pressure of the solvent alone 
Xa = nJnt 

-The chan&e in VP for the entire solution (solute + solvent): 

-The total VP: 

~P = Pao x Xb 

PaD = partial pressure of solvent 
Xb = moles solute / moles total 

P = (PaO) (Xa) + (PbO) (Xb) 

RAOULT'S EXAMPLE: 0.5l5g of C lOHS was dissolved in 60.8g CHC13 .. The VP of CHC13 

alone at 200C is l56mmHg. a) What is the ~ of CHC13 in the solution? b) What is the VP of the 
solution? 

Answer: a) 

1. change all g to moles 

0.515 g ClOHS x 1 mole = 0.004 mol ClOHS 
128 g 

60.8 g CHC13 x 1 mole = 0.515 mol CHCh 
118 g 

total moles = 0.519 

2. plug in all values to solve for ~P 

~ = (PaD) (mol solute / mol total) 

~P = (156mmHg) (0.004 mol /0.519 mol) 

~P = l.20 mmHg 

b) 

l. plug in all values to solve for Pa (which is the VP of the solution) 
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Pa = (PaO) (mol solvent / mol total) 

Pa = (156 mmHg) (0.515/0.519) 

Pa = 154.8 mmHg 

COLLIGA TIVE PROPERTIES: depend on concentration of solute molecules in a solution 
but not on the identity of that solute. 

BOILING PT ELEV ATION: equals the boiling pt of the solution minus the boiling pt of the 
pure solvent. 

-It's directly proportional to the molality (m solute/ kg solvent) of the solution: 

Kb = solvent boiling pt constant 
m = molality of the solution 

moles solute / kg solvent 

-as the moles solute increase, the boiling pt increases. 

FREEZING PT DEPRESSION: equals the freezing pt of pure solvent minus the freezing pt 
of the solution. 

-It's directly proportional to the solution molality: 

Kf = solvent freezing pt constant 
m = solution molality 

OSMOTIC PRESSURE: a colligative property of a solution equal to the pressure that stops 
osmosis when applied to the solution. 

1t= MRT 

M = molarity of the gas (moleslL) 
R = 0.0821 LatmlmolesK 
T = temperature (OK) 

V AN'T HOFF'S FACTOR: is used to calculate the colligative properties (boiling pt elevation, 
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freezing pt depression, and osmotic pressure) of ionic solutions: 

AT f = i K f m 

1t= i MRT 

i = # of ions in each solution 
m = total moles of ALL ions / kg solvent 

REVERSE OSMOSIS: normally the osmotic pressure moves the solvent from high 
concentrations to low. In this case, some additional pressure exceeding the osmotic pressure 
pushes the solvent from a low to high concentration. 

COLLOID: the dispersion of particles of one substance (the dispersed phase) throughout another 
substance or solution (the continuous phase). 

-Example: Fog consists of small H20 droplets (dispersed phase) in air (continuous phase). 

-Light Effect (Tyndall Effect): colloidal sized particles scatter light. 
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CHAPTER 12: CHEMICAL EQUILIBRIUM 

REACTANT QUOTIENT (Qc): it is the same expression as the equilibrium constant 
expression however, the concentrationvalues are not necessarily those at equilibrium: 

-for the reaction: 

Qc = [products] I [reactants] 

aA + bB ---> cC + dD 

Qc = [C]c[D]d I [A]a[B]b 

-Q is used when the concentrations are not at equilibrium where the reaction would be 
happening equally fast in both directions. Calculate Q and compare it to the equilibrium 
constant (K) for that reaction to find which way the reaction will shift. 

CALCULATING Kc: 

Q > K rxn shifts left 

Q < K rxn runs right 

Q = K : rxn is in equilibrium 
rxn runs both ways 

aA + bB ---> cC + dD 

Kc = [C]c[D]d I [A]a[B]b 

Kc = equilibrium constant for the reaction 
[X]x = MOLARITIES of the compounds 

moles of compoundl I liter solution 
raised to the power of its coefficient 

-the concentrations must be in moleslliter (M) 
-use the reaction equation and any information from the problem to change all the 
compounds to M 

QUADRA TIC EQUATION: 
ax2 + bx +c 

x = -b +1-Jb2 - 4ac 
2a 

-when the equilibrium equation creates an x2 term and the K value is less than 100 times 
greater or smaller than all the initial concentrations, you have to use the quadratic. 

-if K is much larger or smaller than the initial molarities of the compounds, the reactant x 
can be dropped and the quadratic can be avoided. 
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EQUILffiRIUM EXAMPLE 1 (K & Q): When heated, H2S dissociates: 

2H2S ------> 2H2 + S2 

When 0.10 moles H2S was put into 10.0 L of solvent and heated, the equilibrium mixture 
contained 0.0285 mol H2 and 0.0715 mol of S2. What is the equilibrium constant, Kc, for 
this rxn? 

Answer: 
1. convert moles of each to molarity 

0.10 mol H2S = 0 .01 M H2S 
1O.0L 

0.0715 mol S2 = 0.00715 M S2 
1O.0L 

0.0285 mol H2 = 0.00285 M H 
1O.0L 

2. plug those concentrations into the equilibrium expression and solve for Kc 

Kc = [H2P [S2] 
[H2SP 

Kc = (0.00285)2 (0.00715) 
(0.01)2 

Kc = 5.8 x 10-4 

b) If 0.01 moles of S2 were added to this system when at equilibrium, what would Q 
equal and which way would the rxn shift? 

1. find the new molarity of S2 

0.01 moles + 0.0715 moles = 0.0815 mole S2 

0.0815 moles = 0.00815 M S2 
1O.0L 

2. plug in this new value to calculate Q 

Q = [H2]2 [S2] 
[H2SP 

Q = (0.00285)2 (0.00815) 
(0.01)2 
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Q = 6.6 x 10-4 

3. compare Q to Kc to predict which way the rxn shifts 

Q > Kc rxn shifts left 

EQUILIBRIUM EXAMPLE 2: Find the equilibrium concentrations of H + and eN- when 0.025M 
HeN dissociates (Ka = 6 x lO- lD). 

