
CHMY 171

PRACTICE EXAM II ANSWER KEY
Watch your significant figures and units throughout the exam!          NAME _____________________
1.  (6 pt) Part A.  How many valence electrons are there in a neutral Br atom?  7.  These are only the electrons in the outermost principle energy level.  NOT the electrons in the outermost subshell.  For Br, the outermost energy level that has electrons in it is n=4.  There are a total of 7 electrons in that level including the 2 electrons in the 4s, 5 electrons in the 4p and zero electrons in the 4d and 4f.
     
   Part B. How many core electrons are there in a neutral Br atom?  28.  Because the 4th energy level is the valence level, levels n=1, n=2, and n=3 are all core levels all of the electrons in those levels add up to a total of 28.
2.  (4 pt) How many of the elements in the 4th period (horizontal row) of the Periodic Table are diamagnetic in their ground state?  Ca, Zn, and Kr are all diamagnetic.  That means that they have very minimal magnetic properties in their ground states.  To be diamagnetic, they must have all of their electrons paired up (no unpaired electrons).  Each electron spinning creates a small magnetic field.  If the spinning electron is not paired, then it imparts magnetic properties on the atom (paramagnetic).  The more unpaired electrons an atom has all spinning the same direction, the greater that atoms magnetic attraction will be.  However, if all of the electrons are paired in orbitals, then because there are only 2 possible ways for the electrons to spin, one electron in each orbital will be spinning “up” creating a magnetic field, but the partner electron in that orbital will be spinning “down” creating an opposing magnetic field.  The two magnetic fields are in opposite directions and thus cancel out creating no overall magnetic properties for that atom (diamagnetic).   
3.  (6 pt) Arrange the following in order of increasing atomic radius: O, S, F, N, and explain why they should be in that order.  Atomic radius represents the distance between the nucleus and the outer edge of the electron cloud (holding 90% of the electron density).  Smallest F<O<N<S largest.  S is the largest because it has an extra layer of electrons (its valence level is n=3) compared to the others.  With its outer electrons in n=3, those valence electrons experience a great amount of shielding or repulsing between their negative charges and the negative charges of the core electrons in n=1 and n=2.  That repulsion or shielding causes the valence electrons to be pushed to a distance from the nucleus that is greater than it would be if there were no electrons in n=3.  Thus, S is larger than the other elements in this question.  Because the outer electrons of F, O, and N are all in the energy level (n=2), they experience very similar amounts of shielding.  They are primary repelled by or shielded by the n=1 core electrons.  In cases where elements have similar degrees of shielding, the factor that primarily determines size is the number of protons in the nucleus of the atom.  Because F has more protons to attract the electrons, they get pulled slightly closer to the nucleus making F smallest.
4.  (6 pt) Explain how you would expect the size of Ar to change after an electron is added to make the anion Ar-1, and GIVE 2 REASONS.  If an electron is added to any atom, the atom should get larger.  One reason that can be universally applied to any question where an electon is added to an atom is that the new electron repels all the other electrons that were already in the atom, making them spread out from one another more causing an increase in the size of the atom. The second reason is specific to situations where the electron(s) added fill into an energy level that was not previously occupied creating a new valence level.  In this specific case, before the extra electron was added, the outer electrons were in the 3rd energy level, but the newly added electron must go into the 4th energy level making the atom larger.  That means that new electron in the 4th energy level is experiencing a great deal of repulsion (shielding) from all 18 electrons in the first three energy levels.  That repulsion expands the size of the atom making it much large.  That is a lot more shielding than was previously experienced when the atom had valence electrons in n=3, because the majority of shielding for those n=3 electrons just comes from the n=1 and n=2 (10 total) electrons.  
5.  (6 pt) Arrange the following in order of increasing ionic radius: Br-, Se2-, Ca2+, K+, and explain why they should be in that order.  Smallest Ca+2 < K+ < Br- < Se2-.  For the reasons described in the answer to question 4, Ca+2 and K+ should be much smaller than Br- and Se2-, because their outer electrons are only in the 3rd energy level, whereas Br- and Se2- have their valence electrons in the n=4 energy level.  Comparing Ca+2 and K+, we find that they have the same number of electrons.  In situations where two atoms have the same total number of electrons, they should experience the same degree of shielding.  Thus, the difference in size must be due to a difference in the number of protons present to attract the valence electrons in.  Ca2+ should be smaller because it has more protons to attract the electrons close to its nucleus.  Between Br- and Se2-, Se-2 should be the largest because it has fewer protons than Br-.  That means that the extra electrons in Se-2 are repelling each other a lot spreading out without that many protons holding them in.
6.  (6 pt) Give two reasons why the electron affinity for Br is greater than that for Se.  Electron affinity represents how much an atom wants to gain ONLY ONE NEW ELECTRON.  Electron affinity is larger for atoms that really have a strong attraction for a free electron.  Br has a stronger attraction for an electron compared to Se for two reasons.  1. If Br adds an electron, it will obey the octet rule, whereas Se won’t.  2. Br also attracts an electron to itself more because it has more protons in its nucleus and it is smaller so the new electron can get closer to the nucleus than it could in Se.
7.  (4 pt) Write the full or abbreviated electron configuration for the following ions:

