AP Chemistry
Unit 2 –Chemical Reactions
Problem Sets:
Chapter4: p. 157-162; 4.1, 4.4, 4.10, 4.18, 4.21, 4.39, 4.49, 4.69, 4.70, 4.72, 4.84, 4.88
Chapter 20: p. 890-898; 20.3, 20.13, 20.17, 20.23, 20.35, 20.47, 20.61, 20.79, 20.85, 20.89
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Objectives:
2.1 Write and balance a chemical reaction.
2.2 Classify chemical changes.
2.3 Write a net ionic equation.
2.4 Identify a substance as an oxidizer or a reducer. 
2.5 Balance complex redox equations.
2.6 Predict the products of redox reactions.
2.7: Explain the difference between an electrochemical cell and a voltaic cell. 
2.8: Identify the function of the components of an electrochemical cell. 
2.9: Write a standard cell notation of a reaction that takes place in an electrochemical cell. 
2.10: Construct a redox reaction from its standard cell notation. 
2.11: Explain the terms "electromotive force," "cell potential," and "cell voltage." 
2.12: Write an expression that relates free energy to cell potential. 
2.13: Explain the term "standard reduction potential."
	 
	Achievement Level 3
	Achievement Level 4
	Achievement Level 5

	Big Idea 3: Transformations

	Physical and Chemical Processes
	Given a reaction, predicts the effects of this reaction on a collection of molecules, and identifies whether the process corresponds to a precipitation, acid-base, or redox reactions.  From data, determines expected amount and product yield for a reaction.  States the definitions of endothermic and exothermic reactions.
	From data regarding a chemical process, generates an appropriate reaction and identifies the process as being a precipitation, acid-base, or redox reaction.  Translates between symbolic, macroscopic, and particulate-level views of a chemical process.
	Identifies connections between symbolic representations of reactions and energies associated with chance and equilibrium, e.g., recounting that not all reactions go to completion.  Classified evidence as suggesting a physical versus chemical change, for ambiguous cases, e.g., dissolution of salt.

	Electro-chemistry
	Writes a redox reaction in terms of its half-cell reactions.  Uses half-cell potentials to predict whether a redox reaction will or will not occur between a solid metal and an aqueous ion.  Identifies connection between the standard cell potential and G of the reaction.
	Relates the structure of an electrochemical cell to the processes occurring at electrodes and the flow of electrons through the circuit.  Distinguishes electrolytic from galvanic cells and the different processes occurring in each.  Predicts extent of reaction using Faraday's law.  Interprets data from a redox titration.
	Predicts products of an electrolysis reaction that occurs in water.  Designs a redox titration experiment.




Assignment 1
Take a photo or video or a chemical reaction (chemical change) that is taking place outside of our classroom. This may be at school, at home, outside, in a cartoon on TV, in a movie – whatever. Post the photo or video on twitter and tag it with our classroom handle @VRAPChem and #apchem #chemicalreactions and add a description (140 characters or less) of the reaction you observed.

Podcast 2.1 Balancing Equations
Chemical Equations:  Reactants → Products
· Word Equations
		
· Chemical Equations


· Balanced Equations 

· **



_____C(s) + _____O2(g) → _____CO2(g)
_____H2(g) + _____O2(g) → _____H2O (l)
**Look out for _____________________________________! They are diatomic in their pure form. Pure forms of sulfur and phosphorus are ______and _____, respectively. 
Use the Matrix Method, or Mathematical Method to Balance Equations
 	Ca3(PO4)2 + H2SO4 → CaSO4 + H3PO4  
1.  Assign _____________ to unknown __________________:
 
_______ Ca3(PO4)2 + ________ H2SO4 → ________CaSO4 + _______ H3PO4 
2. Make a grid indicating the appearance of an element (or ion!) in each species of the equation.  Use a whole number and the coefficient “letter” to indicate each appearance.
Ca2+		
PO43-		
H+		
SO42-		
3. Simplify and Solve: Assume a=1 and reduce each equation:




4. Solve for the coefficients:



5. Finish: Write the equation
Podcast 2.2 – Basic Types of Reactions

· Combination                     




· Decomposition       

          

 
· Single Replacement 




· Double Replacement




· Combustion	            




Double Replacement:Non-Redox Reactions
· Precipitate


· Cadmium (II) nitrate reacts with sodium sulfide


· Acid-Base: Look for words like “equimolar” and “diprotic”
· Nonmetal oxides in water form ____________
· Sulfur di(or tri)oxide in water


· Carbon dioxide in water


· Metal oxides in water form ___________
· Solid potassium oxide in water


Redox Reactions
· Single Replacement Reactions
· Use _____________________ to predict products
· Silver nitrate is spilled on a sheet of polished copper.


· Hot chlorine gas is passed over solid iron (III) bromide.


· Decomposition Reactions
· Calcium carbonate is heated


· Sodium sulfate is heated


· Synthesis Reactions
· Usually just _______  __________
· Excess chlorine gas is passed over iron filings.

· Sulfur in its standard state is burned in air.

· Coordination Compounds: Complex Ion Formation
· Look for “__________ __________________” and transition metals (and aluminum)
· Charge of metal x_____= ligand number
· Balance equation by ___________ and by _________
· Example: Ferric ions in excess concentrated potassium thiocyanate


· Zinc nitrate added to concentrated ammonia to form Tetraammine zinc II


Practice Balancing Non-Redox Equations
1. Ca(OH)2 + H3PO4  H2O + Ca3(PO4)2



2. Chromium metal is placed in a container of sulfur gas.




3. KClO3(s)  KCl(s) + O2(g)



4. Solid iron(III) sulfide reacts with gaseous hydrogen chloride to form solid iron(III) chloride and hydrogen sulfide gas.





5. Fe2O3(s) + Al(s)  Fe(s) + Al2O3(s)



6. Excess concentrated potassium hydroxide solution is added to a precipitate of zinc hydroxide.






Assignment #2

[image: ]


Assignment # 3: Balancing Chemical Equations

Directions:  Balance the following chemical equations using the                   inspection method, the table method, or the matrix method.