Answer: 

HeN ------> H+ + eN-

HeN ------> H+ + eN-
Initial: 0.025M 0 0 
Final: 0.025-x x x 

Ka = [H+] [eN-] 
[HeN] 

6 X lO- lD = (x) (x) 
(0.025-x) 

RULE: if the K value is more than 100 (102) times bigger 
or smaller than the initial concentrations, drop 
the bottom x and avoid using the quadratic. 

6 x lO-lD is more than 100 times smaller than 
the initial 0.025M concentration so drop the x. 

6 x lO-lD =--E 
0.025 

x2 = 1.5 x 10-11 

x = 3.9 x 10-6 M 

x is the value for the concentrations of H+ and eN- at equilibrium. 

[H+] = 3.9 x 1O-6M 
[eN-] = 3.9 x 1O-6M 
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EQUILIBRIUM EXAMPLE 3: What are the [H+] and [103-] of a 0.10 M solution of HI03 at 
equilibrium? (Ka = 2 x 10-2) 

m03 ---------> H+ + 103-
Initial: 0.10 0 0 
Final: O.lO-x x x 

Ka = [H+] [103-] 
[HI03] 

2 x 10-2 = (x) (x) 
(0.10 - x) 

RULE: since 2 x 10-2 is not 100 times bigger or smaller than the 
initial O.IOM, the quadratic must be used because the reactant x cannot 
be dropped. 

quadratic: 

0.02 = x2 
(O.lO-x) 

0.02 (.lO-x) = x2 

0.002 - 0.02x = x2 

x2 + 0.02x - 0.002 

x = -0.02 +/-l(0.02)2 - 4(1)(-0.0021 
2 (1) 

x = -002 +/- 0.346 
2 

x = 0.073 or -0.273 (x can't be -) 
x = 0.073M 

so the answers are: 

[H+] = 0.073M 
[103-] = 0.073M 
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TEMPERATURE AFFECTS ON K: 

-At a higher T, the rxn is faster. Equilibrium is reached sooner. 

-Endothermic rxns: product concentrations increase at equilibrium making K larger. 

>T=>K 

-Exothermic rxns: product concentration increases with a decrease in T. 

<T=>K 

EQUILIBRIA IN PRESSURE TERMS (Kp): Kp is the gas phase equilibrium constant is 
terms of partial pressures. 

KpEXAMPLE: 

aA +bB ---> cC + dD 

Kp = (PC)c(PD)d 
(PA)a(PB)b 

Kp = Kc (RT)tm 

Kc = equilibruim constant for the reaction 
R = 0.0821 Latm/molesK 
T = temperature in OKelvin 

.1n = moles products - moles reactants 

PC15 -------> PC13 + C12 

If Kc = 3.26 X 10-2 at 1910C, what is Kp at this temperature? 

Answer: 

Kp = Kc (RT)&! 

Kp = (3.26 x 10-2) (0.0821 x 464K)(2-1) 

Kp = 1.24 
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LE CHATELIER'S PRINCIPLE: when a rxn at equilibrium is disturbed by a change in 
temperature, pressure, or concentrations, the rxn will shift in the opposite direction of that change 
to restore equlibrium. 

A+B <--->C +D 

> React: rxn shifts RT (to> Prod) 
> Prod: rxn shifts LT (to> React) 

< React: rxn shifts LT (to < Prod) 
< Prod : rxn shifts RT (to < React) 

> Pressure : rxn shifts to side with less moles 
< Pressure : rxn shifts to side with more moles 

< / > Temp : depends on the rxn type and Kc 

LE CHATELIER'S PRINCIPLE EXAMPLE: 

-if more H2 is added, the rxn shifts? RT 

-if more CH4 is added, the rxn shifts? L T 

-if the P is increased, the rxn shifts? RT 

SOLUBILITY PRODUCT CONSTANT (Ksp): the equilibrium constant for how much of 
a particular soluble ionic compound will dissolve in a set amount of solvent. 

-Ksp equals the product of the ion concentrations at equilibrium raised to the power of their 
individual mole coefficients in the rxn equation: 

Ksp = [2A +]2 [B2-] 

-solubility is the amount of the compound which will dissolve expressed in Molarity 
(moles/liter). 

Ksp EXAMPLE 1: What is the solubility of PbS in water if PbS has a Ksp of 8 x 10-28 ? 
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- PbS -------> Pb+2 + S-2 
Initial: x 0 0 
Final: 0 x x 

Ksp = [Pb+2] [S-2] 

8 X 10-28 = x2 

2.83 x 10-14 = x 

solubility = 2.83 x 10-14 M 

Ksp EXAMPLE 2: How many grams of Ag+from AgCl will be formed in 12L of H20? 
(Ksp = 1.8 x 1O- lD) 

AgCl -------> Ag+ + C1-
Initial: x 0 0 
F~al: 0 x x 

1.8 x 1O- lD = x2 

x = 1.4 x 10-5 M Ag+ 

1.4 X 10-5 mol Ag+ = 1.7 x 10-4 mol Ag+ 
12 LH20 

1.7 x 10-4 mol Ag+ x 108g Ag+ = O.018g Ag+ 
1 molAg+ 

O.018g Ag+ will be formed in 12L H20 

COMMON ION EFFECT: the decrease in solubility of one ionic compound due to the 
presence of and inhibition by additional ions within the solution. 

-the shift in ionic equilibrium caused by the addition of a solute that provodes another 
source of an ion which takes part in the Ksp equation. 