a) Ru2+   [Kr]4d6
b) N2-     1s22s22p5
8.  (4 pt) Write the Lewis Symbol for the ion, N3+.  N is in row 5, so it normally has 5 valence electrons.  With a charge of +3, that means that 3 of those valence electrons must have been lost, so only two remain.  Lewis symbols show dots only for the valence electrons, not all of the electrons, so the symbol should show the atoms with two dots representing its two valence electrons.
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9.  (4 pt) Write the Lewis symbol for the ion, S-3.  Adding 2 electrons to S gives a full outer level with a complete octet.  Adding 3 electrons to make a charge of -3 means that the third electron added will have to go into the next outer energy level, the 4th level.  That means S-3 should have an electron configuration of 1s22s22p63s23p64s1.  Because valence electrons are only those in the outermost energy level, which in this case is n=4, and there is only one electron in the 4th level, the Lewis symbol show only one dot. 
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10.  (2 pt) Give the symbol for any anion that is isoelectronic with the Ru atom.  Some acceptable answers include Tc-1, Mo-2, Nb-3.  These ions all have 44 electrons, which makes them isoelectronic with Ru, because Ru also has 44 electrons. 
11.  (6 pt) If Iodide ions and Aluminum ions were to join together to form an ionic compound, what would the formula most likely be?  In questions like this, the key word is “ions.”  Because we are predicting the formula for an ionic compound, we know the atoms involved must be charged.  To predict the charge they will carry, we need to determine how many electrons each atom must gain or lose to make the same number as a noble gas.  Al must lose 3 electrons to gain an octet (same number of electrons as Neon) making it Al+3.  Iodine  must gain 1 electron to make its octet (same number of electrons as Xenon) and become I-.  When ions come together to make a compound, the overall charges must balance to create an overall unit of the compound that can be packed next to other units in the solid state.  Each unit must be neutral overall or balanced in charge to allow for attractions and to avoid major repulsions between units of the compound in the solid structure.  So, to join the two ions in this example, you would need 3 I- ions to balance the charge of each Al+3 ion to make the overall negative and positive charges balance out, so the formula would be AlI3.
12.  (5 pt) Part A. Arrange the following bonds in order of increasing polarity: O-O, C-Li, Br-H, Br-C, Li-O.  ELECTRONEGATIVITIES: C=2.5, H=2.1, O=3.5, Br=2.8, Li=1.0.  Because electronegativity (EN) is the tendance to attract shared electrons from a neighboring atom, when two atoms with very different abilities to attract electrons bond together, the one with the higher EN will be much bettter at attracting the shared electrons toward itself.  When the electron density of the shared electrons shifts toward the more EN atom, that creates an area of more concentrated negative charge on that atom and an area of concentrated positive charge on the other atom.  A more polar bod will be one that has the largest quantities of partial positive and negative separated over the two atoms in the bond resulting from differences in EN.  The length of the bond also contributes to the degree of polarity of the bond, but the EN is usually a more significant factor that we primarily focus on to determine how polar a bond is. Thus, the polarity can be estimated by calculating the difference in electronegativity between the two atoms bonded together.  Lowest polarity O-O=0.0 < Br-C=0.3 < Br-H=0.7 < C-Li=1.5 < Li-O=2.5.
Part B. For each of the bonds in part A, label them as covalent or ionic.  The primary factor that determines whether a bond is mostly covalent or whether it is mostly ionic is the octet rule.  If the atoms MUST share electrons for both to make noble gas configurations as they bond together, then the bond will be classified as covalent.  With a few exceptions, this mostly occurs when a nonmetal atom is bonded to another nonmetal atom.  On the other hand, if either atom can only make its noble gas configuration by NOT sharing and sharing for that atom would prevent it from having a noble gas configuration, then it will likely make an ionic bond.  This usually occurs when a metal atom bonds to a nonmetal atom.  So, for this example, O-O is covalent, Br-C is covalent, and Br-H is covalent.  A nonmetal can either make a noble gas configuration picking up the necessary number of electrons and holding them all in creating a negative charge overall or by taking them in and sharing them with other atoms.  When two nonmetal atoms bond together, they should not form ions, because for both atoms to make a noble gas configuration without sharing, they would both have to make anions, which would repel and not bond together.  So, if the nonmetals are bonded, they must be sharing electrons (covalent).  C-Li is ionic, and Li-O is ionic.  The key here is to recognize that if Li were to share a pair of electrons with carbon or oxygen, it would make a total of 2 valence electrons for the Li atom in its 2s subshell.  That would give it the same number of valence electrons as beryllium, which is not stable like a noble gas, so instead, the Li atom will not share electrons.  It will allow the C or O atom to pull the electrons away from it making the C or O carry a negative charge while the Li carries a positive charge and has the same number of electrons as helium (very stable for Li).  
13.  (46 pt) Draw one reasonable Lewis structure or line representation for each molecule, and give as much information as you can.  Place any formal charge on the correct atom(s).  Label the structure if it involves resonance.  Describe the molecular geometry about each one of the central atoms.  If the molecule has a dipole, represent it.  List the types of intermolecular attractions that would be present in a pure same of the compound you drew a Lewis Structure for.  Electronegativities: Se=2.4, Cl=3.0, Si=1.8, S=2.5, N=3.0. 
a) C5H8  Multiple reasonable isomers could be drawn.  There is no formal charge or resonance.  Carbon1 has a tetrahedral geometry.  All of the other carbon atoms have a trigonal planar geometry.  The molecule is nonpolar.   Because it is nonpolar, the only intermolecular attractions that will be present are London forces or instantaneous dipole-induced dipole attractions.