1.      Li(s)  +  Cl2(g)   →  LiCl(s)

2.    Fe(s)  +  O2(g)  →  FeO(s)

3.    C(s)  +  O2(g)  →  CO2(g)

4.    NaHCO3(s)  →  Na2CO3(s)  +  H2O(g)  +  CO2(g)

5.    Xe(g)  +  F2(g)  →  XeF4(g)

6.    KClO3(s)  →  KCl(s)  +  O2(g)

7.    Bi2O3(s)  →  Bi(s)  +  O2(g) 

8.    TiO2(s)  +  Al(s)  →  Al2O3(s)  +  Ti(s)

9.    C(s)  +  BaSO4(s)  →  CO(g)  +  BaS(s)

10.  CdS(s)  +  O2(g)  →   Cd(s)  +  SO2(g)

11.  KClO3(s)  →  KClO4(s)  +  KCl(s)

12.  Pb(NO3)2(s)  →  PbO(s)  +  NO2(g)  +  O2(g)

13.  O2(g)  +  Fe(s)  →  Fe2O3(s)
14. NiO(s)  +  Al(s)  →  Al2O3(s)  +  Ni(s)

15.  MoO3(s)  +  H2(g)  →  Mo2O3(s)  +  H2O(l)

16.  FeS(s)  +  O2(g)  →  FeO(s)  +  SO2(g)

17.  H2S(g)  +  CS2(s)  +  Cu(s)  →  CU2S(s)  +  CH4(g)

18.  H2O(l) + Na2CO3(aq) + CuSO4(aq) → Na2SO4(aq) + CO2(g)+ CuCO3+ Cu(OH)2(aq)                                                                                 

19.  Ca(OCl)2(aq)  +  NH3(aq)  →  H2O(l)  +  CaCl2(aq) +  N2(g)

20.  NaClO(aq) + AgNO3(aq) →  AgCl(s) + AgClO3(s) + NaNO3(aq)

21.  ZnF2(aq)  +  PBr3(aq)  →  PF3(aq)  +  ZnBr2(aq)

22.  Na2CO3(aq) + C(s) + Sb2S3(s)  →  Sb(s) + Na2S(aq) + CO2(g)

23.  NaOH(aq)  +  As4O6(s)  →  Na3AsO3(aq)  +  H2O(l)

24. H2O(l) + AuCl3(s) + Sb2O3(aq) →  Au(s) + Sb2O5(aq) + HCl(aq)


[image: ]Assignment # 4

Podcast 2.3 – Predict the Products and Balance the Following Equations
1. Ca (s) + Br2 (l) →




2. MnCO3 (s)  ∆→ 




3. Ca(OH)2 (aq) + HCl (aq) →




4. LiCl elec→ 

Ionic Equations
· Complete Ionic Equations



	Which of these are spectator ions?

· Net Ionic Equations


· ALL equations must be balanced both by ________ and by _________ _________! 

Use the solubility rules to predict the products and write the net ionic equation for the following reactions.
1. Al  (s) + H2SO4 (aq) →



2. HCl (aq) + Ba(OH)2 (aq) →



3. Na3PO4(aq) + BaCl2(aq)→

Assignment # 5
Circle all the ionic compounds that are insoluble salts.

[image: ]

Assignment #6
2002 Form B FRQ #5
Consider five unlabeled bottles, each containing 5.0 g of one of the following pure salts.
AgCl	BaCl2		CoCl2		NaCl		NH4Cl

a.) Identify the salt that can be distinguished by its appearance alone.  Describe the observation that supports your identification.


b.) Identify the salt that can be distinguished by adding 10 mL of H2O to a small sample of each of the remaining unidentified salts.  Describe the observation that supports your identification.



c.) Identify a chemical reagent that could be added to the salt identified in part (b) to confirm the salt’s identity.  Describe the observation that supports your confirmation.



d.) Identify the salt that can be distinguished by adding 1.0 M Na2SO4 to a small sample of each of the remaining salts.  Describe the observation that supports your identification.




e.) Identify the salt that can be distinguished by adding 1.0 M NaOH to a small sample of each of the remaining salts.  Describe the observation that supports your identification.


Podcast 3.4 Oxidation and Reduction
Oxidation and Reduction
· __________________ – the combination of an element with oxygen to produce oxides.
	Ex: 	C(s) + O2(g) → CO2(g)
		CH4(g) + 2O2(g) → CO2(g) + 2H2O (g)
· __________________ – the loss of oxygen from a compound.
	Ex: 	2 Fe2O3(s) + 3C(s) → 4Fe(s) + 3CO2(g)
Redox Reactions
· Both processes of oxidation and reduction occur _____________________________. You can’t have one without the other. 
· Thus they are called Oxidation-Reduction Reactions, or Redox Reactions
· So what does that mean for reactions not involving oxygen? Today, chemists use a broad definition that deals with the ______________________  _______  _____________________
· Oxidation = __________ of electrons
· Reduction = __________ of electrons
· LEO say ________
· Substances that lose e- are ___________
· Substances that gain e- are ___________
· Substances that are oxidized are also called the ________________________ (Substance doing the reducing)
· Substances that are reduced are also called the ________________________ (Substance doing the oxidizing)
Example 1: Mg +  S → MgS
	For this reaction we can write two  ½ -reactions (or ionization equations)
	