-you have to calculate how much additional ion in is the solution due to the added solute 
and then use that total concentration (added solute + additional ion) in the Ksp equation. 
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COMMON ION EXAMPLE: 

a) What is the solubility of a pure sample of Ag2Cr04? (Ksp = 1.1 x 10-12) 

Ag2Cr04 -------> 2Ag+ + Cr04-2 
Initial: x 0 0 
Final: 0 2x x 

Ksp = [2Ag+]2 [Cro4-2] 

1.1 x 10-12 = (2x)2 (x) 

1.1 x 10-12 = 4x3 

x = 6.5 x 10-5 M 

solubility = 6.5 x 10-5 M 

b) What is the solubility of Ag2Cr04 dissolved in a O.OlM K2Cr04 solution? 

A2 cr04 --------> 2Ag+ + Cr04-2 
Initial: x 0 0.01 
Final: 0 x 0.01 +x 

1.1 x 10-12 = (x) (0.01 +x) Ksp is much smaller 
than 0.01, drop the x 

1.1 x 10-12 = O.Olx 

x = 1.05 x 10-5 M 

solubility = 1.05 x 10-5 M 

NOTICE: the solubility dropped from 6.5 x 10-5 M in the first system to 1.05 x 10-5 M 
due to the extra initial Cro4-2 ion in the second system. 
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CHAPTER 13: SOLUTIONS OF ACIDS AND BASES 

BRONSTED ACID: proton (H+) donor 

H30+ + NH3 ---> H20 + NH4+ 
(Acid) 

HCL + NaOH ---> H20 + NaCI 
(Acid) 

pH SCALE: pH is a measure of the H+ concentration. 

-The lower the pH, the higher the [H+], the more acidic the solution. 

-The higher the pH, the lower the [H+], the more basic the solution. 

ACIDIC -----------NEUTRAL-----------BASI C 
pH 1 pH 7 pH 14 

-If [H+] is written in the form 1 x lO-N ,pH = N 

-Calculation: 

[H+] > 1 x 10-7 : Acidic 
[H+] = 1 x 10-7 : Neutral 
[H+] < 1 x 10-7 : Basic 

pH = -log [H+] 

CALCULATING Kb FROM Ka: 

Kw = 1 X 10-14 

Kax Kb =Kw 

Kb =Kw/Ka 

Kb = 1 x 10-14 I Ka 
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STRONG ACIDS & BASES: 

STRONG ACIDS 
HCl 
HBr 
HI 

HN03 
H2S04 

HCI04 

STRONG BASES 
LiOH 
NaOH 
KOH 

Ca(OHh 
Sr(OHh 
Ba(OHh 

SAL T OF A WEAK ACID: would be the acid minus its acidic hydrogen. 

CALCULATIONS OF pH, pOH, [H], & [OH]: 

pH = -log [H+] 
pH = 14 - pOH 

[H+] = -10pH 

[H+] = 1 x 10-14 
[OH-] 

pOH = -log [OH-] 
pOH = 14 -pH 

[ 0 H -] = -lOp 0 H 

[ 0 H -] = 1 X 10-14 
[H+] 

-use Ka and the equilibrium equation to find [H+] from the given initial conditions: 

HA ----> H+ + A-

Ka = [H+][A-] 
[HA] 

pH EXAMPLE: You have a O.lM solution of HF (Ka = 6.8 x 10-4) Find the [H+], [OH-], pH, 
,md pOH of this solution. 

HF ----> H+ + F-
Initial: 0.1 0 0 
Final: O.l-x x x 
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- Ka = [H+][F-] 
[HF] 

Ka = (x) (x) 
(0. I-x) 

since Ka is 10-3 times smaller than 0.10 M, drop the HF final x 

6.8 X 10-4 = x2 

01 

x = 8.2 X 10-3 M = [H+] 

-now take that value for [H+] and use it to calculate the other unknowns. 

[OH-] = 1.2 x 10-12 M 
pOH = 11.91 

pH =2.09 

POL YPROTIC ACIDS: contain more than one H capable of being donated in a reaction. 

-The first H to dissociate has the highest Ka, the last H has the lowest Ka. 

-Individual reactions must be written for each species losing an H. 

-The overall [H+] is determined by the first H to dissociate since the initial species has the 
highest Ka making it the strongest acid. 

-The overall pH is the -log of the [H+] dissociated from the initial species. 

-To find the concentrations of the other species, set up their respective Ka eqUilibrium 
equations but use the equilibrium concentrations from the species before as initial 
conditions. 

POL YPROTIC ACID EXAMPLE: Find the pH of a 0.5M H2C03 solution and the final 
concentrations of all its species.(Kal = 4.3 x 10-7 ,Ka2 = 4.8 x 10-11) 

1. calculate the final concentrations of the first two species and the pH with Kal. 

H2C03 -------> H+ + HC03-
Initial: 0.5 0 0 
Final: 0.5-x x x 

4.3 X 10-7 = x2 
0.5-x 

Kal is 10-6 times smaller than 0.5 M 
so drop the x 
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4.3 x 10-7 = x2 

0.5 

x = 4.6 X 10-4 M = [H+] = [HC03-] 

[H2C03] = 0.5 - 4.6 x 10-4 = 0.4995M 
[HC03-] = 4.6 x 10-4 M 

[H+] = 4.6 x 10-4 M 
pH = 3.34 

2. calculate the final concentration of the last species by Ka2 using the final concentrations 
of the first equilibrium as initial conditions 

------> H+ + C03-2 HC03-
Initial: 4.6xlO-4 

Final: 4.6xlO-4-x 
4.6xlO-4 0 
4.6xlO-4-x x 

4.8 x 10-11 = (4.6xlO-4-x)(x) 
(4.6xlO-4-x) 

Ka2 is small, drop 
both the x's 

4.8 x 10-11 = 4.6xlO-4x 
4.6xlO-4 

x = 4.8 x 10-11 M 

[C03-2] = 4.8 x 10-11 M 

Final Answers: 
pH = 3.34 

[H2C03] = 0.4995M 
[HC03-] = 4.6 x 10-4 M 
[C03-2] = 4.8 x 10-11 M 

[H+] = 4.6 x 10-4 M 

% DISSOCIATION: for polyprotic solutions this refers to the % [H +] to dissociate upon 
reaching equilibrium. 

