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General Chemistry Review
Acid-Base Chemistry Review
Of critical importance to inorganic chemistry is the various types of acids, herein we will describe three types of acids that are the most important: Lewis acid/bases, Bronsted-Lowry acid/bases, and Lux-Flood acid/bases. 
Lewis acids = electron acceptors, they are electron deficient species. Acid strength increases with increasing positive charge. Charge density is very important, higher positive charge density = better Lewis acid. Charge density is the amount of charge divided by the volume of the ion. 

· Examples: any cationic metal species, carbonyl carbons in organic chemistry, AlCl3, BF3, etc. 
· Problem: arrange the following chemicals in order of increasing Lewis acid strength
· Mg2+, Ca2+, Li+, Na+
· BCl3, BF3, BI3, AlCl3, AlF3
· Answer:
· Mg2+ > Li+ > Ca2+ > Na+
· Higher charges means higher Lewis acidity, but Ca2+ is too big, therefore its charge density isn’t as great as Li+. 
· AlF3 > BF3 > AlCl3 > BCl3 > BI3 
· More electronegative halogens make better Lewis acids, but Al is larger than B therefore the Al has less concentrated positive charge (this was confirmed computationally at the DFT EDF2 6-31G* level).  
[image: ]


Lewis bases = electron donators, they are electron rich species. Base strength increases with increasing negative charge and willingness to donate electrons. 
· Examples: any anionic species, NH3, H2O, carbonyl oxygen’s
· Problem: arrange the following chemicals in order of increasing Lewis base strength
· OH-, NH2-, CH3-, HC=O
· O2-, O22-, O2-, S2-, Br-
· Answer: 
· CH3- > NH2- > OH- > HC=O
· Less electronegative atoms having negative charge is a better Lewis base because it is more willing to give up its electrons. More negative charge makes better Lewis base. 
· O2- > O22- > O2- > S2- > Br- 
· More negative charge makes for a better Lewis base, smaller anions are better Lewis bases.

Bronsted-Lowry Acids = proton donor, the typical acids that you were introduced to in General Chemistry. Acid strength is increased by the stability of the conjugate base, more stable conjugate base = stronger acid. For oxyacids the more oxygens present, the larger the acid strength (HClO4 > HClO3 > HClO2 > HClO) 
· Examples: HCl, HNO3, H2SO4, HClO4, Acetic acid, HF, H2CO3
· Problem: arrange the following chemicals in order of increasing Bronsted-Lowry Acid strength
· HCl, HF, HI, HBr
· H2SO4, H3PO4, HClO4
· Answer: 
· HI > HBr > HCl > HF 
· Look at the stability of the conjugate bases (I-, Br-, Cl-, and F-), in iodide, the negative charge is distributed over a very large area (because I- is the largest ion in the series) therefore it is more stable. 
· HClO4 > H2SO4 > H3PO4 
· Again, look at the stability of the conjugate bases, HClO4 has the most amount of resonance forms (3). Also recall that phosphoric acid is not one of the strong acids that you were taught in General Chemistry. Each conjugate base is shown below with appropriate resonance forms: 







Bronsted-Lowry Bases = proton acceptor, the typical bases that you were introduced to in General Chemistry. 
· Examples: OH- and NH3
· Problems of this nature would just basically copy the trends seen in Lewis basicity so I’m not gonna give you more. 

Lux-Flood acids = oxide acceptors, this definition is mainly used in the context of geology because of the prevalence of oxide compounds and silicates in the geosphere. Better Lux-Flood acids parallel the trends seen in the Lewis acids so if you know Lewis acid strength you know Lux-Flood too. 

Lux-Flood base = oxide donors, better Lux-Flood bases parallel the trends seen in Lewis bases. 

Example of a Lux-Flood acid-base reaction: 
SiO2 + Na2O  Na2SiO3 
A             B
Na has a +1 charge versus the Si, which has a +4 charge, they are in the same period therefore the SiO2 is the better Lux-Flood acid and will accept the oxide from the sodium oxide. 

Intermolecular Forces Review
A molecule is polar if the overall dipole is appreciably nonzero. Dipoles are created whenever there are polar bonds in the molecule, polar bonds occur between elements of different electronegativities. Remember that electronegativity is a measure of an element’s propensity to pull electrons towards it in a bond, the most electronegative element in the periodic table that has well-studied chemistry is fluorine. Elements that are closer to fluorine are more electronegative. 
Which molecule is the most polar: 
H2O, NH3, CO2? 
Before you can tackle this problem, you need to draw the Lewis dot structure for each and then draw the dipole vectors. 




Because O is more electronegative than N, water is the most polar followed by ammonia, and lastly carbon dioxide is the least polar because its two dipole vectors completely cancel. I look at polarity as essentially a tug-of-war, if the arrows point in the same direction, they are going unopposed and therefore that molecule is polar. Elements that are very electronegative are essentially the people who you want on your tug-of-war team during field day in elementary school, because they are the ones who have the biggest pull on the rope, they are the strongest. Notice the directions of the arrows that were drawn, they were always drawn from the less electronegative atom to the more electronegative atom. 

But how does this relate to the topic of Intermolecular forces (IMF), this is because of this flow chart: 




If the compound is ionic then it will have ionic bonding as an IMF. 
Here is the order of strength for IMF’s: 
Ionic bonding > Ion-dipole > hydrogen bonding > dipole-dipole >> dipole-induced dipole > London dispersion forces. 
IMF’s are important because they can be used to predict melting and boiling points. Polar molecules have higher melting and boiling points compared to nonpolar molecules all things equal because they have access to the stronger IMF’s. This also explains why ionic solids have extremely high melting points ( >1000 degrees Celsius) and why purely nonpolar covalent compounds like methane have extremely low boiling points ( < 0 degrees Celsius). Compounds that are of a higher molecular weight also have higher melting and boiling points all things equal, this is because these compounds have a more polarizable electron cloud, meaning that it is more squishy. This enhances the effectiveness of London dispersion forces because these forces occur when there is a temporary dipole due to position bias of the electrons, squishy electron clouds are more prone to making temporary dipoles therefore compounds that are more polarizable and heavier oftentimes have higher melting and boiling points. The boiling point of a substance can also be related to its vapor pressure, a substance will boil when its vapor pressure is equal to the external pressure, that’s why substances under vacuum are more prone to boil, you are lowering the external pressure to match the vapor pressure of the substance thus making a compound boil. A way of determining the boiling point at any given pressure is by using the Clausius Claperyon equation: 

This equation can be used to solve for the boiling point temperature at any pressure if you know the normal boiling point (the boiling point at 1 atm). 














Molecular Shapes
The shape that a molecule can take on has to do with two things: 
1. The number of atoms the central atom is attached to (denoted as X’s in the proceeding notation)
2. The number of lonepairs on the central atom (denoted as E’s in the proceeding notation)
Molecular Shape Table 
	Molecular Subtype
	Molecular Geometry
	Molecular Shape

	AX2
	Linear
	Linear

	AX3
	Trigonal planar
	Trigonal planar

	AX4
	Tetrahedral 
	Tetrahedral 

	AX5
	Trigonal bipyramidal  
	Trigonal bipyramidal  

	AX6
	Octahedral 
	Octahedral 

	AX2E
	Trigonal planar
	Bent 

	AX2E2
	Tetrahedral 
	Bent 

	AX2E3
	Trigonal bipyramidal 
	Linear 

	AX2E4
	Octahedral 
	Bent  

	AX3E
	Tetrahedral 
	Trigonal pyramidal 

	AX3E2
	Trigonal bipyramidal 
	T-shape 

	AX3E3
	Octahedral 
	T-shape 

	AX4E
	Trigonal bipyramidal 
	See-saw 

	AX4E2
	Octahedral 
	Square planar 

	AX5E
	Octahedral 
	Square pyramidal 



There are some notable exceptions to the octet rule: Be and B, which prefer to have 4 and 6 electrons respectively. After the second period, the elements can form an expanded octet because they have access to an empty 3d orbital to place electrons that was absent in the second period because 2d orbitals do not exist.

Isoelectronic Series 
Isoelectronic series are useful for determining which kinds of compounds may share similar chemical properties. Isoelectronic series is a series of chemical compounds that have the same number of electrons, Na+ and Ne are isoelectronic for instance, because Na+ is isoelectronic to Ne it is generally very inert because Ne is very inert. In the same way that we can do isoelectronic series for single elemental ions, we can do it for more complex systems like polyatomic ions. Let’s look at an example: 
Cyanide anion is a common ligand found in transition metal complexes, therefore to find out what other potential ligands will act like cyanide, we can construct an isoelectronic series by varying what elements are substituted for N or C in CN-. 
	
	Group 14
	Group 15
	Group 16
	Group 17

	Group 14
	C22-
	CN-
	CO
	CF+

	Group 15
	CN-
	N2
	NO+
	NF2+

	Group 16
	CO
	NO+
	O22+
	OF3+

	Group 17
	CF+
	NF2+
	OF3+
	F24+



Not all of these entries are stable, for instance F24+ is completely impossible, it wouldn’t even exist transiently in a mass spec, but some of them are very stable and are known to exist, CO and N2 are such examples. 

Trends for isoelectronic series: 
Positive charge increases going down and to the right!
Negative charge increases going up and to the left!
Therefore, the most negative entry will be on the top left!
The most positive entry will be on the bottom right! 