Mg 
	
S 

Oxidation Numbers: used to help keep track of electrons in redox reactions
In any reaction:
· An _______________________ in oxidation # of a substance indicates _________________
· A _______________________ in oxidation # of a substance indicates __________________
· If there are no changes in any oxidation #’s then you do _____________   _____________   _______  _______________ reaction
Oxidation Rules – Apply IN ORDER
1. Atoms in elemental form will have an oxidation number of ______________ (Diatomics included.)
2. Monatomic ions will have an oxidation # ______________to it’s charge.
3. Oxygen has an oxidation # of ______, unless it is a ___________, then it will be _________.
4. Hydrogen has an oxidation # of ________ when it is bonded to _________________ and ______ when bonded to ____________________.
5. Halogens are usually _____, unless they are combined with ____________, then they will be ____________.
6. The sum of the oxidation #’s will equal ___________ for a __________________ or will equal the value of the charge for an __________.
Example 1: Determine the oxidation number of each element in Na2SO4. 
· Is the substance elemental? 
· Is the substance ionic? 
· If the substance is ionic, are there any monoatomic ions present? 
· Which elements have specific rules? 
· Which element(s) do(es) not have rules? 
· Let S = oxidation number of sulfur. 
· Solve for S using algebra. 

Example 2: Determine the oxidation number of each element in K2C2O4.
· Is the substance elemental? 
· Is the substance ionic? 
· If the substance is ionic, are there any monoatomic ions present? 
· Which elements have specific rules? 
· Which element(s) do(es) not have rules? 
	  Solve for C using algebra.


Practice Problems: Determine the oxidation number of each element in the following compounds:
1) Ba(NO3)2 

2) NF3 

3) (NH4)2SO4 

Assignment # 7: Assigning Oxidation Numbers
Assign oxidation numbers to all of the elements in each of the compounds or ions below.

	1. HCl
	1. H2 SO3

	2. KNO3
	2. H2SO4

	3. OH-
	3. BaO2

	4. Mg3N2
	4. KMnO4

	5. KClO3
	5. LiH

	6. Al(NO3)3
	6. MnO2

	7. S8
	7. OF2

	8. H2O2
	8. SO3

	9. PbO2
	9. NH3

	10. NaHSO4
	10. Na






Podcast 3.5: Balancing Redox Reactions
Balancing Redox Reactions in ACIDIC Conditions
· Ensure that the ______________  __________ equal the ________________  ___________. 
· Utilizes the__________ ____________
Follow these steps:
1.  

2. Balance each ½ reaction
a.  
b.   
c.  
d.  

3.  

4.  

5.  

Example Reaction: MnO4- + C2O42- → Mn2+ + CO2
1) 					MnO4- → 
  	    				C2O42- → 
2a &2b) 				

2c) 				

2d)

3) 	

4) 

5) Double Check atoms and charges 

Example: Balance the Following Redox Reaction: An acidic solution of potassium dichromate is added to a solution of iron (II) nitrate. 



Balancing Redox in BASIC Solution
1.  

2.  

3.  

4.  

5.  

6.  

7.  

8.  

Example: A solution of potassium permanganate is mixed with an alkaline solution of sodium sulfite.







Podcast 3.6: Types of Redox Reactions
Simple Redox
1.  Hydrogen Displacement
			



2.  Metal Displacement
			



3.  Halogen Displacement
			



4.  Combustion
			



Complex Redox
Disportionation: one substance both oxidizes and reduces
		



Reactions involving oxoanions such as Cr2O72-
	



Redox Reaction Prediction

Important Oxidizers					Formed 
	MnO4- (acid solution)				Mn+2
	MnO4- (basic solution)				MnO2
	MnO2 (acid solution)				Mn+2
	Cr2O7-2 (acid)					Cr+3
	CrO4-2						Cr+3
	HNO3, conc					NO2
	HNO3, dilute					NO
	H2SO4, hot conc					SO2
	Metallic Ions	(Sn4+)				Metallous Ions (Sn2+)
	Free Halogens	(Br2)				Halide ions (Br-)Memorize This!!!
Put it on Flash Cards
Know it by the Unit 2 Test

	HClO4						Cl-
	H2O2						H2O
	Halates (IO3-)					Halogens (I2)