[Hl+] X 100 = % dissociation of the 1st species 
[H+ total] 
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[H2+] x 100 = % dissociation of the 2nd species 
[H+ total] 

% DISSOCIATION EXAMPLE: What is the % dissociation of a O.01M HOCI solution? 
(Ka = 1.1 x 10-8) 

1. find the [H+] actually dissociated at equilibrium using Ka 

HOCI -------> H+ + OC1-
Initial: 0.01 0 0 
Final: O.01-x x x 

1 1 X 10-8 = x2 

. 0.01 
Ka is tiny so the bottom x was dropped 

x = 1.05 x 10-5 M 

[H+] = 1.05 x 10-5 M 

2. divide the dissociated [H+J by the total [H+] available to dissociate and multiply by 100. 

1.05 x 10-5 M x 100 = 0.105% dissociated 
O.OIM 

IONIC OXIDES: contain metals and make basic solutions. 

COVALENT OXIDES: are nonmetal and make acidic solutions. 

RELATIVE Ka & Kb STRENGTHS: 
-As Ka increases, so does the strength of the acid. 
-As Kb increases, so does the strength of the base. 
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CHAPTER 14: ACID-BASE REACTIONS 

COMMON ION EFFECT: the shift in an ionic equilibrium due to the addition of a solute 
which provides on ion that participates in the equilibrium equation. 

-Calculations are based on more than 1 initial condition where additional ions in the 
solution will lower the equilibrium concentrations of the corresponding ions in the 
sample. 

-With a pure weak acid system, the weak acid dissociates to provide the [H+] and [A-] for 
the Ka eq uation. If you add a strong acid to the system, the strong acid will provide the 
[H +] for Ka and this will decrease the amount of ionization of the weak acid (his [H +] is 
not needed to keep Ka constant in this new system so the weak acid never ionizes or 
comes apart). 

W A <-----> H+ + A- pure system 

'VA + SA <-----> H+ + A- + W A common ion system (H+ is the common ion) 

-In a pure system, the compound will ionize completely to reach Ka equilibrium. In a 
mixed system with common ions, both compounds will ionize to reach Ka but the weaker 
compound will not ionize completely. 

COMMON [ON EXAMPLE: a) What is the equilibrium [OAc-] of a pure O.lM HOAc solution? 
(Ka = 1. 8 x 10-5) 

Answer: 

HOAc ------> H+ + OAc-
Initial: 0.1 0 0 
Final: O.l-x x x 

Ka = [H+][OAc-] 
LHOAcJ 

1.8 x 10-5 = x2 
(.l-x) 

1.8 x 10-5 = ~ 
0.1 

Ka is 10-4 times smaller 
than O.lM so drop x 

x = [OAc-] = 1.34 x 10-3 M 
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b) What is the equilibrium [OAc-] of 1 liter of the O.IM HOAc solution when 1 liter of 
O.OIM HCL is added? 

Answer: 

1. Calculate moles ofH+ the HCl provides (HCL is a SA which 
ionizes completely) 

O.Olmol HCI x 1 L = 0.01 mol HCI 
lL 

0.01 mol HCI = 0.01 mol H+ 

2. Change the moles of H+ to molarity by dividing the TOTAL fmalliters 
of the solution 

0.01 mol H+ = O.OOSM H+ 
lL+ lL 

3. Solve the equilibrium expression using the initial [HOAc] and [H+] 

HOAc -------> H+ + OAc-
Initial: 0.1 O.OOS 0 
Final: O.l-x O.OOS+x x 

1.8 x 10-5 = <O.OOS+x)(x) 
(0. I-x) 

1.8 x 10-5 = 0 .00Sx 
0.1 

x = [OAc-] = 3.60 x 10-4 M 

Ka is exactly 100 
times smaller than 
O.OOSM, drop x's 

Notice the [OAc-] decreased with the addition of the common ion H+. 

BUFFERS: a solution which will resist changes in pH by + or - 1 unit when limited amounts of 
an acid or base are added to it. 

-It must be composed of a weak acid and its conjugate base salt in order to react with 
excess base or acid added to maintain the pH by +/- 1 unit. 

ADD 
Acid 

Base 

BUFFERED SOLUTION 
REACTS WITH RESULT 

conjugate base salt no excess H+ to change pH 

weak acid no excess OH- to change pH 
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-Buffers must be with WA because a SA would react with its own conjugate base salt and 
the buffer would be gone. 

HENDERSON-HASSSELBALCH: calculates the pH of a buffer for different concentrations 
of weak acid and base salt. 

HA <-----> H+ + A-

pH = pKa + log [A-] I [HA] 

(pKa = -log Ka) 

HENDERSON-HASSELBALCH BACKWARDS: if given the pH, pKa, and either 
[HAl or [A-], plug in all the known values and solve for the unknown. 

MOLE CALCCLATIONS: 

pH = pKa + log [A-] / [HA] 

pH - pKa = log [A-] / [HA] 

lO(pH-pKa) = [A-] I [HA] 

1. Write the balanced equation: 

Acid + Base ----> Conjugate Base + Conjugate Acid 

2. Change any initial information (grams of acid, molarity of the base, etc.) to moles. 

3. Use stoichiometry calculations to find out how much of each species you have given the 
initial conditions. 

4. In a buffer, react moles of SA with moles of buffer base [A-] to find moles of buffer 
base used by the SA. Subtract those moles A- from the initial moles A- to find the final 
moles of A-left over. 

Do the same reacting SB with the buffer acid HA if SB was added instead. 

BUFFER pH, pOH, [H+], [OH-]: these calculations take two steps. 