To write the most stable Lewis dot structure, put the least electronegative atom in the center and give the most electronegative atom the lowest bond order (single bond) and satisfy their octet first. Once you have a preliminary Lewis dot structure ask yourself if the atom bearing the negative charge is the most electronegative (if it is then stop), if not then switch things around to make the most electronegative atom have the negative charge. The number of preferred bonds for main group elements are shown below: 
	Element
	C
	N
	O
	F

	Preferred # bond
	4
	3
	2
	1

	Preferred # lone pair
	0
	1
	2
	3





Metallic Bonding and Semiconductors
Unlike in ionic solids where the elements are held together in a crystal lattice driven by electrostatic attraction, metallic solids have a sea of free flowing electrons. This model of metallic bonding explains why metals are good conductors of electricity, the electrons are mobile in metallic solids therefore they can move to produce electricity. A more sophisticated model of metallic bonding is the band theory. In the band theory of metallic bonding, the large amount of electrons present in the solid fill in progressively higher energy bands because all electrons must occupy their own space. Because in metallic solids there are so many electrons, the difference in each band is so small that the solid can conduct electricity due to facile transfer of ground state electrons to excited states. Insulators have a very large gap between the ground state and the excited state, therefore they cannot conduct electricity very well; their electrons are not as mobile. In semi-conductors, the band gap is not small enough to make it a great conductor of electricity, but it is not large enough to make it an insulator. Semiconductors are somewhere in the middle of the spectrum. 

[image: ]
From left to right: insulator, semiconductor, metal
The black represents occupied states, the white represents available excited states, notice how the band gap between the occupied states and excited states progressively decreases from insulator to semiconductor to metal. 
There are two different types of semiconductors, n-type semiconductors and p-type semiconductors. The main difference is how they decrease the band gap, n-type semiconductors decrease the band gap by providing extra electrons, p-type semiconductors decrease the band gap by creating a lower energy accessible excited state. The semi-conductor shown above was a p-type semiconductor. The n-type semiconductor would be if the middle bar was filled black. You can create p-type semiconductors by doping intrinsic semiconductors with an element that has less electrons than it. A classic example of this is doping Si semiconductor with Al, because Al is to the left of Si, it has less electrons than it and therefore would produce a lower energy excited state and lower the band gap in Si. An example of an n-type semiconductor is doping Si with P, because P is to the right of Si, it has more electrons and therefore would fill up more of the ground state and lower the band gap. Semiconductors can also be created by mixing elements that are isoelectronic with group 14 elements, for example Ga-As would be a semiconductor. The n and p-type character of this semiconductor can be manipulated by varying the %Ga and %As, more Ga = more p-type and more As = more n-type. 
Broadly there are 4 types of solids: network covalent, metallic, covalent, and ionic. These solids have the following characteristics: 
	Property 
	Network
	Metallic 
	Covalent 
	Ionic

	Hardness
	Hard 
	Typically hard
	Soft
	Hard + brittle

	Melting point
	High
	High
	Low
	High

	Conductivity(solid)
	No 
	Yes 
	No 
	No 

	Conductivity(liquid)
	No 
	Yes 
	No 
	Yes 



An example of a network covalent compound is SiO2, diamond, and BN. An example of a metallic solid is Fe, an example of a covalent compound is S8, and an example of an ionic compound is NaF. 
Solid solutions can be made by mixing two metals of similar size, chemical properties, and crystal structure. These solutions are homogenous, this is in stark contrast to alloys which are a heterogenous mixture of two metals. This band-gap theory can be used to explain the behavior of metal nanoparticles, very small aggregates of metallic elements. These nanoparticles display unique colors depending upon the size of the nanoparticles, the small the nanoparticles, the larger the band gap and therefore the higher energy light (more blue) it absorbs and transmits light of the opposite side of the color wheel (more red).
 [image: ]

Solids can also display magnetic properties, there are three types of magnetism: 
1. Ferromagnetism (all electrons point in same direction, maximum magnetism) 
2. Antiferromagnetism (half electrons point in one direction the other point in the opposite direction, no magnetism)
3. Ferrimagnetism (one direction is partially countered by electrons spinning in the opposite direction, intermediate magnetism)
For ferromagnetic materials, increasing temperature decreases magnetism, for antiferromagnetic materials, increasing temperature increases magnetism until the Neel point, and for ferrimagnetic materials, increasing temperature will decrease magnetism. [image: ]
 
 


Crystal Structures
Most solids in chemistry have a cubic crystal lattice. For metallic solids, the crystal lattice is comprised of repeat units called unit cells. These unit cells can packaged in certain arrangements to minimize space and maximize packing efficiency. There are three main types of cubic unit cells: primitive, body-centered cubic, and face-centered cubic. Analyzing unit cells turns out to be very useful in determining things like atomic radius, density, and the formula for an ionic solid.
 
Primitive cubic lattice
[image: C:\Users\Joseph\AppData\Local\Microsoft\Windows\INetCache\Content.Word\Body-centered Cubic lattice.png]
Body-centered cubic lattice 
[image: C:\Users\Joseph\AppData\Local\Microsoft\Windows\INetCache\Content.Word\face-centered cubic lattice.png]
Face-centered cubic lattice OR cubic closest packed 


Rules for counting atoms in unit cells: 
Atoms on corners are  an entire atom 
Atoms on edges are  an entire atom
Atoms on faces are  an entire atom
Atoms in the center of the cell are  entire atom

Therefore, the primitive cubic lattice has 1 atom in it (1/8 * 8), the body-centered cubic has 2 atoms in it (1/8 * 8 + 1), and the face-centered cubic lattice has 4 atoms in it (1/8 * 8 + 1/2 * 6). This method works for all atom counting problems! The atomic radius of the element comprising the unit cell can be expressed in terms of the side length of the unit cell depending on what type of cubic lattice it is in. The following is the table relating the side length of the unit cell to atomic radius for a metallic solid with various cubic lattice types: 
	Cubic lattice type
	Side length
	Volume 

	Primitive 
	
	

	Body-centered 
	
	

	Face-centered 
	
	



The volume expression turns out to be very powerful in being able to determine the atomic radius of elements in the various cubic lattices. This is because the density of a material is an intensive property, therefore, the density of the bulk material is the same as the density of the unit cell. Since we know how many atoms are in each unit cell type we can calculate the atomic radius if the density and type of lattice is known. 
Questions: 
1. Chromium crystallizes in a body-centered cubic lattice with an edge length of 288 pm. Calculate (a) the metallic radius of Cr, and (b) the density of Cr.
2. From the density of vanadium, 6.11 g/cm3, and a body-centered cubic unit cell, determine the atomic radius of vanadium.

So far, we have limited our discussion to metallic solids, consisting of only one element. However, inorganic chemistry is also concerned with ionic compounds, these crystal lattices consist of more than one element and are arranged to maximize attractive interactions and minimize repulsive interactions. The simplest ionic lattice that one can analyze is the CsCl lattice, the Cs is said to be contained in a cubic hole because it is in the center of a cube and has 8 nearest neighbors. 
[image: ]
We can get the stoichiometry of the ionic solid by counting atoms: 
The Cs is in the body-center therefore there is 1 Cs 
The Cl occupy the corners of the unit cell therefore there is 1 Cl (1/8 * 8) 
This is an example of an ionic solid crystal lattice that has a simple cubic geometry. 
The NaCl is the next classic example of an ionic lattice, this is a face-centered cubic unit cell with Cl on the corners and faces and the Na occupying octahedral holes. 
[image: ]
The Na is said to occupy an octahedral hole because it has 6 nearest neighbors. 
The stoichiometry of the ionic compound can be determined by counting atoms: 
Na: 1 + ¼ * 12 = 4 Na
Cl: 1/8 * 8 + ½ * 6 = 4 Cl 
Therefore Na and Cl are in a 1:1 ratio and the ionic solid has formula NaCl. 

The next most complicated crystal lattice to analyze is the CaF2 lattice which is also a face-centered cubic lattice. This unit cell has Ca2+occupying the corners and the faces. The F- occupy tetrahedral holes, these holes are dubbed tetrahedral because the F- has 4 nearest neighbors that it is coordinating (recall that anions cannot bond to other anions). [image: C:\Users\Joseph\Pictures\CaF2 lattice.PNG]
Without tetrahedral hole highlighted in blue
[image: ]
With tetrahedral hole highlighted in blue. 
The stoichiometry of the ionic solid can be determined by counting atoms: 
F: 1(8) = 8 
Ca: 1/8 (8) + 1/2 (6) = 4
Therefore because F and Ca are in a 2:1 ratio the formula is CaF2 

In that solid, all the tetrahedral holes were filled, however, there can also be ionic solids in which not all the tetrahedral holes are filled. One such solid in which this is the case is ZnS or Zinc Blende. It is similar to the CaF2 lattice, but is different in the sense that only half the tetrahedral holes are filled with Zn2+. [image: ]

The holes that the cation/anion will pack into depends upon the ratio of the radii of the two ions. If the ratios of the cation and anion are essentially the same, then the preference is for a cubic hole because it cannot pack as tightly. If the ratio of the radii is in the intermediate range then the preference is for octahedral holes because the ions can arrange to pack more atoms into the space without overwhelming repulsive interactions. If the ratio of the radii is very small then tetrahedral holes are preferred because this will pack the ions as close together as possible. 
[image: ]