Important Reducers					Formed in Reaction
	Halide Ions (Cl-)					Halogens (Cl2)
	Free Metals (Fe)					Metal Ions (Fe3+)
	Metalous Ions	(Cu1+)				Metallic ions (Cu2+)
	Nitrite Ions					Nitrate Ions
	Sulfite Ions					SO4-2
	Free Halogens (dil, basic, sol)			Hypohalite ions
	Free Halogens (conc, basic sol)			Halate ions
	C2O42-						CO2
	H2O2						O2

Redox reactions involve the transfer of electrons.  The oxidation numbers of at least two elements must change.  Single replacement, some combination and some decomposition reactions are redox reactions.
To predict the products of a redox reaction, look at the reagents given to see if there is both an oxidizing agent and a reducing agent.  When a problem mentions an acidic or basic solution, it is probably is redox.

Predicting Products of Redox Reactions
1. Solid copper is added to a dilute nitric acid solution



2. Ethanol has completely burned in air.



3. Sodium metal is added to water.



4. Hydrogen peroxide is added to a solution of iron(II)sulfate.



5. Al + MnO4-    MnO2  + Al(OH)4-


Podcast 3.7 Redox Stoichiometry

50.0mL of 0.10M KMnO4 is titrated to the endpoint with 20.0 mL of FeSO4.  The solution is acidified.  
Balance the equation.






What is the concentration of the Fe2+ [Fe2+]?




More Handy Flashcards to Make
1. Brown Gas= Nitrogen Dioxide (NO2)
2. Black ppt. = Silver Sulfide (Ag2S)
3. Green Sol.= Nickel 2+
4. Yellow to reddish orange sol.= Iron 2+ or 3+
5. Blue or Green sol.= Copper 1+ or 2+
6. Yellow sol.=Chromate
7. Purple sol.= Permangenate (MnO4-)
8. Red flame= Strontium 2+
9. Yellow (Orange) flame= Sodium 1+
10. Deep red (crimson) flame= Lithium 1+
11. Bright yellow ppt. = Lead Iodide (PbI2)
12. White ppt.= Silver Chloride (AgCl)
13. Pink sol.= Cobalt  3+
14. Orange sol.= Dichromate
15. Pink sol.=Manganese 2+
16. Blue-green flame= Copper 2+
17. Red-orange flame=Calcium 2+
18. Green flame= Barium 2+
19. Violet flame= Potassium 1+
20. Dark blue sol.= Cu(NH3)42+



Podcast 14.1 – Redox Review
Oxidation Numbers
Please assign oxidation numbers to the elements in each substance.
1) HNO3
2) HNO2
3) PbSO4
4) (NH4)2Ce(SO4)3
5) Al(C2H3O2)3
Balance the following reaction in acidic solution: 
Al(s) + MnO4- (aq)  Al3+(aq) + Mn2+ (aq)





Balance the following reaction in basic solution: 
Mg(s) + OCl-(aq)  Mg(OH)2(s) + Cl- (aq)






Assignment #8: Redox Reactions and Assigning Oxidation Numbers
For the equations below, identify the substance oxidized, the substance reduced, the oxidizing agent, the reducing agent, and write the oxidation and reduction half reactions.

	         oxidized           reduced
Example:	Mg         +       Br            MgBr2
                   reducing          oxidizing
                     agent                 agent

Oxidization half reaction:      Mg0       Mg2+     +      2e-
Reduction half reaction:         2e-       +     Br20             2Br -










1. 
2. 2H2     +     O2           2H2O

3. Fe     +      Zn2+          Fe2+     +       Zn
4. 
2Al     +     3Fe2+         2Al3+     +     3Fe

5. Cu   +   2AgNO3    Cu(NO3)2  +   2Ag

Podcast 14.2 Electrochemical Cells
Electrochemistry: Relationship between electricity and _______________ reactions
Electricity = movement of electrons
· The ___________ released in a spontaneous redox reaction that is used to perform electrical work is harnessed in ________ ____
· Also called Galvanic Cells
· Electrons transfer through an external pathway rather than directly between reactants
· _______________: metals used in the circuit