-First react moles of SA or SB with moles of buffer acid HA or base A- respectively. 

-If the SA or SB is the limiting reagent, use the excess buffer A- and HA in 
Henderson-Hasselbalch to find the new pH. 

-If the buffer A- or HA is the limiting reagent, use the excess SA or SB moles of H+/OH- to 
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calculate pH directly through pH=-log[H+] 

-remember to change moles of H+ or OH- to molarity before calculating pH or pOH. 

RELATIVE BUFFER CAPACITY: the amount of acid or base that can be added to a buffer 
before changing the pH +/- 1 unit. 

1. find the initial buffer pH by Henderson Hasselbalch 

2. change the initial pH by +1, leave [HA] the same and calculate the new [A-]. 

3. change the old and new [A-] to moles by multiplying by the liters of buffer 
(must be given) 

4. subtract the new moles A- from the initial moles A- to find the # of moles of A- needed 
to react with an acid in order to change the pH by + 1 unit. 

S. repeat steps 2-4 again except change the initial pH by -1 unit, hold the initial [A-] 
constant, and calculate the new [HA]. 

BUFFER EXAMPLE 1: O.IM HCN was mixed with O.OSM KCN. What's the pH? 
(Ka = 7.2 x 10-10) 

pH = -log(7.2 x 10-10) + log (O.OS) 

pH = 9.14 + (-0.301) 

pH = 8.8 

(0.1) 

BUFFER EXAMPLE 2: If you had SOOmI of the above buffer and added 
SOml ofO.OlM HBr, what would the new pH be? 

1. react moles SA with moles of the conjugate base salt to find out how much 
buffer base was used. 

O.OIM HBr x O.OSO L = O.OOOS mol H+ 

O.OSM KCN x O.SOO L = 0.02S mol Cn-

H+ + CN- ------> HCN 
Initial: O.OOOSmol 0.02Smol 0 
Final: 0 0.024Smol O.OOOSmol 

2. change the leftover mol CN- back to M by dividing by the TOTAL fmalliters 
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,- 0.0245mol CN- = O.044M CN
(0.550L) 

3. notice in step one, more HCN was made. Add the additional mol HCN to the 
original mol HCN and then change back to M by dividing by the TOTAL [mal 
liters. 

O.lM HCN x 1 L = 0.05 mol HCN initially 

O.05mol HCN + 0.0245mol HCN = 0.0745mol HCN 

O.Q745mol HCN = 0.135M HCN 
0.550L 

4. plug the new [HCN] and [CN-] into HH equation and solve for the new pH 

pH = 9.14 + log (0.044) 
(0.135) 

pH = 8.6 

TITRA TION CURVES & CALCULATIONS: 

STRONG ACID + STRONG BASE 

I 
a. 

4 

moles S8 added 

EXAMPLE: 50ml ofO.OlM HCL was titrated by 50 ml ofO.lM NaOH. 
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1. Initial pH: All that's present is the [SA]. 

HCL -----> H+ + CI-

100% rxn so [HCI] = [H+] 

pH = -log [0.01] 
pH=2 

2. Half Way Point: the volume of SBadded to decrease the moles of SA by half. 

O.OIM Hel x 0.05L = 0.0005mol HCI 

112 moles HCI = 0.00025mol HCI total 

we need 0.00025mol NaOH to react with the 0.OOOO25M HCI 

use the M of NaOH to find the volume used to provide 0.00025 moles NaOH 

0'(){)025mol NaOH x -..l.L = 0.025L (25ml) 
O.lmol 

volume NaOH needed = 25ml 

3. EQuivalence Point: when all the moles of SA are gone 

In this case the [SA] = [SB] and the pH is always 7. 

HCI + NaOH -----> NaCI + H20 

pH=7 

(salts are neutral) 

4. Final pH: pH when all the moles of SB are added 

-find the total moles of SB added and react it with the total moles of SA to find which is in 
excess and will influence the final pH. 

O.IM NaOH x 0.05 L = 0.005mol NaOH total 

O.OIM HCI x 0.05L = 0.OOO5mol HCI total 

HCI + 
Initial: O.0005mol 
Final: 0 

NaOH --------> NaCl + H20 
0.005mol 0 0 
0.0045 

excess NaOH = O.0045mol 
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-change moles to molarity by dividing by TOTAL final liters 

0.0045mol NaOH = 0.045M NaOH 
(0.05L +0.05L) 

[NaOH] = [OH-] 

pOH = -log [OH] 

pOH = -log .045 
pOH = l.34 

moles SA added 

pH = 12.66 

STRONG BASE + STRONG ACID 

-invert steps for SA + SB for the 3 calculations. 

1. Initial pH: Initial SB 

2. HalfWay Point: ml SA to react with 112 moles SB 

3. Equivalence Point: pH=7 

4. Final pH: Excess SA 

WEAK ACID + STRONG BASE 

I 
c. 

moles S8 added 
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EXAMPLE: 25ml of O.lM HeN is titrated with 40ml of 0.15M NaOH. 
(HeN Ka = 4.9 x 10-10) 

1. Initial pH: simple Ka 

HCN -----> H+ + CN-
Initial: 0.1 0 0 

Final: O.l-x x x 

Ka = [H+][CN-] 
[HeN] 

4.9 x 10-10 = x2 Ka is very small so the 
o.r bottom x was dropped 

x = [H+] = 7 x 10-6 M 

pH := -10g[7 X 10-6] 

pH = 5.15 

2. Half Way Point: volume of SB needed to reduce W A by half 

-change HCN to moles and divide by 2 to find moles of NaOH 
needed to react with half the moles of HCN 

O.lM HeN x 0.025L = 0.0025mol HeN 

0.0025/2 = 0.00125mol HeN 

-use the molarity of NaOH to fmd how many ml are needed to 
provide 0.00125 moles of NaOH 

0.OO125mol NaOH x 1L = 0.OO83L NaOH 
0.15mol 

0.0083L = 8.3ml of the 0.15M NaOH solution are needed 

-the pH at the half way point is pKa 

pH =pKa 

pH = -log (4.9 x 10-10) 

pH = 9.31 

3. Equivalence Point: when every mole of HeN has reacted. 

-react moles of SB needed to use up all moles of HA. 
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- HCN + NaOH -------> Na+ + CN- + H20 
Initial: 0.005m 0.005m 0 0 0 
Final: 0 0 0.005m 0.005m 0.005m 

-Now this turns into a Kb problem since the CN- ion 
will determine the pH. Change the moles of CN- back 
to M by dividing by the final liters and then do an 
equilibrium problem. 