Questions: 
1. What is the empirical formula of a salt with the unit cell pictured here (filled circles = Re, open circles = O)?
 [image: ]
2. A metal fluoride crystallizes such that the fluoride ions occupy cubic lattice positions at the corners and on the faces while the 4 metal atoms occupy tetrahedral holes within the body of the unit cells.  The formula of the metal fluoride is:
3. Examine the unit cell of rubidium hydride. What type of ionic unit cell is it? What is the stoichiometry of rubidium hydride? [image: ]


Hard-Soft Acid Base Theory (HSAB) and Fajan’s Rules

The stability and solubility of salts can be accurately predicted by looking at charge density of the cation and anion involved. But first some preliminary definitions, soft cations/anions are those that have a low charge density. What this means is that they have a relatively low oxidation state and are relatively large, so a classic example of a soft anion would be I-. The iodide anion has a minus 1 charge distributed over a very large area because its anionic radius is rather large. Hard cations/anions are those that have a high charge density; they have high oxidation states and are relatively small. A classic example of a hard cation is Al3+, aluminum is a very small atom and its 3+ charge makes it have a substantial amount of positive charge density. A very simple paradigm to follow is that softness within a group increases going down so for example Fr+ is softer than Li+ and Ba2+ is softer than Be2+. But it all comes down to charge density, because Ba2+ is larger than Be2+ and has the same charge, Ba2+ has to be substantially softer than Be2+. A quick guide to hardness and softness is provided below, these images are NOT mine they are from Rayner-Canham and Overton’s Descriptive Inorganic Chemistry textbook 6th edition. I provide them because it is the most compact way of knowing hardness and softness of cations and anions and it is how I personally know what is hard and what is soft. 
[image: C:\Users\Joseph\AppData\Local\Microsoft\Windows\INetCache\Content.Word\image1.jpeg]


The concept of hardness and softness can be used to explain why certain reactions will occur as well. The basic principle of all these questions is that hard likes to match with hard and soft likes to match with soft, hard-hard ions are therefore more stable and less willing to dissolve. Likewise, soft-soft ions are more stable and less likely to dissolve. 

Questions: 
1. Predict the direction of the following reaction: 
PbCl2 + 2NaSCN  Pb(SCN)2 + 2NaCl 
2. Predict the direction of the following reaction:
Ag2S + NaNO3  AgNO3 + Na2S 
3. Arrange the following salts in order of increasing solubility in water 
NaF, NaCl, NaBr, NaI
4. Arrange the following salts in order of increasing stability* 
BaF2, MgF2, BeF2, ScF3, AlF3
For the question that is starred, you can use online resources because some of them are very close. 
Answer: 
1. Forward because the soft Pb2+ will be paired with the soft SCN- in that direction and the hard Na+ will be paired with the hard Cl-
2. Reverse because the soft Ag+ will be paired with the soft S2- in that direction and the hard Na+ will be paired with the hard NO3-. 
3. NaI > NaBr > NaCl > NaF because Na+ is a hard cation and wants to be paired with a hard anion, because F- is the hardest anion in that series, it would form the least soluble and most stable salt. 
4. AlF3 > BeF2 > ScF3 > MgF2 > BaF2 because Al3+ has the highest charge density and therefore is the hardest cation, although Sc has a 3+ oxidation state, its ionic radius is sufficiently large to be narrowly beat out by BeF2. Remember, hard likes to pair with hard. 
You can use this principle of matching to determine the relative hardness and softness of anions and cations. To do this you need to find the molar solubility of the compound if they are of different stoichiometries, this is done using Ksp and RICE tables. 
Let’s assume we have 1.0 M of salt MX3 that has a Ksp of 1.32 x 10-14



X is the molar solubility, so solve for x using a graphing calculator. Do this for all the ions in the series given and you will be able to figure out the hardness and softness of the anion/cation. The higher the molar solubility, the larger the mismatch in hardness between the cation and anion. 


All ionic compounds are not strictly ionic, there is always some degree of covalency to the bond between the cation and anion. The degree of covalency can be accurately predicted using Fajan’s rules and the Bond Triangle. 
Fajan’s Rules are:
1. As the charge of the cation increases, so too does the covalent character of the bond
2. As the anion’s radius increases, so too does the covalent character of the bond
3. Cations that have a non-nobel gas configuration (typically transition metals) form more covalent bonds. 
[image: ]
Therefore in order to maximize ionic bonding, the cation needs to be positive but not too positive (no oxidation state above 2) and the cation needs to be relatively intermediate in size. Another means of looking at bonding character is using the Bond Triangle, which takes into consideration two things: average electronegativity and the difference in electronegativity between two elements that are bonding. 
[image: ]
Find the point that corresponds to the bonding that is occurring and you can neatly place it in those categories. 
Question: 
1. Provide an explanation for why PbCl2 has a much higher melting point compared to PbCl4? (-15 C versus 501 C)
2. Which would you expect to have a higher melting point, BeCl2 or MgCl2?
3. Which compound would you expect to have a higher covalent character in bonding, AlF3 or AlI3? Why?
4. Which compound would you expect to have a higher melting point, AgCl or NaCl?
Answers: 
1. First analyze the charge of the metal, in PbCl2 the charge on Pb is 2+, but in PbCl4 it is 4+, because the cation has a much higher oxidation state in PbCl4 the bonding must shift to be much more covalent in nature. Recall Fajan’s first rule 
2. MgCl2 would have a higher melting point because Be2+ is a much more polarizing cation, it has a substantially higher charge density and therefore would prefer to have more covalent bonding (recall that small, high charge dense cations prefer more covalent bonding). 
3. AlI3 would have much higher covalent character in bonding compared to AlF3 because the anion is much larger for AlI3, recall Fajan’s second rule. 
4. The anion is the same among the compounds, so look at the cations, Ag+ is a more polarizing cation because it has a non-noble gas configuration (recall Fajan’s third rule), therefore AgCl would display more covalent bonding compared to NaCl. We know that covalent compounds generally have much lower melting points compared to ionic solids, therefore NaCl will have a higher melting point.  


Inorganic Thermodynamics
The stability and melting points of salts in a very elementary sense can be predicted using Coulomb’s Law, 

Because the anion and cation are presumed to act as point charges, the force attracting them together can be determined with the above formula (Coulomb’s Law). This however, turns out to be insufficient to get exact quantitative information on things like lattice energy, but is a useful qualitative tool to predict which ionic solid will have a higher melting point and higher lattice energy. 
Question: 
1. Which compound do you expect to have a higher melting point: MgCl2 or MgO?
2. Which compound do you expect to have a higher lattice energy: MgS or MgO?
3. Which compound do you expect to have a higher melting point: BaCl2 or MgCl2?
4. Which compound do you expect to have a higher melting point: AlP or NaCl?
Answer: 
1. MgO because the charge on the anion is larger, recall that the electrostatic force is proportional to the charges of the cation and anion, higher charge = larger attractive force = higher melting point. 
2. MgO because the radius of S2- is larger than O2- therefore the electrostatic force of attraction for MgS would be less than MgO despite both anions having the same charge.
3. MgCl2 because Mg2+ is a smaller cation than Ba2+ and therefore the two point charges are separated by a smaller distance in MgCl2 than BaCl2. 
4. AlP because Al3+ has a higher charge and is smaller than Na+ therefore it is a smaller cation and would therefore have a stronger electrostatic force of attraction compared to the NaCl salt. The anions are also higher charge therefore they have a higher affinity for the cation. 
A more exact method of determining the lattice energy is the Born-Haber Cycle. The lattice energy is the amount of energy released when the cation and anion combine in the gas phase to produce the solid salt. This release in energy is measured as a change in enthalpy, because enthalpy is a state function, if we know the enthalpy of all the compartmentalized steps and the heat of formation for the salt, we can determine the unknown, the lattice energy. 




Let’s determine the lattice energy for the formation of MgO:

Mg (s) + ½ O2 (g)  MgO (s)	H°f = -601.7 kJ/mol


	State Change
	Enthalpy (kJ/mol)

	Mg (s)  Mg (g)
	146

	Mg (g)  Mg2+(g)  + 2e-
	2187

	½ O2(g)  O (g)
	249

	O (g) + 2e-  O2-(g)
	703



In both reactions, you are starting with Mg(s) and ½ O2(g) and ending with MgO, therefore the change in enthalpy should be the same for both cycles. 

All the values except for LE are known/given and so we can calculate LE using the following equation: 

You can determine the lattice energy to a very good approximation in the absence of thermodynamic information, however. To do this you must use the Born-Lande Equation which is: 

There are two constants that need to be known to use this equation, the M or Madelung constant which depends upon the structure of the crystal and the n constant otherwise known as the Born exponent which depends on the electron configuration of the cation and anion. [image: ]
Another piece of thermodynamic information that is relevant to the discussion of ionic compounds is the enthalpy of solvation. In order for an ionic salt to dissolve in solution, the lattice energy needs to be overcome to separate the ions apart. Typically, the enthalpy of solution is positive, indicating that it is an endothermic process. This is why the solubility of ionic solids increases with increasing temperature (LeChatlier’s principle). Water solubility is the main focus of discussion in inorganic chemistry because of water’s extremely high dielectric constant, the constant that indicates how well it stabilizes charged molecules. If the lattice energy is greater than that of the enthalpy of hydration then the salt is poorly soluble. The enthalpy of hydration is the amount of energy released by solvating the cation and anion from the gas phase. The enthalpy of solution is the change in enthalpy of going from the solid salt to the aqueous solvated cation and anion. The enthalpy of hydration is always negative, the more negative the more favorable it is to enter solution. [image: ]
The effect of salts dissolving into water have on pH can be accurately predicted by looking at the cation and anion. The anions of strong acids: Cl-, SO42-, NO3-, ClO4‑, etc. and the cations of strong bases: Na+, Li+, Ba2+, Ca2+, etc. will not have an effect on pH, this has to do with the fact that strong acids and strong bases give weak conjugate bases and acids respectively. Because Cl- is a very poor base, it will not pick up a proton in solution and therefore would not cause the pH to increase. If the other ion in the salt is not an anion/cation of a strong acid or base then you need to write out how it would affect the solution. 
Example: 
NH4Cl when dissociated would produce NH4+ and Cl-, Cl- will not have an effect on pH because it is the conjugate base of a strong acid (HCl), so we look to the effect NH4+ has on the pH of solution. 