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b) SeCl3+   There is a formal charge of +1 on the Se atom.  There is some minor resonance contribution where the Cl atoms donate a pair of electrons toward the Se to spread out the positive charge so it is not all concentrated in one area.  Because Se is a large atom with its valence electrons in an energy level greater than n=3, it can accept more than 8 valence electrons and still be stable.  The geometry about Se is trigonal pyramidal.  Because the Cl atoms are more electronegative, they are pulling electrons away from the Se giving a net dipole moment straight down.   Because the molecule is polar, it will experience both dipole-dipole attractions with other molecules of the same structure as well as the London forces that are always present.
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c) SiH2S  There is no formal charge, and no resonance.  The geometry about Si is trigonal planar.  Because the S is more electronegative, it pulls electrons away from the Si giving a net dipole moment straight up.  The H atoms pull electrons down from the Si due to their electronegativity being higher than the Si, but they don’t pull as much as the S, so there is still a net pull of the electrons in the molecule up toward the Sulfur.   Because the molecule is polar, it will experience both dipole-dipole attractions with other molecules of the same structure as well as the London forces that are always present.  There will not be H-bonding, because the hydrogen atoms present are sharing electrons with a low electronegativity Si atom.  In this example, because Si is less electronegative than H, the H atoms actually carry a very small partial negative charge.  Thus, they surely do not carry a large partial positive charge that is necessary for H-bonding. 
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d) C4H11N  Multiple isomers could be drawn.  There is no formal charge, and no resonance.  The geometry about N is trigonal pyrimidal.  The geometry at each carbon is tetrahedral.  Because the N is more electronegative, it are pulls electrons away from the rest of the molecule giving a net dipole moment in the direction of the N.   Because the molecule is polar, it will experience both dipole-dipole attractions with other molecules of the same structure as well as the London forces that are always present.  Also, because 2 of the H atoms present are covalently bonded to a highly electronegative N atom, they will carry a large partial positive, and those two H atoms will be capable of H-bonding with the large partial negative of the N atom on a neighboring molecule.
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e) C2O2Cl2  There is no formal charge, and no resonance.  You could imagine moving the electrons through resonance to create a structure in which there are double bonds between the C and Cl atoms and single bonds between the C and O atoms, but that would give formal charges on each Cl and O making the molecule less stable.  Because resonance is a stabilizing force, it only occurs if it doesn’t lead to significant instability.  The geometry about each C is trigonal planar.  Both the O atoms and the Cl atoms are pulling electrons away from the carbons in opposite directions.  However, because the O atoms are more electronegative, their pull is more powerful, and a slight net dipole in the direction of the O atoms results.   Because the molecule is polar, it will experience both dipole-dipole attractions with other molecules of the same structure as well as the London forces that are always present.  
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f) C2N2  There is no formal charge, and no resonance.  You could imagine moving the electrons through resonance to create other structures, but not without also destabilizing the molecule by creating unnecessary formal charge.  The geometry about each C is linear.  Both N atoms are pulling electrons away from the carbons in opposite directions, so the polarity cancels out to give a nonpolar molecule.  Because it is nonpolar, the only intermolecular attractions that will be present are London forces or instantaneous dipole-induced dipole attractions.
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g) H3O+  There is a +1 formal charge on the oxygen because it only has 5 electrons assigned and it normally has 6.  There is no resonance.  The geometry about the O is trigonal pyrimidal.  The O is pulling electrons away from the H atoms giving it a dipole in the direction of the O. Despite the O atom having a formal positive, because it has the second highest electronegativity of all atoms, it attracts electrons so strongly from each H atom that it should be able to pull enough electrons toward itself to get an overall partial negative.  In most other situations when an atom carries a formal + charge, it will have some quantity of positive associated with it in the dipole analysis rather than the partial – charge we see here.  Because the molecule is polar, it will experience both dipole-dipole attractions with other molecules of the same structure as well as the London forces that are always present.  Also, because the H atoms are covalently bonded to a highly electronegative O atom, they will carry a large partial positive, and the 3 H atoms will be capable of H-bonding with the partial negative of the O atom on a neighboring molecule.
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h) SO3  There is a +2 formal charge on the S because it only has 4 electrons assigned and it normally has 6.  There is a -1 formal charge on two of the O atoms, because they have 7 electrons assigned.  There is resonance, because the electrons can be positioned in three different ways, and each of those 3 structures are equal in energy.  The geometry about the S is trigonal planar.  The 3 O atoms are all pulling electrons away from the S, but they are pulling equally in opposite directions, so there is no net dipole.   Because it is nonpolar, the only intermolecular attractions that will be present are London forces or instantaneous dipole-induced dipole attractions.
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14.  (2 pt) Give an example of an intramolecular force.  INTRA means within, so intramolecular forces are attractions between one area of a molecule and another of the same molecule.  An example is a covalent bond.