[image: ]Electrochemical Cell 							Using a Porous Disk as a Salt Bridge



[image: Description: A modified version of Daniells Cells, a U—Shaped tube is replaced with a porous disk acting as saline bridge thus electric current is produced.]

	http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/galvan5.swf 

Components of Electrochemical Cells
· Anode: electrode at which ___________ occurs
· Cathode: electrode at which __________ occurs
· ________ __________: a connection between two half-cells that allows for the flow of ions
· Composed of a strong electrolyte
· Must be a solution of a compound that will not produce a precipitate with any other ion in solution
· Salt __________ migrate toward the anode; ___________ migrate toward the cathode
**Electrons flow from the anode to the cathode**
Pneumonic Devices
· Keep your vowels together and your consonants together
	Anode = __________________
	Cathode = _________________
· An ox and Red cats
	Anode is oxidation, Cathode is reduction
· Electrons flow from A to C 
	(in alphabetical order)
Standard Cell Potentials
· Used to determine which metal will be the cathode/anode for the reaction to be __________________
· Cell ___________ , _____ : Electromotive Force
· Caused by a difference in potential energy between the different electrodes.
· Allows electrons to be pushed
· Denoted Ecell , measured in volts, V
· Also called cell potential
Cell Potential
· Cell potential is
· _______________ for spontaneous reactions
· _______________ for nonspontaneous reactions
· Depends on
1. Reactions Occurring (Metals Used)
2. Concentrations of Solutions (Molarity)
3. Temperature (normally 25oC)
· Eocell cell potential at _______________ conditions
EMF can then be used to determine what will happen in a chemical equation
· The more positive the Eored value for a half reaction, the greater the tendency for the reactant of the half reaction to be ____________ and, therefore, to oxidize another species
· The half reaction with the ___________ reduction potential is most easily reversed as an oxidation
· The Eored  table acts as an activity series for which substances act as oxidizers and reducers
Calculating Cell Potential
· Eocell based on standard reduction potentials
· Potential associated with each electrode is the ability for ________________ to occur at the electrode.
· Eored = standard reduction potential for metal (based on Standard Hydrogen Electrode, SHE – use Appendix E p. 1128!)
· Eocell = Eored (cathode) – Eored (anode)
· If the stoichiometry of the reaction changes ______ _____ multiply the value by the the cell potential for that metal
· The more positive the Eored  for a metal, the greater the ability for reduction
· Thus the metal with a larger Eored  will be the better cathode in a voltaic cell

Example 1: A voltaic cell is based on the following half cells:
Cd2+ + 2e-   Cd 
Sn2+ + 2e-   Sn
Determine voltage produced in spontaneous reaction.





Example 2: What would be the electrical potential for the reaction:
PbO2 + Na   Pb2+ + Na+





Assignment #9
[image: ]
Assignment #10: Free Response Questions
2001
Answer the following questions that refer to the galvanic cell shown in the diagram below.  (A table of standard reduction potentials is printed at the beginning of the free response section of your test.)

[image: 01fig7]a)	Identify the anode of the cell and write the half-reaction that occurs there.




b)	Write the net ionic equation for the overall reaction that occurs as the cell operates and calculate the value of the standard cell potential, Eocell.




c)	Indicate how the value of Ecell would be affected if the concentration of Ni(NO3)2(aq) was changed from 1.0 M to 0.10 M and the concentration of Zn(NO3)2(aq) remained at 1.0 M.  Justify your answer.




d)	Specify whether the value of Keq for the cell reaction is less than 1, greater than 1, or equal to 1.  Justify your answer.

2002 Form B
The diagram below shows the experimental setup for a typical electrochemical cell that contains two standard half-cells.  The cell operates according to the reaction represented by the following equation.
[image: ]
Zn(s) + Ni2+(aq)  Ni(s) + Zn2+(aq)

a) Identify M and M2+ in the diagram and specify the initial concentration for M2+ in solution.

b) Indicate which of the metal electrodes is the cathode.  Write the balanced equation for the reaction that occurs in the half-cell containing the cathode.

c) What would be the effect on the cell voltage if the concentration of Zn2+ was reduced to 0.100 M in the half-cell containing the Zn electrode?

d) Describe what would happen to the cell voltage if the salt bridge was removed.  Explain.