Therefore the solution will become acidic, because H3O+ is a stronger acid than NH3 is basic. 
If the cation and anion are both from weak acids/bases, then the weakest conjugate will dominate the pH. So if the Kb of the cation’s conjugate is larger than the Ka of the anion’s conjugate then the solution will be acidic. 


Questions: 
1. Predict the following salt’s effect on pH: Na2CO3 
2. Predict the following salt’s effect on pH: NH4NO3
3. Predict the following salt’s effect on pH: BaSO4
4. Predict the following salt’s effect on pH: FeCl3
5. Predict the following salt’s effect on pH: AgCl
Answers: 
1. It would be basic because carbonate is a weak base and sodium cation has no effect on pH.
2. It would be acidic because ammonium ion is weakly acidic in solution and nitrate anion has no effect on pH. 
3. It would be neutral because both ions have no effect on pH. 
4. It would be acidic because Fe3+ is a strong Lewis acid and Cl- has no effect on pH. 
5. It would be slightly acidic if it dissolves at all because Ag+ is a very weak Lewis acid and Cl- does not have an effect on pH. 
In any particular solvent, the strongest acid that can exist is the conjugate acid of the solvent, so for water it would be H3O+ and the strongest base that can exist is the conjugate base of the solvent, so OH- for water. Therefore, existence of dianions such as O2- and S2- in water is IMPOSSIBLE because those are stronger bases than OH-. There are therefore two types of solvents: leveling and differentiating. A leveling solvent is a solvent in which the conjugate acid and base of the solvent are beyond the strength of the acid/base added to the solution. For example, one cannot use water to determine the relative acidity of HCl and HBr because both ionize completely. However, you could use acetic acid to determine acid strength, because the protonated acetic acid is an extremely acidic species and is more acidic than HCl and HBr (pKa < -5). Therefore, acetic acid is considered a differentiating solvent for acids. Ammonia would be a differentiating solvent for bases. 

Questions: 
1. Would H2SO4 be a differentiating or leveling solvent for NH3? 
2. Would NH3 be a differentiating or leveling solvent for Li2S?
3. Would acetic acid be a differentiating or leveling solvent for HNO3?
Answers: 
1. Sulfuric acid would be a leveling solvent for NH3 because an acid cannot be a differentiating solvent for a base.
2. Ammonia would be a differentiating solvent for lithium sulfide because sulfide is a strong base that cannot exist in solvents that have too acidic a conjugate base (such as water). 
3. Acetic acid would be a differentiating solvent for acetic acid because the conjugate acid of acetic acid is sufficiently acidic to exist in solution with HNO3. 


Redox Chemistry
Oxidation-reduction reactions (redox) are extremely important for the study of inorganic compounds. Oxidation is defined as the gaining of positive charge, the loss of an electron. Reduction is defined as the gaining of negative charge, the gain of an electron. Typically in chemistry classes, the acronyms LEO GER or OIL RIG are used to teach this, lose electron oxidation- gain electron reduction. Or oxidation is lose, reduce is gain. Redox reactions can be balanced using the half reaction method where you first identify the element that is being oxidized and the one that is being reduced then balance according to stoichiometry and charge, THE NUMBER OF ELECTRONS LOST MUST EQUAL THE NUMBER OF ELECTRONS GAINED. The chemical species that is being reduced is known as the oxidant or the oxidizing agent. The chemical species that is being oxidized is known as the reductant or the reducing agent. These reactions can be balanced in neutral, acidic, or basic conditions. The easiest condition to balance is in neutral conditions. In acidic conditions, in addition to balancing the electrons any additional oxygen’s gained need to be balanced with H+ and H2O. In basic conditions the process is similar, but instead things are balanced with OH- and H2O. 
Example: 
Neutral conditions:
Zn + Cu2+  Zn2+ + Cu
First identify which element is being oxidized and which is being reduced, 
Zn is going from a 0 oxidation state to a +2 oxidation state, therefore this is being oxidized and is the reducing agent.
Cu2+ is going from a +2 oxidation state to a 0 oxidation state, therefore this is being reduced and is the oxidizing agent. 

Oxidation half reaction:
Zn  Zn2+ + 2e-
Reduction half reaction: 
Cu2+ + 2e-  Cu

Because the number of electrons on the left hand and right hand side is the same, we don’t need to balance this and the equation is correct as written. 

Now let’s look at a more difficult example: 
Ce4+ + I-  Ce3+ + IO3-
First let’s look at the oxidation state of each element 
Ce4+ is being reduced to Ce3+ 
I- is being oxidized to IO3-, but what is its oxidation state? 
Oxygen always has a -2 oxidation state except in organic peroxides and there are three in the compound that has a net charge of -1. 
X -3(2) = -1 
x-6=-1
x=5
therefore the oxidation state of iodine is +5 in the product side
let’s balance this reaction in acid and then I will show you how to convert this to the reaction in base. 
Oxidation half reaction: 
I-  IO3- + 6e-
Reduction half reaction: 
Ce4+ + e-  Ce3+ 
To make the electrons cancel we must multiply the reduction half reaction by 6 to get the right number of electrons giving us 
6Ce4+ + 6e-  6Ce3+ 
But the oxidation half reaction has an issue, there are oxygen’s on the right hand side that we need to take care of, to make the oxygen’s equal we must add 3 H2O to get both sides to have 3 oxygen’s. 
I- + 3H2O  IO3- + 6e-
But we have an issue, we have extra hydrogen’s on the left side that we don’t have on the right side, we will balance this with H+ to get equivalency. 
I- + 3H2O  IO3- + 6H+ + 6e-
Now this reaction can be written as the addition of both half reactions for the balancing in acidic conditions! Anything on the left side that is mirrored on the right side must be subtracted. So let’s recap: 
Reduction half reaction: 
6Ce4+ + 6e-  6Ce3+ 
Oxidation half reaction: 
I- + 3H2O  IO3- + 6H+ + 6e-

Adding these two reaction gives: 
6Ce4+ + I- + 3H2O  IO3- + 6H+ + 6Ce3+

This reaction can also be balanced in base by modifying the oxidation half reaction, add an equal amount of OH- where the H+ is and add the same amount on both sides. The H+ and OH- then combine to give water on that side. In summary the oxidation half reaction would be: 
I- + 3H2O + 6OH-  IO3- + 6H+ + 6OH- 6e-
I- +3H2O + 6OH-  IO3- + 6H2O + 6e-
The waters then cancel on either side to give 
I- + 6OH-  IO3- + 3H2O + 6e-
As the new oxidation half reaction. 
You would then add the two half reactions in the same way as before to give you the overall reaction: 
Reduction half reaction: 
6Ce4+ + 6e-  6Ce3+ 
Oxidation half reaction: 
I- + 6OH-  IO3- + 3H2O + 6e-
The overall reaction would then be 
6Ce4+ + I- + 6OH-  6Ce3+ + 3H2O + IO3- 
This method of balancing redox reactions always works. 
Questions: 
1. Balance the following reaction in acidic and basic conditions: 
Al + MnO4-  MnO2 + Al(OH)4- 
2. Balance the following reaction in both acidic and basic conditions: 
Fe2+ + H2O2  H2O + Fe3+
3. Balance the following reaction in both acidic and basic conditions: 
Mn2+ + BiO3-  Bi3+ + MnO4- 
4. Balance the following reaction in both acidic and basic conditions: 
KMnO4 + Na2SO3 + H2O  MnO2 + Na2SO4 + KOH
Answers: 
1. 
a. Acidic conditions: 2H2O + Al + MnO4-  Al(OH)4- + MnO2
b. Basic conditions: 2H2O + Al + MnO4-  Al(OH)4- + MnO2
2. 
a. Acidic conditions: 2Fe2+ + H2O2 + 2H+  2Fe3+ + 2H2O 
b. Basic conditions: 2Fe2+  + H2O2  2Fe3+ + 2OH-
3. 
a. Acidic conditions: 2Mn2+ + 5BiO3- + 14H+  2MnO4- + 5Bi3+ + 7H2O
b. Basic conditions: 2Mn2+ + 5BiO3- + 7H2O  2MnO4- + 5Bi3+ + 14OH-
4. 
a. Acidic conditions: 3Na2SO3 + H2O + 2KMnO4  3Na2SO4 + 2MnO2 + 2KOH
b. Basic conditions: 3Na2SO3 + H2O + 2KMnO4  3Na2SO4 + 2MnO2 + 2KOH

One of the most prominent uses of redox reactions is in voltaic cells, or batteries. This field is referred to as electrochemistry and there are three main components of any battery: 
1. Anode, the site of oxidation, this portion of the battery loses mass over time and anions flow towards it. 
2. Cathode, the site of reduction, this portion of the battery gains mass over time and cations flow towards it. 
3. Salt bridge, the portion of the cell that allows for cation and anion exchange from both sides of the cell. 