15.  Rank the following interactions in order of strongest to weakest, and explain your answers: Dipole-dipole, London, covalent, ion-dipole, H-bond, dipole-induced dipole, ionic.  STRONGEST Covalent (needed for octet) bonds, Ionic (2 full charges attracted to one another) bonds > Ion-dipole interactions (1 full charge attracted to one partial charge) > H-bonds (2 large partial charges) > Dipole-dipole interactions (2 smaller partial charges) > Dipole-induced dipole interactions (1 partial charge and 1 usually small temporary partial charge) > London forces or instantaneous dipole-induced dipole attractions (2 usually small temporary charges) WEAKEST
16.  (12 pt) Label each of the following substances with which ever intermolecular forces are appropriate.  Many should have more than one label.  Also, circle the substance which should have the lowest boiling point, and put a box around the substance that should have the highest boiling point.


a) CCl4


London – nonpolar molecules can only form temporary attrations.
c) CH3F

London, dipole-dipole – The H atoms are covalently bonded to the C atom.  The molecule is assymetrical, the side where the F atoms is will be the negative side, and the other side (between the three H atoms ) will be the positive side.  The carbon is not electronegative enough to pull electrons away from the H atom very strongly.  Thus, the H atoms will have only a small partial charge (not enough for a H-bond).
e) CH4

 
London  --- CIRCLE - nonpolar molecules can only form temporary attrations.  The molecule has very weak attractions with other molecules of the same type, so it won’t take much energy to separate the molecules from one another and turn it into a gas.  The molecules also have very few electrons total compared to the CCl4 above.  That means that they will not be likely to shift around readily to create large temporare partial charges. With fewer electrons shifiting, they create only very small amounts of temporary partial charges, so the London forces between them will be especially weak and readily broken.  Breaking the intermolecular attractions between one molecule and the molecules surrounding it is what needs to occur for a molecule to escape a liquid sample and become a gas.
f) H2O


London, dipole-dipole, H-bonding --- BOX – Because the difference between the EN of hydrogen and oxygen is so large (3.5-2.1=1.4), water is very polar, and the quantity of partial charge on the H and on the O will be pretty large.  The large partial positive charge on the H atom makes it able to attract to large partial negatives on neighboring molecules forming hydrogen bonds.  The attractions between the molecules being stronger than the other molecules in the question means that a lot of energy or high temperature will be required to separate the molecules from one another and cause it to become a gas.
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