0.005mol CN- = O.077M CN
(0.025L + 0.04L) 

CN- + H20 ------> HCN + OH-
Initial: 0.077 0 0 
Final: 0.077-x x x 

Kb = 1 x 10-14 

4.9 x 10-10 

Kb = 2.0 x 10-5 

2.0x 10-5 =~ 
0.077 

x = [OH-] = 1.2 x 10--4 

pOH = 2.92 

pH = 11.08 

~. Final pH: pH once all the SB is added 

-find the total moles of SB added 

Kb is tiny, the x was dropped 

0.15M NaOH x 0.040L = 0.006 moles NaOH 

-subtract the moles needed to use up all the moles of HCN 

O.006mol total - 0.005mol used = 0.00 lmol excess 

excess NaOH = O.OOlmol 
excess OH- = O.OOlmol 

-change the moles OH- to molarity again and solve for the pOH then pH 

O.OOlmoIOH- = 0.015M OH
O()'-~ L.. 
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pOH = 1.82 

pH = 12.18 

INDICATORS: are designed to change color at the first drop of excess reagent. Once all the 
titrant added has reacted with all the analyte in the flask, the excess titrant then is free to 
react with the indicator which then changes the color of the solution and indicates the 
end of the two reagents reacting together. 

Certain indicators react with certain elements or compounds at a certain pH. Therefore, in 
choosing an indicator, you must know all the compounds in the solution as well as the pH 
at the equivalence point. 

EQUIVALENCE POINT: the point in a titration when both the reactants have completely 
reacted with no excess of either. 

END POINT: the point in the titration when the indicator changes color due to the first excess of 
added titrant. Therefore, the chemical end point we see is actually just past the true 
equivalence point when the chemistry is finished and neither reactant is in excess. 
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CHAPTER 15: CHEMICAL THERMODYNAMICS 

SECOND LAW OF THERMODYNAMICS: Entropy (randomness) increases in a 
spontaneous reaction. 

~S = Entropy change for a reaction 

~S = S(products) - S(reactants) 

~S = LnSO(products) - LnSO(reactants) 

so = standard entropies 
n = moles 

~S EXAMPLE: Find ~S for the reaction: 

Standard Entropies (SO): 
NH3 = 193 
C02 = 214 

NH2CONH2 = 174 
H20 = 70 

Answer: 

~S = (174 + 70) - (2x193 + 214) 

~S = -356 11K 

(Entropy Decreases = not spontaneous) 

~G: free energy change for a reaction. 

AG = LnGO(products) - LnGO(reactants) 

AG = ~H - T~S 

~H = H(products) - H(reactants) 

~S = see above section 
T = Kelvin 
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~G = -RTlnK 

~G = -2.303RTlogK 

R = .0821 Latm/molK 
T = Kelvin 
K = equilibrium constant 

~G EXAMPLE 1: Calculate ~G for the following rxn at 25°C. 

CH4 + 202 ------> C02 + 2H20 

GO's: 
CH4 = -50.8 KJ 

02 = 0 KJ 
C02 = -394.4 KJ 
H20 = -237.2 KJ 

CH4 + 202 ------> C02 + 2H20 
-50.8 0 -394.4 -237.2 

,~G = { (-394.4)+ 2(-237.2) } - (-50.8) 

~G = -818 KJ 

~G EXAMPLE 2: Find the equilibrium constant Kp at 250C for the rxn: 

CaC03 -------> CaO + CO2 

GO's: 
CaC03 = -1128.8 KJ 

CaO = -603.5 KJ 
CO2 = -394.4 KJ 

1. first find ~G 

~G = {(-394.4) + (-603.5)} - (-1128.8) 

~G = 130.9 KJ 

2. plug all values into the equilibrium ~G equation and solve for Kp 
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130.9 = (-.0821)(298K) InKp 

-5.35 = InKp 

Kp = 4.7 x 10-3 

PART II: for the same equation, find ~S. 

1. look up the ~Hf values for each compound and solve for ~H. 

~Hf'S: CaC03 = -1206.9 KJ 
CaO = -635.1 KJ 
C02 = -393.5 KJ 

~H = { (-635.1) + (-393.5) } - (-1206.9) 

~H = 178.3 KJ 

2. plug in ~G, ~H, and T and solve for ~S 

130_9KJ = 178.6KJ - 298~S 

~S = 0.160KJ/K = 160J/K 

SPONTANEITY: the reaction is spontaneous if. 

-AS is > q/T for the rxn .. 