A schematic view of a voltaic cell is shown below: 

[image: Voltaic Cells - Chemistry LibreTexts]
The cathode increases in mass over time because in the example cell shown above, the Ag+ is being reduced to metallic solid silver metal. The anode decreases in mass over time because as shown in the example above, the metallic Cu is being oxidized to Cu2+, this mobilizes the copper cation and allows it to enter solution. In order for a voltaic cell to function, there must be a positive cell potential denoted as Ecell, this is because of the following equation: 

Where F is Faraday’s constant which is 96485.332 C/mol, and n is the number of electrons involved in the redox process. 
But wait a second, what is Ecell, well Ecell can be very simply calculated by using the Standard reduction potentials which are well defined constants based off the Standard Hydrogen Electrode (SHE). The more positive the reduction potential, the more thermodynamically favorable it is. Within the reduction potential table, there are negative entries, these chemicals are very resistant to reduction and prefer to be oxidized instead. 

In summary: 
· Ecell and the sign of ΔG will always be opposite 
· Positive reduction potential means you are a good oxidant, prefer to be reduced. 
· Negative reduction potential means you are a good reductant, prefer to be oxidized. 
To determine the Ecell of a reaction, figure out which element is being oxidized and which element is being reduced. For the element that is being reduced you can just take the entry from the table directly, for the element that is being oxidized, the entry must be negated. These two number will then just be added together to get the standard cell potential, Ecell. These values only work at room temperature and at solutions of 1M concentrations. In order to find the cell potential at nonstandard conditions, you must use the Nernst Equation. This equation can be derived by some thermodynamic trickery: 






Q is the ratio of product concentrations raised to their respective coefficients to the reactant concentrations raised to their respective coefficients and is referred to as the reaction quotient. This equation can be used for any reaction that is not done at standard conditions. 
The stability of various oxidation states can be evaluated by using a Frost diagram. The Frost diagram shows oxidation state of the element in question on the x-axis and voltage associated with it on the y-axis, this is proportional to the free energy associated with it. The more stable substances will be lower on the Frost diagram. 
[image: How to predict disproportionation products from Frost diagram ...]
These diagrams can be used to figure out which compounds will do a process called disproportionation, this occurs when the oxidation states to the left and to the right of it are both lower in energy, or one is so favorable that it overcomes the energy lost from the other process. These typically correspond to the hill tops of the frost diagram. 
Question: 
1. What is the most stable form of Mn in acid? 
2. What is the most stable form of Mn in base? 
3. Which Mn species would disproportionate in acid? 
4. Which Mn species would disproportionate in base? 
Answers:
1. The most stable form of Mn in acid is Mn2+ because of how low it is on the Frost diagram
2. The most stable form of Mn in base is Mn2O3 because it is the lowest on the base portion of the Frost diagram for Mn. 
3. Mn3+ would disproportionate because the Mn2+ is more down than the MnO2 is up from the Mn3+, therefore the energy released by disproportionating is more than the energy absorbed by disproportionating, hence this process is thermodynamically favorable. H3MnO4 would also disproporitionate for the same reason. 
4. MnO43- would disproportionate because it is on a hilltop, refer to the above analysis.
Another type of diagram that shows the most stable oxidation state of a given element is the Pourbaix diagram. These diagrams show the predominant species present at a given pH and electrical potential, as such they are also called Eh-pH diagrams. In these diagrams, the predominant species is typically indicated in their respective boxes. An example of a Pourbaix diagram is shown below: 
[image: Pourbaix diagram of manganese. | Download Scientific Diagram]
Widely, there are two types of conditions that a chemical can be under: 
1. Oxidizing 
2. Reducing 
The oxidizing conditions correspond to electrical potentials above 0, the reducing conditions correspond to electrical potentials below 0. That is the reason why in the above diagram, under reducing conditions there are generally less oxygens and the oxidation state of Mn is lower going from +7 in MnO4- to 0 in metallic Mn. These tendencies for an element to exist in a certain form at a given pH and electrical potential can also be explained through the Frost diagram, Mn2+ being the lowest energy Mn oxidation state in acid by far is the main species for the widest range of electrical potentials and pH. It also explains why MnO4- only exists at very oxidizing potentials and very high pH’s, this trend is paralleled in the Frost diagram. The Pourbaix diagram is limited to the solvent that it is being done in, water has oxidative and reductive limits.
· Reducing limit: when water gets reduced: 2H2O + 2e-  H2 + 2OH-
· Oxidizing limit: when water gets oxidized: 2H2O O2 + 4e- + 4H+
The pH that can be evaluated also depends on the solvent, with water supporting pH’s from 0 to 14, but other solvents like acetonitrile supporting greater pH’s than water. These conditions can be modified by the needs of the experiment. 


Hydrogen and Group 1& 2 Chemistry
Hydrogen being the first element on the periodic table and only having one electron is unique among all other elements. It displays properties that are similar to the alkali metals and the halogens: 
1. It forms a diatomic gas like halogens
2. It is a nonmetal like halogens 
3. It forms monopositive ions (H3O+ or H+) like alkali metals
4. It has a single s electron like alkali metals
The behavior of hydrogen depends upon which element to which it is bonded, it can form ionic, covalent, and metallic compounds: 
[image: Rayner-Canham 5e Figure 10]
The electronegativity of hydrogen is right in the middle of the scale, being 2.2, because it can form covalent compounds with nonmetals (the most electronegative elements in the periodic table), the dipole-dipole interactions that it can cause have their own category in strength: hydrogen bonds and are higher in strength than all other dipole-dipole interactions. Hydrogen can react as an oxidant and reductant and reacts with a wide variety of different compounds as shown below: 
[image: Rayner-Canham 5e Unnumbered Figure 10]

The alkali metals are unique in that they are the least dense metals, the most reactive with water, and are the largest and least electronegative metals. Their reaction with water is notorious among chemistry enthusiasts the world over because of the extremely exothermic nature of the reaction. The relative reactivity of these metals increases as one goes down the group, Li being the least reactive with water and Fr being the most reactive with water. All alkali metals will react with oxygen and form various oxide species depending upon their size and hardness: 
4Li + O2  2Li2O
2Na + O2  Na2O2 
K + O2  KO2
Rb + O2  RbO2
Cs + O2  CsO2
Fr + O2  FrO2 
The alkali metals form different oxide compounds depending upon which anion they are combining with, because Li+ is the hardest of the alkali metals (it is the smallest and therefore the most charge dense), it prefers to interact with the hardest oxide anion, O2-. Na+ being softer than Li+ prefers to interact with the peroxide anion or O22-. Passed Na+ the alkali metals become much softer and therefore prefer to combine with superoxide anion or O2-. 
The alkali metals in their metallic state give off very unique colors when ignited: 
Li = crimson
Na = yellow
K = purple
Rb = violet
Cs = blue
These colors are given off because of the s to p electronic transition and the photon emited when the electron comes back down to the s orbital. The alkali metals generally make very soluble salts because of their charge density and therefore are useful in being anion donors; their cations are extremely unreactive and are stable at all pH’s. 
Lithium forming the most charge dense cation is unique among the alkali metals because it is the only metal that can form a nitride with the notoriously inert nitrogen gas: 
6Li + N2  2Li3N
Lithium also has uses in rechargeable batteries and in organometallic chemistry, forming extremely reactive alkyl lithiums. 