2002
Answer parts (a) through (e) below, which relate to reactions involving silver ion, Ag+.
The reaction between silver ion and solid zinc is represented by the following equation
2 Ag+(aq) + Zn(s)  Zn2+(aq) + 2 Ag(s)


a.) A 1.50 g sample of Zn is combined with 250. mL of 0.110 M AgNO3 at 25 oC.

i. Identify the limiting reactant.  Show calculations to support your answer.



ii. On the basis of the limiting reactant that you identified in part (i), determine the value of [Zn2+] after the reaction is complete.  Assume that volume change is negligible.



b.) Determine the value of the standard potential, Eo, for a galvanic cell based on the reaction between AgNO3(aq) and solid Zn at 25 oC.






Another galvanic cell is based on the reaction between Ag+(aq) and Cu(s), represented by the equation below.  At 25 oC, the standard potential, Eo, for the cell is 0.46 V.

	2 Ag+(aq) + Cu(s)  Cu2+(aq) + 2 Ag(s)

c.) Determine the value of the standard free-energy change, Go, for the reaction between Ag+(aq) and Cu(s) at 25 oC.





d.) The cell is constructed so that [Cu2+] is 0.045 M and [Ag+] is 0.010 M.  Calculate the value of the potential, E, for the cell.
Nernst Equation: 



e.) Under the conditions specified in part (d), is the reaction in the cell spontaneous?  Justify your answer.


Podcast 14.4 Example Multiple Choice Problem 
What reaction will take place at the cathode and the anode when each of the following is electrolyzed?
1) 1.0 M KF solution






2) 1.0 M CuCl2 solution





Podcast 14.3 Equilibrium and Cell Potential
Spontaneous Redox Reactions
· ____________  Potentials can be used to calculate energies of reactions when using redox processes
· Remember:
	______	Spontaneous
	______	Nonspontaneous
	E can be converted into G for Gibbs Free Energy or other thermochemical quantities






	
n= number of electrons transferred
F = Faraday’s constant = 96500 C/mol or J/Kmol
Eo = Calculated from Eored values
Example 1: Calculate ∆G for the following reaction
Cu2+(aq) + Fe(s) ⇌ Cu(s) + Fe2+(aq)








What is the Keq for this reaction? ∆Go = -RTlnKeq






Effect of Concentration on Cell EMF
· What if you are not at equilbrium?
· As voltage is produced, concentrations vary. Reactants are consumed and products are produced.
· When E = 0, the cell is dead, the concentrations cease to change due to equilibrium being reached.
· For different concentrations, the ______________ equation is used:






To calculate voltage at equilibrium, use the Nernst Equation
Cell EMF and Equilibrium
· ∆G = 0, ∆E = 0	at Equilibrium
· Using Nernst





Example 2: What is the electrical potential for the cell with the following concentrations?
VO21+ + Zn  Zn2+ + VO2+
[VO21+] = 2.0 M		[H+] = 0.50 M
[VO2+] = 1.0 x 10-2 M 	[Zn2+] = 0.10 M







_____________________ Cells: an electrochemical cell where the same electrodes (same half-reactions) are used, but the solutions have different concentrations
What will the voltmeter read for the following electrochemical cell?
· Anode Reaction –  ___________ dilute solution becomes more concentrated. V