-AS is (+) and entropy increases 
entropy usually increases when: 

-the rxn provides an increase in moles of a gas 
-a solid changes to a liquid or gas 
-a liquid changes to a gas 
-a molecule breaks into 2 or more molecules 

-if ~G is (+), the rxn is spontaneous as written 

-if ~G is (-), the rxn is spontaneous written backwards 
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- CHAPTER 16: KINETICS 

REACTION RATE: the increase in moles of product of a reaction per 
unit time or the decrease in moles of reactants per unit time. 

unit = moles I liter sec 

The faster the reaction, the steeper the plot 

\'\('I.E "T\t'l. 
fast rate of react dec slow rate of react dec 

\\M.I: -nM.E. 
fast rate of prod inc slow rate of prod inc 

GENERAL RATE LAW: 

Rate = Aconcentration 
seconds 

Rate of formation = Aconcentration of products 
seconds 

Rate of decomposition = Aconcentration of reactants 
seconds 

aA + bB ----> cC + dD 

(l/a)rate A = (l/b)rate B = (lIc)rate C = (l/d)rate D 
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- RATE EXPRESSION: 

rate = K [reactant l]x[reactant 2]Y 

K = slope of the [ ] vs Time graph 

DETERMINING RATE LAW: 
NH4+ + N02- -----> N2 + 2H20 

DATA: [NH4+] [N02-] RATE 
0.010 0.200 5.4 x 10-7 
0.200 0.020 10.8 x 10--7 
0.020 0.200 10.8 x 10-7 
0.200 0.060 32.4 x 10.7 

rate = K [NH4]x[N02]y 

1. plot the data to find K (slope) 
2. solve for x and y in the following way: 

Solving for x with NH4+: 

~j[~4+]~ 
rate -\lNH4+]) 

10.8 x 10-7 JD..020)"-
5.4 x 10-7 \D.01O 

2.0 = (2.0)x 
x=l 

Solving for y with NOr: 

rate~lN02-])Y 
rate \NU2-] 

32.4 X 1O-7.lO.060)Y 
10.8 x 10-7 \.0.020 

3.0 = (3.0)y 
y=l 

Find 2 [NH4+] where the [N02-] are 
the same. Plug those rates and 
[NH4+] into this equation and solve for x. 

Find 2 [N02-] where the [NH4+] are the 
same. Plug in those rates and 
[N02-] to find y. 
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Plug the x and y values back into the original expression: 

ZERO ORDER KINETICS: 

concentration vs time 

-slope (-k) 

'2 
w 

rate = k [A] 

FIRST ORDER KINETICS: 

In concentration vs time 

-slope (-k) 

rate = k [A]a 

half life 0.693/ k 

SECOND ORDER KINETICS: 

llconcentration vs time 

+slope (+k) 

-\~ rate = k [A]2 

half life = 1 / ( k[ AoD 

TtM~ 
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REACTION MECHANISM: the sum of all the elementary reactions in the overall reaction. 

RA TE DETERMINING STEP: is the slowest elementary reaction (the slowest step) in the 
reaction mechanism. 

Reaction Mechanism: 

03 + 2N02 ----> 02 + N20 5 

-the elementary reactions are: 

03 + N02 ----> N03 + 02 
N03 + N02 ----> N205 

(slow) 
(fast) 

-the first reaction is the slowest and so it is the rate determining step. Use the 
first elementary rxn to write the rate law. 

MECHANISM REQUIREMENTS: 

1. The predicted mechanism rate law must be in agreement 
with the experimental rate. 

2. The net result of the mechanism must be equal to the 
net result of the overall equation. 
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CHAPTER 17: ELECTROCHEMISTRY 

IDENTIFYING OXIDANT AND REDUCTANT: LEO GER 

Oxidation: atom loses electrons or gains oxygen 

LEO = Lose Electrons, Oxidation 

this is the Reducing Agent 

Reduction: atom gains electrons or hydrogen 

GER = Gain Electrons, Reduction 

this is the Oxidizing Agent 

Example: 

Zn + Cu+2 -----> Zn+2 + Cuo 

Half reactions are: 
2e- + Cu+2 -----> Cuo 

Zn -----> Zn+2 + 2e-

Oxidizing Agent = Cu+2 
(reduced atom, gained 2 e-'s) 

Reducing Agent = Zn 
(oxidized atom, lost 2 e-'s) 

ELECTROCHEMICAL CELL: a system consisting of electrodes that dip into an electrolyte 
and in which a chemical rxn either uses or generates an electric current. 

-There are 2 types of electrochemical cells: 

1. Voltaic (Galvanic) Cell: where a spontaneous rxn generates the electric current. 

2. Electrolytic Cell: where an electric current drives a nonspontaneous rxn. 

-An electrochemical cell consists of 2 half rxns (half cells) connected by a salt bridge which 
allows the flow of ions (current) between the 2 reactants without allowing those reactants 
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to actually touch and chemically react with eachother. 

-The 2 half cells are: 

1. Anode: the electrode where oxidation is occurring. 
It's the side with a (-) charge. 

2. Cathode: the electrode where reduction is occurring 
It's the side of the electrochemical 
cell with the (+) charge. 

Salt Brid&e: separates the anode and cathode. 

Total Cell Reaction: anode rxn + cathode rxn 
(oxidation rxn + reduction rxn) 

Example: 

Zn + Cu+2 -----> Zn+2 + Cu 

Anode Half Cell: Cathode Half Cell: 

Zn -----> Zn+2 + 2e- 2e- + Cu+2 -----> CuD 

ELECTROCHEMICAL CELL SHORTHAND: 

Zns I zn+2aqll CU+2aq r CuDs 

1. the anode is written on the left 

2. the cathode is written on the right 

3. the salt bridge between the two electrodes is represented by the double bar in the 
middle 

4. the single vertical lines within the half cells represent phase boundaries where 
the initial reactants have changed phases. The reactants have gone from terminals 
to electrolytes. 

Zns 
(terminal) 

J Zn+2aq 
phase (electrolyte) 

boundary 
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BALANCING REDOX IN ACID: 

1. identify the reactant atoms being reduced and oxidized and write the 
half cell reactions for each 

(Cr+6 goes to Cr+3 , reduced) 

S-2 -----> S (S-2 goes to So , oxidized) 

2. balance the major atoms (everything except Hand 0) 

S-2 -----> S 

3. balance oxygen by adding H20 

S-2 -----> S 

4. balance H by adding H+ 

S-2 -----> S 

5. balance charges by adding e-'s 

S-2 -----> S + 2e-

6. multiply one or both rxns by some factor to get the same # of e-'s in 
each then add the 2 rxns canceling H20, H+ , and e-'s wherever they 
appear on both sides of the arrows. 