Sodium is the alkali metal with the largest industrial demand due to its extremely soluble salts and the ubiquity of NaOH in the chemistry laboratory. Metallic sodium is used to extract titanium from titanium chloride: 
TiCl4 + 4Na  4NaCl + Ti
Metallic sodium is done by mixing sodium and calcium chloride at high temperatures and electrolyzing it to reduce to metallic sodium and release chlorine gas. 
One of the polyatomic ions that acts similarly to the alkali metals is the ammonium cation, it is monopositive and relatively inert, and forms very soluble salts. 
The reaction schemes for the various alkali metals are shown below (these are again taken from Rayner-Canham and Overton’s inorganic chemistry textbook): 
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The alkaline earth metals all have a common oxidation state of +2 and Ca and Mg are critical in the biological world for their use as cofactors and chemical messengers. Like the alkali metals, these metals react with water to produce hydrogen gas and the corresponding hydroxide salt, however, these reactions are less violent than the corresponding alkali metal reaction. The alkaline earth metals also react with halogen gas to create the corresponding halogen salt in the same way that alkali metals do. And like lithium the alkaline earth metals react with nitrogen to form the nitride salts. Because of their high charge density, there is substantial covalent character in Be and Mg bonds (specifically Be because it is smaller). In fact, Beryllium chemistry is primarily covalent. Unlike the alkali metals who form very soluble salts, the alkaline earth metals do not form a lot of soluble salts because they are harder than the alkali metals. The hydroxide salts of alkaline earth metals for instance are much less soluble than the analogous alkali metal salts. The alkaline earth metals because they are so much harder than the alkali metals all produce regular oxide salts when exposed to oxygen. Magnesium also finds uses in organometallic chemistry in the Grignard reaction in which an alkyl halide is reacted with magnesium metal typically in the form of turnings and a magnesium halide compound forms which is a strong nucleophile or Lewis base. 
The reactions that alkaline earth metals undergo is given below: 
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Group 3A Chemistry 
The elements in group 3A or the boron group are unique in that they form some of the most powerful Lewis acids known. BF3 and AlCl3 are used ubiquitously as Lewis acids in organic chemistry and inorganic chemistry alike. Their ability to be such great Lewis acids is because of their ability to form covalent molecules with F and Cl and their +3 oxidation state. The most important and well-studied elements in group 3A are boron and aluminum. Boron is extracted by reacting its oxide with reactive metals like Mg under high temperatures and pressures. Boron exists in its elemental form as a cluster of 12 boron atoms in an icosahedral arrangement shown below: 
[image: How does boron form 5 bonds in its B12 allotrope? - Quora]
Boron is used to reduce the thermal expansion coefficient of traditional glass, this new type of glass is referred to as borosilicate glass or Pyrex glass, which is used in lab glassware. Boron can make a plethora of interesting binary compounds by reacting boron oxide with elemental carbon to make boron carbide for example. Boron carbide is useful for preparing other tough materials such as titanium boride. In addition to its interesting binary compounds, boron is second only to carbon in the number of hydrides it can form. The simplest borane is B2H6 which exists as a bridged structure shown below:
[image: Diborane 9-11% (balance hydrogen), 99.99% (diborane only), 10% in ...]
While this does look like cursed chemistry, this seemingly impossible structure is the result of one electron being shared with each hydrogen in the bridge. This single electron sharing allows for the boron to have closer to a full octet than the BH3 that would be expected. The structure of diborane perplexed chemists for a long time prior to the advent of X-Ray crystallography, in the modern age this structure is accepted. As one would expect, the bridged hydrogens have a longer bond length than the hydrogens that have a full single bond. Boranes exist in three classes: 
1. Closo, these represent the boranes of [BnHm]2-
2. Nido, these represent the boranes of BnH(n+4) or [BnH(n+3)]-
3. Arachno, these represent the boranes of BnH(n+6) or [BnH(n+5)]-
All boranes are extremely unstable and will react violently with air to give the boron oxide and water vapor. A useful periodic property is known as the diagonal relationship which states that elements in the upper left of the periodic table have similar properties to the elements to the bottom right of them, this makes Si very similar to B. Boron is used in organic synthesis in the process known as hydroboration, this topic is covered more indepth in the organic textbook on the website. The important reactions of boron are shown below: 

Aluminum is the most common metal on earth, but it exists almost exclusively as its oxide. Aluminum oxide forms an oxide layer just on the outside surface of the aluminum because the oxide fit snuggly in the pores of the crystal lattice. Because of the high reactivity of aluminum, isolation of its elemental form proved elusive until the Heroult Hall process was invented which allowed for the facile extraction of aluminum from the commonly occurring oxide. Aluminum is the most electrically conductive metal and has a very negative reduction potential. The hydroxide salt of aluminum is amphoteric, being able to dissolve in both acidic and basic media, in acidic media it forms the hexaaqua aluminum cation and in basic media it forms tetrahydroxyaluminate anion which are soluble in water. The neutral aluminum hydroxide compound is a gelatinous clear solid. Due to aluminum’s high charge density, only the AlF3 is ionic, all other aluminum halides are dimeric covalent compounds of the form Al2X6. These aluminum trihalides are very useful Lewis acid catalysts, AlCl3 is used to catalyze the Friedel-Crafts reaction in organic chemistry as part of the broad category of reactions referred to as Electrophilic Aromatic Substitution reactions.  Important reactions of aluminum are shown below: 
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Group 4A Chemistry
Group 4A chemistry is rich, just the chemistry of carbon is a course in itself (organic chemistry), but we will cover the relevant information from the inorganic chemist’s perspective, with the three most relevant elements in this group being C, Si, and Pb. 
Life on Earth is carbon-based, most all biological molecules are comprised of carbon. The chemistry of carbon is so rich because of its numerous unique features: 
1. Its ability to support oxidation states ranging from -4 to +4
2. Its relatively strong bonds and bonds that are of comparable energy
3. Its ability to form bonds with itself well
4. Its ability to form cyclic structures
This allows carbon based compounds to adopt numerous different arrangements in space and gives carbon a unique place on the periodic table and a special place in my heart. Silicon in contrast forms very strong bonds with oxygen and the Si-Si bond is exceptionally weak (222 kJ/mol) compared to the Si-O bond (452 kJ/mol), therefore the formation of Si-O bonds dominates Si chemistry! The difference in energy between Si=O bonds and Si-O bonds is also not very much (452 vs 642 kJ/mol), therefore Si prefers to have single bonded oxygen’s. This is in stark contrast to carbon chemistry, where there is a substantially higher difference in energy between the double and single bond to oxygen (799 kJ/mol vs 358 kJ/mol). 
Carbon forms many stable allotropes (different forms of its elemental state), the most well-known of these allotropes are diamond and graphite. Diamond is comprised tetrahedrally coordinated carbon atoms, while graphite is comprised of sp2 hybridized carbons only. Another form of carbon are fullerenes, which are large 3-dimensional cyclic forms of carbon atoms, the first discovered was C60 and C70, these structures are commonly referred to as Bucky balls. Nanotubes can be made from carbon and these structures show excellent promise for the next generation of materials with unique and interesting properties. Although carbon chemistry is typically covalent, there are a couple examples of ionic compounds forming with carbon, notably the ionic carbides. 
Ionic carbides are only formed with the least electronegative elements on the periodic table (alkali and alkaline earth metals), however, because of the high charge density of the cations and the large size of C4- anion, these compounds typically have significant covalent character to their bonding (Fajan’s rules). The reaction of these compounds with water results in the corresponding hydroxide salt and acetylene in the case of alkali carbides and methane in the case of alkaline earth or aluminum carbides. 
Covalent carbides also exist and the only notable examples are SiC and B4C. These carbides are very hard and display high melting points. 
Metallic carbides exist as interstitial carbides, meaning carbon atoms fill the holes in the metal crystal structure and are typically formed by transition metals and carbon. These metallic carbides are good conductors of electricity, are hard, and display high melting points. 
Carbon can react with oxygen gas to form CO or CO2 depending on the amount of oxygen present, excess oxygen results in the formation of CO2. Carbon monoxide is an excellent ligand in transition metal complexes and is a very reactive gas, giving poisonous gas phosgene upon reaction with chlorine gas. Carbon monoxide also reacts with hydrogen gas to make methanol, this mixture of gases is known as synthesis gas because it is an important industrial process. 
Silicon can be extracted in its elemental form by reacting silica (SiO2) with elemental carbon (coke). Because of silicon’s diagonal relationship with boron, the silanes(silicon hydrides) are extremely reactive to dioxygen in the air and will react violently and exothermically to give SiO2
Silica is also used to make glass and there is a large body of compounds that involve SiO4-  or silicate anion. These compounds are commonly found in the Earth in the form of minerals such as emerald and ruby. The class of silicate has to do with the ratio of Si:O present in the compounds: 
1:4 = single silicate
1:3.5 = double silicate
1:3 = single chain silicate
1:2.75 = double chain silicate
1:2.5 = sheet silicate
1:2 = network solid
The color of the silicate mineral has to do with the trace amount of transition metal cations found in it, red typically being due to chromium impurities and blue typically being due to copper impurities. 
Polymers of silicon have also been developed and are referred to as silicones or polysiloxanes and are comprised of repeating silicon-oxygen bonds. These polymers typically polymerize in the presence of water which acts as the oxygen source and form a halogen gas when the reactant is a halosilane like dichlorodimethylsilane (CH3)2SiCl2. 
The chemistry of tin and lead is predominately covalent in nature when they are in their +4 oxidation states with few exceptions. The most stable form of both element is in the +2 oxidations state. 
The oxides of tin and lead show interesting parallels. Tin prefers to be in its +4 oxidation state when paired with oxide so the stable oxide for tin is SnO2 while for lead it is PbO. The tin oxide is amphoteric while the lead oxide is not, in acidic solution tin oxide forms tin(II) salts and in bases it forms the stannite ion. In fact lead(IV) oxide is more similar to tin(II) oxide because of its reactions with acids to make salts.
The reaction scheme for carbon is as follows:
[image: Rayner-Canham 5e Unnumbered Figure 14]
The reaction scheme for silicon is as follows:
[image: Rayner-Canham 5e Unnumbered Figure 14]