	Ag(s) → Ag+ (0.1 M) + e-    ________ V
· Cathode Reaction – __________ concentrated solution becomes more dilute.
	Ag+ (1.0 M) + e- → Ag (s)   ________ V
· Net Cell Reaction
	Ag+ (1.0 M) → Ag+ (0.1 M)  ________ V
Use the Nernst Equation to solve for the potential
· You DON’T need your calculator for this one!!!
· E =  ________ V
Batteries
· Self-contained electrochemical power source consisting of 1 or more _______________ cells.
· Voltages are ________________ when batteries are connected due to a continuation of the flow of electrons
Fuel Cells
· A voltaic cell that converts chemical energy into electrical energy
· Not self-contained
· Produces current by _________________ and electron-_________________
Corrosion
· A _______________ redox reaction in which a metal is attacked by some substance in the environment and converted to an unwanted compound
· Is often prevented, or reversed, by use of a ___________________ anode (a more active metal)
Electrolysis
· The use of electricity to cause ________________ reactions to occur by driving the reaction in the opposite direction (basis of rechargeable batteries
·  Take place in electrolytic cells
· Cathode is connected to – terminal to accept e-, anode is attached to + terminal to donate e- (opposite of voltage)

Electrolytic Cell
[image: Description: http://img.sparknotes.com/figures/0/02480ae8fc1a41b131a3fdb5a698e9a3/compare.gif]Calculations with Electrolytic Cells
· Ampere = units to measure _______________ in Coulombs/second
· Measures the _________ of electron flow
· Faraday’s Constant, F = 96485 Coulomb/mol

Example 3: Calculate the amount of time required to produce 1000 g of magnesium metal by electrolysis of molten MgCl2 using a current of 50 A.





Example 4: a Cr3+ (aq) solution is electrolyzed using a current of 7.60 A. What mass of       Cr (s) is plated out after 2.00 days?




Electrolysis can be used to electroplate metals
· Thin coating is plated onto an existing metal to help protect it
· Metal to be plated is attached to the cathode.
· Metal coating is produced by the metal attached to ____________ and a “like” solution
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An external direct-current power supply is connected to two platinum electrodes immersed in a beaker containing 1.0 M CuSO4(aq) at 25oC, as shown in the diagram above.  As the cell operates, copper metal is deposited onto one electrode and O2(g) is produced at the other electrode.  The two reduction half-reactions for the overall reaction that occurs in the cell are shown in the table below.

	half-reaction					Eo(V)
	O2(g) + 4 H+(aq) + 4 e-  2H2O(l)		+1.23
	Cu2+(aq) + 2e-  Cu(s)			+0.34

a.	On the diagram, indicate the direction of electron flow in the wire.

b.	Write a balanced net ionic equation for the electrolysis reaction that occurs in the cell.

c.	Predict the algebraic sign of ΔGo for the reaction.  Justify your prediction.

d.	Calculate the value of  ΔGo for the reaction.

An electric current of 1.50 amps passes through the cell for 40.0 minutes.

e.	Calculate the mass, in grams, of the Cu(s) that is deposited on the electrode.

f.	Calculate the dry volume, in liters measured at 25oC and 1.16 atm, of the O2(g) that is produced.










1997 #3

In an electrolytic cell, a current of 0.250 ampere is passed through a solution of a chloride of iron, producing Fe(s) and Cl2(g). 

a. Write the equation for the reaction that occurs at the anode. 



b.	When the cell operates for 2.00 hours, 0.521 gram of iron is deposited at one electrode. Determine the formula of the chloride of iron in the original solution. 



c.	Write the balanced equation for the overall reaction that occurs in the cell. 



d.	How many liters of Cl2(g), measured at 25 °C and 750 mmHg, are produced when the cell operates as described in part (b)? 



e.	Calculate the current that would produce chlorine gas at a rate of 3.00 grams per hour.
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CHEMICAL REACTIONS

Classify the reactions below as synthesis, decomposition, single replacement (cationic or
anlonic) or double replacement,

1. 2H,+ O, — 2HO

2, 2HO — 2H, + O

3. In + HSO, — InSO, + H,

7P e —— T ———————

4, 2CO + 0O, — 2CO

- 5, 2HgO — 2Hg+O

6. 2KBr + CI, — 2KCI + Br,

7. CaO + H,O - Ca(OH)

8. AgNO, + NaCl - AgCl + NaNO

9. 2HO, — 2H0 + O

10. Ca(OH), + H,SO, — CaSO, + 2H,0