3S-2 -----> 3S + 6e-
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- 7. check to make sure the charges on both sides are equal 

14H+ + Cr20T2 + 3S-2 -----> S + 2Cr+3 + 7H20 
(+14) (-2) (-6) (+6) 

net charge = +6 ------> net charge = +6 

8. Plug those coefficients back into the original rxn 

note: the reactant side needed 14 H+ total. When we balanced the 
reactant S-2 with 3, we got 6 of those H+'s in 3H2S. 
Therefore we only needed 8 more which we then got from 
the HCI by putting an 8 in front of it. 

We didn't use CI or K in the half reactions but we have to 
balance them on the product side as well. We needed 2 K's 
and 8 Cl's which we balanced by putting a 2 in front of the 
product KCl. 

BALANCING REDOX IN BASE: 

follow the same rules as with acid 

1. write the half cell rxns for the reactants 

Na202 -----> Na+ (loses 0, reduced) 

Cr+3 ------> Cr04-2 (gains 0, oxidized) 

2. balance major atoms 

Na202 -----> 2Na+ 

3. balance oxygen with H20 

Na202 -----> 2Na+ + 2H20 

4H20 + Cr+3 -----> Cr04-2 
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- 4. balance hydrogen with H+ 

5. balance charges with e-'s 

4H20 + Cr+3 -----> Cr04-2 + 8H+ + 3e-

6. get the e-'s the same on both sides of the rxns and add the two half cells 

8H20 + 2Cr+3 -----> 2Cr04-2 + 16H+ + 6e-

7. notice we need to put 4H+ on the product side but in the original rxn, there 
are no H+'s available to balance (H20 doesn't count). Therefore we need 
to get rid of those 4H+'s by adding 40H-'s to each side. 

40H- + 2H20 + 2Cr+3 + 3Na202 ------> 6Na+ + 2Cr04-2 + 4H+ + 40H-

react the product OH- with the product H+ to get H20 

4H+ + 40H- ------> 4H20 

cancel the 2H20's on the reactant side with 2 of the 4H20's on the product side 

8. NOW plug those coefficients back into the original rxn 

4NaOH + 3Na202 + 2CrCh -----> 2Na2Cr04 + 6NaCI + 2H20 

note: we needed to balance the Na and CI by also 
putting a 6 in front of NaCl. 

Always check to make sure ALL the atoms are balanced. 
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ELECTROMOTIVE FORCE (emf): the maximum potential difference between the electrodes 
of an electrochemical cell. 

The maximum work (W) of the cell is found by: 

W = -n F (Ecell) 

n = total moles of reactants 
F = 9.65 x 10 
Ecell = emf 

Ecell = E cathode - E anode 

STANDARD ELECTRODE POTENTIAL (EO): the electrode potential when the 
concentrations of reactants are 1M, the gas pressure is 1 atm, and the temperature is specific 
(usually 250C). This is a constant for each reaction (values found in a table). 

EO EQUATIONS: 

larger EO = stronger oxidizing agent 

smaller EO = stronger reducing agent 

EOcell = EOcathode - EOanode 

.1.G = -n F EOcell 
so: 

EOcell = .1.G I (-nF) 

n = total moles reactants 
F = 9.65 x 10 

(is better reduced) 

(is better oxidized) 

.1.G = 1:Gproducts - 1:Greactants 

EOcell = (0.0592 I n) logK 

E cell = EOcell - (0.0592 I n) logk 
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,-

ELECTROCHEMICAL CELL ~G: 

~G = -nFEcell 

SPONTANEITY: 

-Stronger oxidizing agents have larger (more +) EO's 

-Stronger reducing agents have smaller (more -) EO's 

-Use the table of EO to predict spontaneity. 

1. look at the EO of the oxidizing agents (the atoms being reduced by gaining e-'s) 
from BOTH SIDES of the overall rxn. 

2. the oxidizing agent with the larger EO will drive the rxn. 

3. if the stronger oxidizing agent is a reactant, the reaction is spontaneous. 

4. if the stronger oxidizing agent is a product, the reaction is nonspontaneous. 

SPONTANEITY EXAMPLE: 

Cu+2 + 21- -----> Cu + 12 

l. tind the two oxidizing agents (reduced atoms) on each side and 
write their half rxns. 

Cu+2 -----> Cu (reduced reactant) 

12 -----> 21- (reduced product) 

2. balance the charges by adding e-'s 

Cu+2 + 2e- -----> Cu 

12 + 2e- -----> 21-

3. look up the EO values for each rxn 

Cu+2 + 2e- -----> Cu 

12 + 2e- -----> 21-

E= .34 

E=.54 
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- 4. compare the two EO values. The larger one drives the rxn. 

12 > Cu+2 
(.54) (.34) 

5. 12 wins. Iz is a product so the rxn is nonspontaneous. 

EQUILIBRIUM CONSTANT: 

EOcell = (.0592/n) (IogK) 

EXAMPLE: Find the equilibrium constant,K, for the following reaction: 

Fe + Sn+4 <------> Fe+2 + Sn+2 

1. find the EO of the cell 

a. write the balanced half cell rxns and look up their EO values 

Fe ------> Fe+2 + 2e- EO = .41 

2e- + Sn+4 ------> Sn+2 EO = .15 

b. Add the half cell rxns so the e-'s drop out Add the EO values to find the EO cell 

Fe -------> Fe+2 + 2e-
2e- + Sn+4 -------> Sn+2 
Fe + Sn+4 -------> Fe+2 + Sn+ 

2. calculate n (total moles of reactants) 

1 mole Fe + 1 mole Sn+4 = 2 moles 

3. plug in EOcell and n to solve for K 

(.56 V) = (.0592/2) (log K) 

18.92 = log K 

1018.92 = K 

K = 8.32 x 1018 
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