Group 5A Chemistry
Nitrogen and phosphorous play a critical role in the biological world, composing our amino acids and providing energy for the cell through ATP. Indeed the chemistry of nitrogen and phosphorous is critical for life itself and although these two elements are in the same group, their chemistries are largely different from each other. 
Nitrogen chemistry is rich in that for unstable nitrogen compounds, the great energy sink is generating nitrogen gas. This is because the nitrogen-nitrogen triple bond displays some of the strongest bond strength in all of chemistry (942 kJ/mol), even surpassing carbon-carbon triple bonds in strength (835 kJ/mol). The incredible stability of dinitrogen gas relative to its other forms is shown graphically by its frost diagram shown below: 
[image: ]
 The only form of nitrogen that is more stable than dinitrogen gas is the ammonium ion, however, the difference in free energy is very small, therefore most nitrogen species will react to form nitrogen gas if possible. This is the reason why nitrogen compounds are frequently associated with explosives, when they are agitated the exothermic reaction and gas it releases causes an explosion. This behavior is seen with ammonium compounds like ammonium nitrite, when compounds of this nature are heated they release nitrogen gas and liquid water. One of the most widely produced nitrogen-containing compound is ammonia and this is made industrially through the Borsh-Haber process which reacts nitrogen gas and hydrogen gas at high temperature and pressure in the presence of catalyst to produce ammonia. Ammonia is made naturally by the enzyme nitrogenase which is a metalloenzyme that requires highly reducing conditions to function, any slight exposure to oxygen will ruin catalytic activity. Nitrogen makes various hydrides, the most important being ammonia, hydrazine (N2H4), and hydrogen azide (HN3). Hydrazine is frequently used in organic synthesis for the formation of imine or Schiff bases. Hydrogen azide is a highly toxic compound with a pKa comparable to acetic acid and the anion, N3- is frequently used in organic synthesis for the production of urethanes, isocyanates, and primary amines. Aside from nitrogen hydrides, there are a variety of nitrogen oxides that exist: 
N2O, nitrous oxide; NO, nitric oxide; NO2, nitrogen dioxide; N2O3, dinitrogen trioxide; N2O4, dinitrogen tetroxide; and N2O5, dinitrogen pentoxide. Many of these gases like N2O are commonly produced industrially and are nasty greenhouse gases. 

Phosphorous shows some notable contrasts with its upstairs neighbor nitrogen, one such difference is the substantially lower preference to triple bond with itself, P-P single bonds and P-P triple bonds are not much different in energy compared to the nitrogen analogs (200 and 481 vs 247 and 942 kJ/mol). This is the reason why phosphorous’ elemental state is P4 comprised of single bonded phosphorus in a tetrahedron. 


And in contrast to nitrogen, phosphorous forms strong bonds with oxygen, this bias towards making bonds with oxygen define a lot of phosphorous chemistry. This difference between nitrogen and phosphorus can be seen in their chlorides reacting with water: 
PCl3 + 3H2O  H3PO3 + 3HCl
Vs. 
NCl3 + 3H2O  NH3 + 3HClO

The differences between nitrogen and phosphorous chemistry can be best seen by their differences in reactivity shown below: 




Group 6A Chemistry
Oxygen and sulfur are some of the two most important elements in the entire p-block due to their critical roles in protein structure and cellular metabolism. Group 6A is extremely important to understand, the three elements that will be highlighted in this text will be O, S, and Se because of their practical utility. 

Oxygen is most commonly associated with the dioxygen gas that we breath in that allows our cells to harness energy from the food we ingest in the form of ATP. This gas is very reactive and serves as a powerful oxidant (hence the term oxidation). The most important forms of oxygen are O2 and O3. Ozone, O3 is critical for preventing harmful radiation from the sun reaching us and causing things such as skin cancer. Oxygen also produces several different types of anions that we have already discussed in our discourse about the Group 1 elements. Oxygen is capable of carrying a charge of 0 to -2. 

There are some differences that are of particular interest in the chemistries of oxygen and sulfur. These differences parallel the differences seen in nitrogen and phosphorous. In the same way that nitrogen likes to form higher order bonds with itself, so too does oxygen. Sulfur and phosphorous have a much lower energetic preference for double and/or triple bonds with itself, this is likely because sulfur and phosphorous are much larger than oxygen and nitrogen therefore the bond distance is larger for them and there is less of an energy difference between double and single bonds. Much like phosphorous, sulfur prefers to single bond with itself, therefore the natural form of elemental sulfur is actually S8, which is similar to the natural form of phosphorus, P4. Because of the very low bond strength of O-O single bonds (142 kJ/mol), compounds that have consecutive oxygen’s singly bonded to each other are extremely reactive and rare, most of them are explosive. Oxygen therefore likes to bond to other elements like chlorine and hydrogen which have much higher bond strengths (218 kJ/mol and 459 kJ/mol). 

Sulfur has two main allotropes: rhombic sulfur and monoclinic sulfur. Most sulfur is in the rhombic form because it is the most thermodynamically stable form at standard ambient temperature and pressure as shown in the phase diagram: 
[image: ]
[image: http://images.flatworldknowledge.com/averillfwk/averillfwk-fig18_015.jpg]
Sulfur is second only to carbon for its tendency to bond with itself. This results in many sulfur compounds being between 1-19 sulfurs long and these chains are usually capped by heteroatoms like hydrogen or chlorine. Sulfur has an interesting frost diagram which shows its high instability in acidic solution: [image: Rayner-Canham 5e Figure 16]
Sulfur is also substantially more stable in base than it is in acid which makes sulfuric acid a powerful oxidizing acid. Sulfate is also the most stable form of sulfur as shown by its Pourbaix diagram: 
[image: Rayner-Canham 5e Figure 16]
Sulfur is a major contributor to acid rain. When sulfur sources like volcanos erupt, two gases escape into the atmosphere: SO2 and SO3, with the former giving rise to sulfurous acid when in contact with rain water and the latter giving rise to sulfuric acid. Because sulfur oxides are extremely acidic, these common pollutants are the main contributors to lake acidification and acid rain. 
By far the most important reagent that comes from sulfur chemistry is the ubiquitous sulfuric acid. This acid is so important because of its many uses: 
1. As an acid in its dilute form
2. As a dehydrating agent (reaction of sulfuric acid and carbohydrates for example) 
3. As an oxidizing agent when it is concentrated and hot 
4. As a sulfonating agent in organic chemistry 
5. As a base when exposed to super acids like fluoro sulfonic acid. 
Sulfuric acid is primarily made in a four step process:
S(l) + O2(g)  SO2 (g) 
2SO2 (g) + O2 (g)  SO3(g) in the presence of a vanadium (V) oxide catalyst
SO3 (g) + H2SO4 (l) H2S2O7 (l) to give a less vigorous reaction with water 
H2S2O7 (l) + H2O(l)  2H2SO4 (l)

Selenium is another important element in the oxygen group for its use as a semiconductor and its use in antioxidant enzymes. Elemental selenium exists in two main allotropes, the black hexagonal allotrope and the red monoclinic allotrope.
 [image: File:SeBlackRed.jpg]
[image: http://www.oceannanotech.com/upload/090701093500852790sczddd.jpg]
Selenium quantum dots  


Group 7A Chemistry 
Some of the most reactive gases on the face of the planet belong to group 7A or the halogen group. The infamous reactivity of F2 and Cl2 is revered the world over, but why is it that these gases are so reactive? This question can be answered in two parts, firstly by evaluating bond energies and secondly by looking at redox potentials. Both F2 and Cl2 have extremely low bond strength (155 kJ/mol and 240 kJ/mol respectively), these extremely low bond energies are even more dramatic when compared to the bonds they form with other elements like carbon and hydrogen: C-F bonds have a bond strength of 485 kJ/mol and C-Cl bonds have a strength of 327 kJ/mol. The difference is even more stark if one looks at bonds with hydrogen, H-F bonds are extremely strong (565 kJ/mol) and H-Cl are also very strong (428 kJ/mol). Because the bonds that are broken are very weak compared to the bonds that are formed, reactions of these gases with many compounds, specifically organic compounds are notably very exothermic. Recall that the equation to determine the enthalpy of a reaction using bond energies is: 

Because the bonds formed are stronger, BDEproducts > BDEreactants therefore the overall reaction is exothermic and favored enthalpy-wise, typically to a very large extent because of the huge difference in bond energy shown above. The reason for this discrepancy in bond energy is likely attributed to partial ionic character of the bonding, this makes electrostatic attraction starker and because hydrogen for example is so small, the distance between the two charges is very small therefore, the electrostatic attraction is very large and the bond energy is also large. 
The second reason why halogen gases are so reactive is because of their redox potentials, the following are the latimer diagrams for halogens in acidic media: 
[image: ]
Notice that for all halogens besides iodine, the most stable state is the halide anion, and all of them have very large reduction potentials. Fluorine gas, for example, has one of the highest reduction potentials of all compounds, this makes it an excellent oxidant and therefore reactions involving fluorine gas are often explosive. This trend of large reduction potentials can arguably be better seen for the halogens in basic media: 
[image: ]
In base the reduction potential for fluorine is the same, but as you can see, the reduction potentials for all of the halogens to their halide anion are strictly positive, meaning the most stable form of the halogens according to their Latimer diagrams are their respective halide anions. There are also many species that can disproportionate in acid and base, see if you can figure them out. If you need to have a review of Latimer diagrams, check out the redox section of this text. The following is the Frost diagram for chlorine [image: Rayner-Canham 5e Figure 17]
Because the perchlorate anion is very unstable, it is an excellent oxidant because it would rather be reduced. This oxidizing ability is even more pronounced in acid than in base because it is more unstable in acid than base as shown above. 
Because of how reactive the halogens are they do a tremendous amount of reactions: 
[image: Rayner-Canham 5e Unnumbered Figure 17]
[image: Rayner-Canham 5e Unnumbered Figure 17]
Group 8A Chemistry 
The Nobel gases are extremely unreactive, therefore their chemistry is limited to the larger gases of Xe and Kr. The reactivity of the Nobel gases progressively increase going down the group, with the least reactive being He and the most reactive being Rn. These elements only react under very special circumstances and only with the most electronegative elements on the periodic table and those with large reduction potential. Xe makes stable compounds with F, such as XeF6, XeF4, and XeF2. Xenon chemistry is the most well-defined of the Nobel gases, it also forms stable compounds with oxygen, XeO2, XeO3, XeO4, and it forms mixed compounds XeOF2, XeOF4, XeO2F2, and XeO3F2. 


Transition Metal Complexes
Before discussing the stereochemistry and properties of transition metal complexes, it is important to be able to discuss relationships that exist for transition metals. One of the most important periodic relationships is known as the Knights Move Relationship. This relationship refers to the right side of the d-block transition metals and it relates the metal with an element in the p-block that is two down and three to the right of it. For example, there is a Knights move relationship between zinc and tin and between cadmium and lead. This relationship can partially explain the toxicity of lead, because it shares a Knight’s move relationship with cadmium and zinc and cadmium are in the same group, lead can poison enzymes by replacing zinc cofactors. This would decrease catalytic activity ultimately leading to death. 
Some of the most interesting properties of transition metals is the wide variety of complexes that they can form with ligands because of their d-orbitals. This unique character allows them to do things that no s-block or p-block element can do and makes them especially useful for catalyst development for organic reactions. The complexes that these elements can form are so vast that there is an entire nomenclature dedicated to these complexes, which we will delve into now. In any transition metal complex there are two things, the metal and the ligand(s). This reaction can be thought of a Lewis acid reacting with a Lewis base. Though this interpretation isn’t completely correct, this is a useful starting point for analyzing the transition metal complexes. A ligand needs lone pair electrons with which it can ‘attack’ or bond with the metal. In this way, the metal effectively acts as a Lewis acid and the ligand acts as a Lewis base. A ligand can bond with the metal at more than one coordination site, if that is the case then the ligand is called a polydentate ligand, if it binds two sites it is referred to as a bidentate ligand, three sites, tridentate ligand, etc. The most common polydentate ligands are EDTA (tetradentate), ethylenediamine commonly referred to as en (bidentate), and oxalate (bidentate). 
Complex ions are named similarly to simple ions: 
· Cation written first and anion written after. 
· When a compound is acting as a ligand, the suffix changes from –ide to –o, i.e. chloro from chloride. 
· When there is more than one ligand indicate the number with di-, tri-, tetra-, etc. 
· When the ligand is binding the metal at more than one spot (coordination site), indicate the number of ligand with bis-, tris-, tetrakis-, etc. 
· If the metal is in the anionic portion of the complex, change the ending of the metal to –ate, i.e. nickel  nickelate or cobalt  cobaltate 
· Species ligands: water = aqua, ammonia = ammine 
· Specify the oxidation state of the metal in parenthesis and roman numerals


Practice: 
Name the following complexes: 
[Pt(NH3)2Cl2]
K2[PtCl4]
K4[Fe(CN)3Br3]
[Cu(NH3)4]CO3
[Co(en)3]Cl2
Answers: 
First determine the charge of the metal, ammonia ligands are neutral therefore they don’t change the charge of the metal, but chloro, bromo, and cyano ligands are all -1 charge. Then determine if the metal is in the cation or anion, if it is in the anion then add ‘ate’ to the end of the metal name when writing the name. 
Diamminedichloroplatinum(II)  
Potassium tetrachloroplatinate(II)
Potassium tribromotricyanoironate(VI)
Tetraamminecopper(II) carbonate
Tris(ethylenediamine)cobalt(II) chloride

An important property of the metal is the coordination number, or the number of ligating atoms. For metals that have a coordination number of 2, they are linear, CN=4 would be tetrahedral or square planar depending on the type of ligand and the preference of the metal (Zn prefers tetrahedral but Pt prefers square planar). CN = 5 would be either trigonal bipyramidal or square pyramidal depending upon coordination preference for the metal involved (iron preferring trigonal bipyramidal and copper preferring square pyramidal). For CN = 6 then the most common shape is octahedral. Coordination number of 6 is the most commonly adopted configuration for most transition metal complexes. 



There are many different types of isomers present in transition metal complexes:
· Linkage isomers, which atom is donating electrons to the metal in things like thiocyanate ligands (SCN) and nitrito ligands (NO2). If the S or N binds then that is a different isomer, or if the N or O bind then that is also a different isomer. 
· Ionization isomers, depends on which anion acts as the counter ion
· Hydration isomers, how many waters are coordinated with the metal
· Coordination isomers, do the ligands swap between cation and anion
· Geometric isomers, are the groups cis or trans to each other
· Optical isomers, is there a chiral center are there mirror images that are different compounds?
There are several properties of these complexes that change according to the ligands that attach the metal center. Some ligands support higher oxidation states than others, for example, O2- ligands stabilize high oxidation states. Other prefer low oxidation state metals, for example CO ligands prefer low or no charge on the metal. The color of these transition metal complexes can also be predicted based off the ligands and oxidation state of the metal. The higher the oxidation state the higher energy (lower wavelength) light it absorbs. The higher the number of ligands attaching to the metal, the higher energy (lower wavelength) light it absorbs. The nature of the ligand also affects what wavelength of light it absorbs. The effects that the ligand has on the wavelength of light absorbed can be predicted using the spectrochemical series, the higher up on the spectrochemical series, the higher energy (lower wavelength) light it absorbs. The spectrochemical series can be rationalized by looking at the nature of the ligand. Ligands that have extra lone pairs directly attached to the metal are referred to as -donor ligands. These ligands are weak-field ligands because they can donate electrons to the metal and decrease the gap between the low and high-energy d-orbitals. They do this by raising the energy of the d-orbital electrons by donating electron density. Ligands that have conjugated double bonds are referred to as -acceptor ligands and these ligands are strong-field ligands. These ligands remove electron density from the metal, this removal increases the energy difference between the low-energy d-orbitals and the high-energy d-orbitals. 
 CN-, CO > NO2-, phen > bpy > SO32- > NH3 > NCS- > H2O
H2O > OH- > F- > Cl- > SCN- > Br- > I-







When these ligands bind to the metal center the d-orbitals of the metal become nondegenerate and stratify into different energy levels. The higher up on the spectrochemical series the ligand is, the larger the differences are in the energy levels, referred to as Δoct for octahedral complexes and Δtet for tetrahedral complexes. The energy ladder for the octahedral complexes are as follows:
[image: Rayner-Canham 5e Figure 19]
If the metal is ‘high spin’ then the higher and lower energy levels are close in energy and they can be treated as essentially degenerate, fill each orbital in turn until you absolutely have to pair up. If the metal is ‘low spin’ then the higher and lower energy levels are far in energy and the levels cannot be treated as degenerate, the lower energy orbitals are filled first and then the higher energy ones. The spin state of the metal depends upon the ligands and oxidation state as previously described, high oxidation state and strong field ligands (ones that are high up on the spectrochemical series) makes for lower spin metals. Sometimes complexes are not octahedral in coordination and are square planar or tetrahedral if they have four ligands. In the case of a tetrahedral complex, the difference in energy levels is so small that one can assume a high spin environment. In the case of a square planar complex, the ligands are always strong field ligands; the complex is always low spin.  The d-orbital splitting for tetrahedral and square planar complexes are as follows: 
[image: Rayner-Canham 5e Figure 19]
[image: Rayner-Canham 5e Figure 19]

Practice: 
1. If [Cu(NH3)4]SO4 is a dark blue, which ligand(s) would produce a lighter blue color?
a. OH-
b. CN
c. CO
d. NO2-
2. If [Fe(NH3)6]3+ is a light orange, what color would the [Fe(NH3)]2+ complex be?
Because the hexaammineiron(III) complex is light orange, the hexaammineiron(II) complex would be a darker orange because it would absorb light of a higher wavelength (lower energy) and the opposite of light orange is dark blue while the opposite of dark orange is a lighter blue. 
[image: Color Wheel Primer | HGTV]

In addition to color, the magnetic properties of these solids can also be accurately predicted by looking at the spin state of the metal center, high spin complexes will always have a larger magnetic moment than low spin complexes. This is because high spin complexes are those that have the most number of unpaired electrons, the following formula can be used to calculate the magnetic moment for a compound given number of unpaired electrons: 

The units for magnetic moment is Bohr Magnetons or BM. 
There are some rules for determining the spin state of the metal: 
· Heavier metals prefer low-spin state
· Higher oxidation state of the metal prefer low-spin state
· Ligands that are higher on the spectrochemical series prefer low-spin state 
· More ligands prefer low-spin state

The reason why d-orbitals split in the first place is because of crystal field stabilization energy (CFSE), which is the amount of energy saved by splitting the d-orbitals of the metal. This can be easily calculated by multiplying the number of electrons in the orbital by some fraction of Δ. For example, let’s take a d6 octahedral complex in the low-spin state and high-spin state. 
In the low-spin system we have:
  [image: Rayner-Canham 5e Figure 19]
To calculate CFSE simply multiply the number of electrons in the low-energy d-orbital by 2/5 Δ and add in the pairing energy, commonly denoted as Π. There is a negative because the low-energy d-orbitals are lower in energy than the degenerate free ion orbitals. 

In the high-spin system we have: 
[image: Rayner-Canham 5e Figure 19]
Therefore to calculate CFSE: 

[bookmark: _GoBack]
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